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FOREWORD 
ADVANCES IN CHEMISTRY SERIES was founded in 1949 by the 

American Chemical Society as an outlet for symposia and col­
lections of data in special areas of topical interest that could 
not be accommodated in the Society's journals. It provides a 
medium for symposia that would otherwise be fragmented, 
their papers distributed among several journals or not pub­
lished at all. Papers are refereed critically according to ACS 
editorial standards and receive the careful attention and proc­
essing characteristic of ACS publications. Papers published 
in ADVANCES IN CHEMISTRY SERTES are original contributions 
not published elsewhere in whole or major part and include 
reports of research as well as reviews since symposia may 
embrace both types of presentation. 
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PREFACE 

major symposium on thermodynamic behavior of electrolytes in 
mixed solvents has been long overdue. This collection of papers 

attempts to draw together the wide range of effects that electrolytes 
exert in solvents consisting of two or more components. The papers 
reflect both the scope of the effects involved and the variety of work 
being done to elucidate them. Nine different countries are represented 
by the 25 contributions: the United States, Canada, Britain, Japan, 
Australia, Czechoslovakia, France, The Netherlands, and Spain. The 
book is divided into two sections; the first deals with the effects of electro­
lytes on the composition of the equilibrium vapor phase, and the second 
with effects on other thermodynamic and physicochemical properties of 
such solutions. 

The topic covered in the 10 papers of the first section is commonly 
referred to as salt effect in vapor-liquid equilibrium and is potentially 
of great industrial importance. This salt effect leads to extractive dis­
tillation processes in which a dissolved salt replaces a liquid additive as 
the separating agent; the replacement often results in a greatly improved 
separating ability and reduced energy requirements. Two papers in 
this volume, those by Sloan and by Vaillancourt, illustrate the use of 
such processing to concentrate nitric acid from its aqueous azeotrope. 
Nevertheless, the effect has not been exploited by industry to nearly the 
extent that would seem to be merited by its scientific promise. 

The papers in the second section deal primarily with the liquid 
phase itself rather than with its equilibrium vapor. They cover effects 
of electrolytes on mixed solvents with respect to solubilities, solvation 
and liquid structure, distribution coefficients, chemical potentials, activity 
coefficients, work functions, heat capacities, heats of solution, volumes of 
transfer, free energies of transfer, electrical potentials, conductances, 
ionization constants, electrostatic theory, osmotic coefficients, acidity 
functions, viscosities, and related properties and behavior. 

In addition to the applications in extractive distillation referred to 
above, there are other industrial examples where electrolytes in mixed 
solvents occur. In many industrial situations nonvolatile electrolytes are 
either added to effect the separation of multicomponent process streams 
(e.g., the complexing agents added to enhance distribution coefficients in 
solvent extraction) or are present as a result of the process itself. Ex-

ix 
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amples of the latter include the product streams from a wide range of 
chemical processes such as: neutralizations and certain esterifications and 
etherifications; systems such as those encountered in some fuel cells and 
batteries; and specialized processing such as certain distillations accom­
panied by chemical reaction. The properties and behavior of such mix­
tures must be well understood if separation operations involving them are 
to be designed effectively. 

Finally I would like to thank Rose Boucher for stenographic support 
in the work of organizing and conducting the symposium and in prepar­
ing the book, and my wife Pamela for her patience and understanding. 

Kingston, Ontario WILLIAM F. FURTER 
April 15, 1976 
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1 

Correlation of Vapor-Liquid 
Equilibrium Systems Containing Two 
Solvents and One Salt 

ENRIQUE BEKERMAN1 and DIMITRIOS TASSIOS 

New Jersey Institute of Technology, Newark, N.J. 07102 

Vapor-liquid equilibrium data for systems containing two sol­
vents and one salt are correlated with the NRTL and LEMF 
equations. For the system methanol-water-LiCl the results 
are better than those of the Broul and Hala correlations. Good 
results were also obtained for the two systems containing 
CaCl2 and potassium acetate, while for two systems contain­
ing HgCl2—of questionable experimental accuracy—salting-
out rather than salting-in was calculated. Prediction of the 
ternary behavior from the binary data appears possible, but ad­
ditional experimental data are needed for the development of 
guidelines for the choice of the appropriate value of α for the 
solvent-solvent system. 

The effect of salts on the vapor-liquid equilibrium of solvent mix­
tures has been of considerable interest in recent years. Introduction of a salt 

into a binary solvent mixture results in a change in the relative volatility of the 
solvents. This effect can be used to an advantage where the separation of the 
solvents is of interest. Furter and co-workers have demonstrated the potential 
importance of salts as separating agents in extractive distillation (1, 2, 3). 

Several authors have attempted to correlate the vapor-liquid equilibrium 
(VLE) data for binary systems in the presence of salts at various concentrations. 
Johnson and Furter (4) successfully correlated a large number of systems con­
sisting of an alcohol, water, and a salt at saturation, by the following equation: 

where £3 is called the salt-effect parameter, as and «o are the relative volatilities 
with and without salt respectively, and X3 is the mole fraction of the salt. The 
parameter fc3 was found to be surprisingly independent of the value of the liquid 

1 Current address: Tuck Industries, Inc., New Rochelle, N.Y. 10801 

( i ) 
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4 T H E R M O D Y N A M I C BEHAVIOR O F E L E C T R O L Y T E S 

Table I. Data Sources 

I. Ternary Systems References 

1. Methanol -water - l i th ium chloride @ 60°C 13 
2. Methanol -water -ca lc ium chloride @ 752 mmHg 4 
3. Methanol-water-potassium acetate @ 764 mmHg 5 
4. Methanol-water-mercuric chloride @ 758 mmHg 4 
5. Ethanol—water-mercuric chloride @ 750 mmHg 4 

II. Binary Systems 
1. Methanol-water @ 60°C 13 
2. Methanol-water @ 760 m m H g 18, 21 
3. Ethanol-water @ 760 mmHg 22 
4. Water- l i th ium chloride @ 60°C 13 
5. Water-calcium chloride @ 760 mmHg 23 
6. Water-potassium acetate @ 760 mmHg 23 
7. Water-mercuric chloride @ 760 mmHg 23 
8. Methanol - l i th ium chloride @ 60°C 13 
9. Methanol-calc ium chloride @ 760 mmHg 23 

10. Methanol-potassium acetate @ 760 mmHg 23 
11. Methanol-mercuric chloride @ 760 mmHg 23 
12. Ethanol-mercuric chloride @ 760 mmHg 23 

III. Antoine Constants 22 
I V . Parameters for the Solubility Equation 4 

(Used for the mercuric chloride systems) 

phase mole fraction. Meranda and Furter (5) found that this independence of 
the parameter k$ w i t h %2 does not apply to systems containing acetate salts at 
saturation. Yoshida (6) found that Equat ion 1 does not correlate water-acetic 
acid-salt systems. 

Jaques and Furter (7,8) successfully fitted the T - P - X data of various isobaric 
systems saturated wi th a salt by treating the systems as pseudobinaries and using 
the Wilson equation for correlation. Rousseau et al. (9) used a similar approach 
i n correlating the data of Johnson and Furter by means of the van L a a r (JO), 
Wi l son (11) and N R T L (12) equations. 

Broul et al . (13) and H a l a (14) developed a correlation scheme for systems 
containing two solvents and one salt, w h i c h they appl ied to several salt concen­
trations, not just to the saturation level as in the studies mentioned above. They 
uti l ized the binary V L E data for the three binaries (solvent 1-salt; solvent 2-salt; 
and solvent 1-solvent 2) along wi th the ternary data to correlate successfully the 
ternary results. They employed the Margules equation (15) w i t h the addit ion 
of a term to account for the coulombic interactions. 

Because of the limitations of the Margules equation—especially in predicting 
multicomponent V L E data—the Wilson, N R T L , and L E M F (16) equations are 
employed in this study. The experimental data on the systems presented in Table 
I were used i n this work. These are the only systems for w h i c h both binary and 
ternary data could be found in the literature. As a matter of fact, uncertainties 
do exist about the accuracy of the two H g C l 2 systems. T h e m a x i m u m boi l ing 

 P
ub

lic
at

io
n 

D
at

e:
 J

un
e 

1,
 1

97
6 

| d
oi

: 1
0.

10
21

/b
a-

19
76

-0
15

5.
ch

00
1

In Thermodynamic Behavior of Electrolytes in Mixed Solvents; Furter, W.; 
Advances in Chemistry; American Chemical Society: Washington, DC, 1976. 



1. B E K E R M A N A N D TASSIOS Vapor-Liquid Equilibrium Systems 5 

point elevation is only 0 .755°C for the E t O H - H g C l 2 and 1 .27°C for the 
M e O H - H g C l 2 wi th most of the data points fal l ing wi th in 0.2°C. The data were 
obtained i n 1896 and 1890 respectively. One addit ional point for each system 
consisting of the alcohol saturated w i t h H g C l 2 was obtained f r o m the Johnson 
and Furter data. The concentration of mercuric chloride i n the ternaries had 
to be calculated f r o m the Johnson and Furter solubility equation since the n u ­
merical data were not given. In addit ion, Jaques and Furter (7) indicate that 
the e thanol -water-mercuric chloride data fai led to meet their thermodynamic 
consistency test. Therefore, the val idi ty of the data for these two systems is 
somewhat questionable. 

The Method 

In the present study, systems composed of two solvents and a salt are treated 
as ternary systems. Data on the vapor pressure depression of the solvent by the 
salt for isothermal systems and on the boi l ing point elevation of the solvent i n the 
presence of salt for isobaric systems are used to develop the parameters for the 
solvent-salt binaries. F o r such binaries only the activity coefficients for the 
solvent are considered. The parameters for a l l three binary sets are generated 
f r o m the binary data by a regression subroutine. 

Vapor phase ideality was assumed in a l l the computations. Because the 
pressure of the systems studied d i d not exceed atmospheric pressure, this as­
sumption is acceptable. Hence, the activity coefficient for the solvent was de­
f ined by: 

where: 
i = 1 and 2 for solvent 1 and solvent 2 

X[ = l iquid phase analytical composition (assuming no salt dissociation when 
a salt is present) 

t/i = vapor phase mole fraction (equal to unity for solvent salt binaries) 
P = total pressure 

P° = saturation pressure of pure i at system temperature. 
The fo l lowing three equations were used for the correlation of the activity 

coefficient to solution composition. The W i l s o n (11) equation: 

lnu = -In [ 51 « j A k j ] + 1 - £ (3) 
Lj=l J i=l m 

E 

where: 

A« = 
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6 T H E R M O D Y N A M I C BEHAVIOR O F E L E C T R O L Y T E S 

As seen from Equation 3 only binary parameters are needed for the determination 
of the ternary activity coefficients, and two parameters per binary system are 
needed. 

The N R T L equation (12): 

n n 
E TjiGjiXj E XlTljGjj 

I n * = * + U - ^ ) (4) 
n j=l n \ n / 

E G k j X k £ Gkj^k E GkjXk 
k=l k=l k=l 

where 

Tji = (gji - ga)/RT 

Gji = e x p ( - a j i r j i ) 

ay = «ji and gy = gji 

A g a i n , only binary parameters are needed for the determination of the ternary. 
F o r a given binary system the equation contains two adjustable parameters ( g i 2 

~ g n ) and (gi2 — #22)- T h e equation also contains the parameter «i2, w h i c h 
according to Renon and Prausnitz must assume a positive value. Renon and 
Prausnitz indicate that, on the basis of the type of system under consideration, 
a value of a\2 can be determined a priori equal to 0.20,0.30, or 0.47. O n the other 
hand, M a r i n a and Tassios (16) showed that a can assume negative values and 
recommended a = —1.0. This is k n o w n as the L E M F equation. In general a 
can be considered an adjustable parameter, and some authors establish its value 
by regressing the experimental data when correlating b inary V L E data or pre­
d ic t ing mult icomponent ones. 

The W i l s o n equation was considered first. Great problems were encoun­
tered wi th this equation. Negative values for one or both of the parameters A12 
and A21 were often obtained by regressing the solvent-salt data. As it can be 
seen f r o m Equat ion 3, a negative value for AA j is unacceptable. 

Fol lowing the failure of the Wilson equation the N R T L and L E M F equation 
were considered. Pre l iminary studies using analytical mole fractions, i.e. as­
suming no salt dissociation, gave good results for the isothermal system (water-
m e t h a n o l - L i C l ) ; for isobaric data, however, no results could be obtained since 
the bubble point temperature subroutine fa i led to converge. It was decided, 
therefore, to assume complete salt dissociation, as suggested by Broul (IS) and 
H a l a (14) and to define the mole fractions and activity coefficients as follows: 

1 — Xi \ B inary System, i = 1 and 2 (5) 

P I 
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1. B E K E R M A N A N D TASSIOS Vapor-Liquid Equilibrium Systems 7 

xi = 

*2 = 
x i + x2 + iocs } Ternary System (6) 

Xs = I — X\ — 

7 i =• 

where: 
v = number of ions resulting from the complete dissociation of one molecule 

of salt, and 
X[ = analytical mole fraction. 
This def ini t ion of x' and y' is more realistic at low and moderate salt con­

centrations and is i n agreement w i t h that of Sada and Morisue (17). B r o u l and 
Hala also assumed complete salt dissociation. The assumption of ful l dissociation 
of the salt may not be entirely val id at high salt concentrations, especially where 
the concentration of the nonaqueous solvent is also high. However, even in those 
instances where the assumption of f u l l dissociation of the salt may be inva l id , it 
appears to describe the system better than ignoring salt ionization completely. 
The terms xf and y' are referred to hereafter as ionic mole fraction and ionic 
activity coefficient, respectively. These should not be confused w i t h the mean 
ionic terms used by H a l a w h i c h are also based on complete salt dissociation, but 
are defined differently. N o convergence problems were encountered when the 
ionic quantities were employed. 

The Values of a\s, a23> and a 12. 

First the value of a for the solvent-salt binaries was considered. N o prec­
edent for using the N R T L equation for such systems is known to the writers except 
for the work of Rousseau et al . , where a was obtained by regression of the data, 
but this was appl ied to solvent-solvent-salt systems treated as pseudobinaries. 
Determination of a by regression of the solvent-salt data lead to the observation 
that, even though elimination of one data point resulted often i n a drastic change 
of the value of a, the quality of the obtained fit was always good and, for practical 
purposes, independent of the value of a. It was decided therefore to use the value 
«13 = «23 = 0.30. The values of the ionic activity coefficients for certain binaries 
d i d not deviate f rom unity by more than 10%. These binaries consisted of those 
where the salt is not very soluble in the solvent and the effect on the boi l ing point 
of the solvent is very small. Treating such binaries as ideal for two of the systems 
resulted in comparable ternary correlations, as shown i n Table II. Assuming the 
M e O H - C a C l 2 system to behave ideally yielded better ternary results than those 
obtained by treating it as real. F o r the potassium acetate system the assumption 
of ideality results in reduction of the m a x i m u m error in yh This assumption used 
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8 T H E R M O D Y N A M I C BEHAVIOR O F E L E C T R O L Y T E S 

T a b l e I I . E f f e c t o f A s s u m i n g I d e a l B e h a v i o r f o r t h e 
B i n a r y S y s t e m W h e r e 7's A r e W i t h i n 1 0 % F r o m U n i t y * 

System 

MeOH (l)-Water (2) 
MeOH (l)-Water (2)-CaCl2(3) -Potass. Acet.(3) 

<*13 0.30 0.30 0.30 0.30 
Ideal 1681 Ideal 1681 Ideal 1786 Ideal 1786 

& 1 3 3 16647 16647 - 1 9 7 0 - 1 9 7 0 
<*2 3 0.30 0.30 0.30 0.30 0.30 0.30 0.30 0.30 
8 2 i~8 2 2 - 1 6 0 2 - 1 6 0 2 - 1 6 0 2 - 1 6 0 2 1558 1558 1558 1558 
8l2~8l3 - 1 5 6 6 - 1 5 6 6 - 1 5 6 6 - 1 5 6 6 - 1 7 3 5 - 1 7 3 5 - 1 7 3 5 - 1 7 3 5 
0Ll2 - 0 . 1 0 - 0 . 1 0 0.30 0.30 - 0 . 1 0 - 0 . 1 0 0.30 0.30 
S\ 2~8\ i 1431 1431 - 1 7 1 - 1 7 1 1431 1431 - 1 7 1 - 1 7 1 
& 1 2~82 2 1194 1194 763 763 1194 1194 763 763 
' A y , L e a n 0.029 0.039 0.037 0.065 0.040 0.026 0.074 0.056 
1 A y , L a x 0.048 0.091 0.069 0.140 0.069 0.085 0.137 0.264 

aComparison is based on Perry's data for the 1—2 binary. 

in all four sets of isobaric data, w i l l also simplify the procedure where binary data 
are not readily available. In such a case, a measurement of the boi l ing point at 
saturation w o u l d indicate whether or not the binary system can be described as 
behaving ideally w i t h i n the solubility range. Rousseau and co-workers took a 
similar approach when they neglected the effect of the salt on the vapor pressure 
of the alcohol i n alcohol-water-salt systems. 

T u r n i n g now to the solvent-solvent binary, the effect of the value of a\2 on 
the qual i ty of the obtained fit is we l l established (12,16). Since this b inary had 
the largest number of experimental activity coefficients—for the solvent-salt 
binaries only the y of the solvent is used—it was decided to let a\2 vary between 
+1.0 and —3.0 w i t h the best f it of the ternary data as cri terion for its o p t i m u m 
value. The possibilities of vary ing the other two as (#13 and #23) to obtain the 
best ternary fit was rejected; although it would probably lead to better correlation 
of the ternary results, it could not lead to any predict ive scheme. The number 
of available systems is s imply too l imi ted for the establishment of o p t i m u m a 
values for al l three binaries. 

Results and Discussion 

Figures 1-5 present plots of the average absolute error i n t/i vs. #12 for the 
f ive ternary systems considered i n this study. F o r three of the four isobaric 
systems, two sources of V L E data for the M e O H - w a t e r b inary have been used 
to demonstrate the impact on the correlation of the ternary data. W h i l e the 
difference is not drastic, the better data of Ramalho et al. (18) also provide better 
correlation, as evidenced by Figures 1-3. The ensuing discussion is based on 
the latter data. Table III presents the o p t i m u m a\2 in the positive and negative 
regions. Considering the diversity of the systems studied—e.g. , three involved 
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1. B E K E R M A N A N D TASSIOS Vapor-Liquid Equilibrium Systems 9 

005 

±10.03 

• DATA OF RAMALHO FOR 1-2 BINARY 
• DATA OF PERRY FOR 1-2 BINARY 

-U5 + 0.5 + 2.0 

Figure 1. Plot of \ Ayi\mean vs. a\2: methanol-water-CaCl2 @ 752 mmHg; 
a 13 = 0.0 {ideal), a 2 3 = 0.30 

salting-out and two salting-in—this is not unexpected. O n the other hand, ex­
amination of more data could lead to a set of opt imum values for a\2 as a function 
of the system involved. This, of course, was done for binary systems by Renon 
and Prausnitz (12). 

As far as correlation of ternary data is concerned, the method has provided 
results that range f r o m poor to excellent: for the M e O H - w a t e r - H g C ^ system 
no salt effect is predicted; for the E t O H - w a t e r - H g C ^ system, salting-out instead 
of salting-in is predicted. The reservations concerning the quality of the binary 
data for these two systems have been mentioned earlier. F o r the M e O H -

T a b l e III. O p t i m u m V a l u e s o f a 1 2 i n the P o s i t i v e a n d N e g a t i v e 
R e g i o n s B a s e d o n T e r n a r y V a p o r M o l e F r a c t i o n C a l c u l a t i o n 

System 

M e O H - w a t e r - C a C l 2 

M e O H - w a t e r - P o t . acet. 
M e O H - w a t e r - H g C l 2 

M e O H - w a t e r - L i C l 
E t O H - w a t e r - H g C l 2 

* Forc* 1 2 = 0.0, l A y i l m e a n = 

Negative Region 

<*i2 

- 0 . 1 
- 0 . 2 
- 1 . 0 
- 1 . 1 
- 0 . 3 

I A y , l m e a n 

0.024 
0.038* 
0.037 
0.010 
0.056 

Positive Region 

al2 

1.0 
0.2 
0.4 

I A y , Lean 

0.019 
0.040* 
0.042 

0.036. 
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TEMP INDEP PARAM 
TEMP DEPEN PARAM 
TEMP INDEP PARAM 

} RAMALHO 

PERRY 

0.07L 

< 
HI 

< 

0.06h 

Figure 2. Plot of \ Ayi\mean vs. a\2: methanol-water-potassium acetate @ 
764 mmHg; a 1 3 = 0.0 (ideal), a2S = 0.30 
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1. B E K E R M A N A N D TASSIOS Vapor-Liquid Equilibrium Systems 11 

water-potassium acetate system salting-out is correctly predicted, as shown i n 
Figure 6. Good results were also obtained for the M e O H - w a t e r - c a l c i u m chloride 
system, as shown i n F igure 7. F i n a l l y , excellent results were obtained for the 
M e O H - w a t e r - l i t h i u m chloride system, as shown i n Table IV . 

F o r the isobaric data the values of the average absolute deviation i n tem­
perature is about 2 ° C except for the potassium acetate system where the value 
is very high at about 17 .5°C (19). F o r the latter system, use of parameters that 
were linear functions of temperature to account for the large temperature var i ­
ations encountered in the three binary and the ternary systems (up to 61 °C), gave 

-2.0 -1.0 0 1.0 

<*,2 

Figure 3. Plot of \ Ayi\mean vs. a\2: methanol-water-mercuric chloride % 
758 mmHg; a l s = 0.30, a 2 S = 0.0 (ideal) 

a slightly improved t/i f it but essentially no improvement i n the temperature 
fit (19). The studies of Rousseau et al . and Jaques and Furter (7, 8, 9, 20) d i d 
not include this system. Meranda and Furter (5) report serious diff icult ies i n 
obtaining the data for this system because of the high solubil ity of potassium 
acetate. They also report that the correlation of Johnson and Furter , Equat ion 
1 in this paper, w h i c h applies to a large variety of salts, fa i led for the M e O H -
water-potassium acetate system. Consider ing the diff icult ies encountered i n 
obtaining and correlating the data for this system, the performance of our cor­
relation should be considered good. 
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ure 4. Plot of | A t / i l ^ ^ vs. a\2: ethanol-water-mercuric chloride @ 750 
mmHg; « i 3 = 0.30, a 2 3 = 0.0 {ideal) 

SYSTEM: MEOH- WATER- U C l 
# | AY,I MEAN 

• | A P| MEAN 

• 1 

• • 

* • • . • # • • • • 

ure 5. Plot of \ Ayi\mean vs. a\2: plot of \AP\mean vs. a i 2 ; methanol-
water-lithium chloride @ 60°C; = 0.30, a 2 3

 = 0.30 
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Figure 6. Plot of y\ vs. x\ (salt-free basis): metha­
nol-water-potassium acetate @ 764 mmHg; a\2 = 

-0.20, a 2 3 = 0.30, as = 0.0 (ideal) 

Y,, OBSERVED 

Figure 7. Plot of yca\ vs. yQbs: methanol-
water-CaCl2 @ 752 mmHg; a i 2 = -0.10, 

a 2 3 = 0.30, a 13 = 0.0 (ideal) 
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Table IV . Comparison of Results Obtained for the System 
Methanol—Water—Lithium Chloride to the Results Obtained by 

Broul and Hala 

Correlation of 
a12 = —1.00 Broul Hala 

yx obs. yx calc. y , calc. y , calc. 

0.093 0.079 0.083 0.083 
0.114 0.104 0.107 0.107 
0.042 0.070 0.067 — 
0.103 0.110 0.104 0.105 
0.166 0.163 0.161 0.162 
0.155 0.164 0.157 0.158 
0.245 0.232 0.263 0.229 
0.156 0.168 0.170 — 
0.243 0.239 0.229 0.230 
0.335 0.339 0.332 0.334 
0.414 0.412 0.407 0.408 
0.340 0.362 0.351 — 
0.340 0.351 0.353 — 
0.499 0.496 0.492 0.493 
0.432 0.448 0.431 0.441 
0.725 0.667 0.748 0.742 
0.499 0.512 0.506 — 
0.588 0.587 0.589 0.597 
0.490 0.494 0.495 — 
0.571 0.579 0.575 0.575 
0.801 0.778 0.847 — 
0.673 0.676 0.687 0.686 
0.616 0.622 0.620 0.620 
0.646 0.653 0.653 0.653 
0.729 0.738 0.754 — 
0.709 0.710 0.715 0.714 
0.849 0.846 0.904 — 
0.776 0.791 0.812 0.809 
0.761 0.773 0.785 0.783 
0.752 0.764 0.766 — 
0.877 0.885 0.933 — 
0.808 0.822 0.843 — 
0.810 0.825 0.843 — 
0.826 0.839 0.857 0.855 
0.850 0.861 0.882 0.878 
0.900 0.91Q 0.943 — 
0.876 0.887 0.915 — 
0.846 0.856 0.861 0.860 
0.895 0.904 0.928 — 
0.942 0.948 0.967 0.965 

1 Ay i Imean 0.011 0.019 0.012 

 P
ub

lic
at

io
n 

D
at

e:
 J

un
e 

1,
 1

97
6 

| d
oi

: 1
0.

10
21

/b
a-

19
76

-0
15

5.
ch

00
1

In Thermodynamic Behavior of Electrolytes in Mixed Solvents; Furter, W.; 
Advances in Chemistry; American Chemical Society: Washington, DC, 1976. 



1. B E K E R M A N A N D TASSIOS Vapor-Liquid Equilibrium Systems 15 

Table I V presents the results for the M e O H - w a t e r - L i C l system, along w i t h 
those of Broul et al. and H a l a . The H a l a study omitted some points of high salt 
concentration where the Broul calculations gave the largest errors. The results 
are definitely better than those of B r o u l and slightly better than those of H a l a . 

Conclusions 

The approach presented i n this study correlates the available experimental 
results wi th accuracy ranging f rom poor to excellent. O n the basis of the results 
for the M e O H - w a t e r - L i C l system, the method provides better accuracy than 
the more complicated methods of Broul et al. and Hala . The method is applicable 
to al l salt concentrations up to saturation. Use of the method for predict ion 
purposes w i l l require additional experimental data to establish the opt imum value 
of a 12 as a function of the system type. 

Nomenclature 

= parameters of N R T L equation 
= function of N R T L parameters per Equat ion 4 

h = salt effect parameter i n Equat ion 1 
P = total pressure 

Pi° = saturated vapor pressure for pure solvent i at the temperature of 
the system 

R = ideal gas constant 
T = temperature, °K 
Vi = molar volume of component i i n Wi l son equation 
Xi = analytical mole fraction of component i i n the l i q u i d phase; 

number of moles of i/total number of moles 
= ionic mole fraction of component i , the l i q u i d phase; def ined by 

Equations 5 and 6 

y\ = mole fraction of component i in the vapor phase 
relative volatil i ty i n the absence of salt i n Equat ion 1 

= relative volatil i ty i n the presence of salt i n Equat ion 1 
«ij = parameter i n the N R T L equation 

7 i = activity coefficient of solvent i def ined by Equat ion 2 
7 i ' = ionic activity coefficient of solvent i def ined by Equations 5 and 6 

A = difference between observed and calculated values 
V = number of ions resulting f r o m the dissociation of one mole of salt 

i n Equations 5 and 6 
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2 

A New Approach to the Calculation of 
Liquid-Vapor Equilibrium Data for 
Partially Miscible Systems Containing 
Salts at Saturation 

DEREK JAQUES 

Department of Applied Chemistry, Royal Melbourne Institute of Technology, 
Melbourne, Victoria, 3000, Australia 

A method for interpolation of calculated vapor compositions 
obtained from II-T-x data is described. Barker's method and 
the Wilson equation, which requires a fit of raw T-x data, are 
used. This fit is achieved by dividing the T-x data into three 
groups by means of the miscibility gap. After the mean of the 
middle group has been determined, the other two groups are 
subjected to a modified cubic spline procedure. Input is the 
estimated errors in temperature and a smoothing parameter. 
The procedure is tested on two ethanol- and five 1-propanol-
water systems saturated with salt and found to be satisfactory 
for six systems. A comparison of the use of raw and smoothed 
data revealed no significant difference in calculated vapor 
composition. 

T here are two basic approaches to the calculat ion of vapor compositions 
f r o m boi l ing p o i n t - l i q u i d composition data or vapor pressure- l iquid com­

position data: (a) the coexistence equation (I) w h i c h requires the smoothing of 
experimental T-x or II-x data first, or (b) a correlating equation w h i c h relates 
the excess free energy w i t h l i q u i d composition. Various equations have been 
proposed, but Barker (2), who pioneered this method, employed Scatchard's 
equation (3). R a w or smoothed data are used, but the smoothing process may 
introduce unwarranted errors. 

The present author (4) has previously preferred to use raw isobaric data 
coupled wi th Barker s method (2) and the Wilson equation (5), but interpolation 
of the calculated discrete vapor composition values requires smoothing of boi l ing 
p o i n t - l i q u i d composition data at some stage. 

17 

 P
ub

lic
at

io
n 

D
at

e:
 J

un
e 

1,
 1

97
6 

| d
oi

: 1
0.

10
21

/b
a-

19
76

-0
15

5.
ch

00
2

In Thermodynamic Behavior of Electrolytes in Mixed Solvents; Furter, W.; 
Advances in Chemistry; American Chemical Society: Washington, DC, 1976. 



18 T H E R M O D Y N A M I C BEHAVIOR O F E L E C T R O L Y T E S 

The problems of smoothing are most acute wi th partially miscible systems, 
and it is w i t h these that the present paper deals. 

Procedure 

The fol lowing method allowed comparison of the use of raw and smoothed 
data. 

Step 1. The function 2(11 - I l c ) 2 is m i n i m i z e d where the total pressure 
is given by: 

n c = X p i 7 7 i 0 i + (1 - X)P2'Y202 U ) 

The vapor pressures of the pure l i q u i d components are replaced by the vapor 
pressures of the l iquids saturated w i t h salts. The W i l s o n equation (5) i n its 
three-constant form is employed as the correlating equation. This yields values 
of A 2 i , A12, and C and the corresponding vapor compositions. 

Step 2. The common tangent gives the misc ibi l i ty gap when molar free 
energy of mixing under isothermal conditions is plotted against l iquid composition 
(6). F o r the isobaric data of the present investigation, molar free energy of 
mix ing divided by the absolute temperature is plotted against l iqu id composition 
because the T-x fit has not been applied at this stage. (There was no significant 
difference i n calculated miscibi l i ty gap between neglecting the temperature 
variation and using the smoothed temperatures f r o m Step 3.) A n algori thm 
employed terminates when the slopes on either side of the miscibil i ty gap differ 
by less than 0.0002. This step is omitted if experimental data are available. 

Step 3. The T-x data are d iv ided into three groups by means of the values 
f r o m Step 2. The arithmetic mean of the m i d d l e group is found. E a c h of the 
other groups, together w i t h either the d a t u m for water saturated w i t h salt and 
for the first e q u i l i b r i u m phase, or the datum for alcohol saturated w i t h salt and 
for the second e q u i l i b r i u m phase, are subjected to cubic spline smoothing w i t h 
the use of the L a r k i n method (7). The normal spline smoothing process puts a 
cubic between every adjacent pair of data points and also requires that the first 
and second derivatives at each knot (data point) be equal. In Lark in ' s m o d i f i ­
cation each measured temperature is assumed to consist of signal and noise which 
are subject to a Gaussian (bell-shaped) distribution. T h e temperatures are 
weighted by d i v i d i n g by their estimated standard deviation. This ensures that 
a l l adjusted temperatures come f r o m the same distribution, w h i c h is a normal 
one of zero mean and unit variance. A smoothing parameter, w h i c h is input, 
is used as a measure of how m u c h each of the curves for signal and noise di f fer 
f r o m a normal distribution of mean zero and unit variance. 

The choice of error in temperature measurement and smoothing parameter 
was made as follows. The error in temperature was assumed to be ± 0 . 2 ° C for 
all l iquid mixtures, and ± 0 . 0 5 ° C for single liquids. The rationale for the different 
treatment lies in lumping all the error in the ordinate. Hence, in the case of single 
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2. JAQUES Partially Miscible Systems Containing Salts 19 

l iquids one source of error is removed. In practice, the different treatment is 
generally necessary because the ends of the spline are not so rigidly defined. The 
o p t i m u m smoothing parameter was determined f rom a table of first and second 
derivatives given by runs of the program with various smoothing parameters by 
selecting the lowest parameter value which d id not show discontinuity in the table. 
This was conf irmed by examination of the T-x graph itself. 

F i n a l l y , any spikes at the intersections of the three sections were removed 
by extrapolation of the center section. 

Step 4. The smoothed temperatures were used to interpolate vapor com­
positions. 

Step 5. Steps 1-4 were repeated in the second run wi th replacement of the 
experimental temperatures by the smoothed values. 

Application to Experimental Data 

The above procedure is now appl ied to two ethanol-water (<8, 9) and five 
1-propanol-water systems (9) w h i c h have been saturated w i t h an inorganic salt 
and which show partial miscibility. The vapor pressures and molar volumes (10), 
and second vir ia l coefficients of water ( I I ) , ethanol (12), and 1-propanol (13) 
were obtained by interpolation of literature data. The vapor pressures of water 
saturated with salts over a temperature range are available for all salts (14) except 
lead nitrate. Such data are unavailable for both alcohols saturated w i t h salt. 
Hence a correction to the saturation vapor pressure is made by m u l t i p l y i n g by 
the ratio of the vapor pressure of alcohol saturated with salts to the vapor pressure 

1 2 0 

1 0 0 

1 1 0 

0 

Figure 1. Comparison of experi­
mental and calculated boiling points 
for 1-propanol-water-ammonium 
chloride system. Experimental: 0 . 
Calculated: Qi = 5 X 10~6, ; Qi 

= J 0 ~ 6 , 
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T a b l e I A . E f f e c t o f S m o o t h i n g P a r a m e t e r s f o r t h e E x c e s s W a t e r 
R e g i o n o f t h e 1 - P r o p a n o l — W a t e r — A m m o n i u m C h l o r i d e S y s t e m 

Experimental = 0.5 x 10 -s Q^IO-6 

X T°C T°C dT/dx d2T/dx2 T°C dT/dx d2T/dx2 

0.0 115.90 115.83 - 1 2 7 3 0 115.91 - 1 3 3 3 0 
0.0050 110.40 109.56 - 1 2 1 6 22688 109.24 - 1 3 3 6 - 1 4 0 2 
0.0130 98.20 100.95 - 8 8 8 59260 99.45 - 9 9 3 + 87354 
0.0380 92.20 91.48 - 1 0 1 3718 91.85 - 2 0 - 9 5 2 1 
0.0591 89.98 89.90 - 6 2 0 90.02 - 1 2 0 0 

T a b l e I B . E f f e c t o f S m o o t h i n g P a r a m e t e r s f o r the E x c e s s A l c o h o l 
R e g i o n o f t h e 1 - P r o p a n o l — W a t e r — A m m o n i u m C h l o r i d e S y s t e m 

Experimental Q2 = 10~3 Q2 = 0.5 x I0~ 3 

x T°C T°C dT/dx d2T/dx2 T°C dT/dx d2T/dx2 

0.635 89.98 89.89 2.2 0 89.92 1.4 0 
0.690 90.00 90.04 3.8 60 90.04 3.5 77 
0.753 90.4 90.42 8.3 83 90.42 8.8 90 
0.803 91.0 90.95 13.4 119 90.98 13.6 104 
0.892 92.9 92.67 25.9 163 92.61 23.3 114 
0.949 93.6 94.53 41.3 376 94.36 42.0 542 
1.0 97.0 96.96 50.9 0 96.97 55.8 0 

of pure alcohol at the boi l ing point of the salt solution. This ratio is assumed 
independent of temperature. F o r lead nitrate i n water a similar correction is 
applied. 

Because of uncertainties about the presence of an azeotrope close to the 
water-free datum, the standard temperature error of 0 .2 °C was appl ied to this 
datum for both ethanol systems. 

Tables IA and IB show how the smoothing parameters are selected for the 
1 -propanol -water -ammonium chloride system (9). F o r the water-r ich region 
the smaller of the two parameters gives an unwarranted inf lect ion point w h i c h 

T a b l e I I . C o m p a r i s o n o f t h e U s e 

Run 1, raw data 

Alcohol Salt On Oy x' x" 

Ethanol K N 0 3 29.1 0.0201 0.110 0.419 
Ethanol ( N H 4 ) 2 S 0 4 52.1 0.0518 0.042 0.428 
1-Propanol N H 4 C 1 42.3 0.0253 0.059 0.633 
1-Propanol NaCl 12.0 0.0389 0.057 0.573 
1-Propanol N a N 0 3 41.0 0.1381 0.296 0.700 
1-Propanol KC1 23.2 0.0325 0.060 0.561 
1-Propanol P b ( N 0 3 ) 2 24.8 0.0164 0.092 0.455 
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2. JAQUES Partially Miscible Systems Containing Salts 21 

is clearly visible on F igure 1. W i t h the alcohol-rich data the position is not so 
clearcut, but the second derivatives for the smaller Q2 are changing m u c h less 
smoothly. This choice is somewhat subjective. 

Comparison of columns 3 and 7 of Table II shows, as expected, that for al l 
systems except the first, the sample deviations of total pressure are reduced after 
temperature smoothing. A t this point in t ime no clearcut explanation can be 
given for the unexpected result for the potassium nitrate system (8). However , 
the paper reveals that an O t h m e r still was used to give x and y values only, and 
these data were subjected to smoothing. The boi l ing points of synthetic l i q u i d 
measures were determined separately in a three-necked flask under total reflux. 
W i t h the other systems of Table II all data were measured i n a modif ied Othmer 

A comparison of columns 4 and 8 reveals no clear pattern, w h i c h is perhaps 
of greater significance. The use of raw data yields smaller values of the vapor 
composition sample deviations i n four out of six cases, but the effects are small 
and could be masked by errors i n the vapor compositions themselves. It seems 
likely that the greatest source of error lies in determination of vapor composition. 
Thus there is very little difference in using raw or smoothed data. A typical 
example of the fit is shown in F igure 2. The o p t i m u m smoothing parameters 
used in run 1 were found to be the same as required for r u n 2, and are listed i n 
columns 11 and 12 of Table II. 

Comparison of the calculated miscibi l i ty gap data for the two runs reveals 
no significant difference except for sodium nitrate. This system also exhibits 
m u c h higher values of oy in both runs. W e have considered two explanations 
for the poor correlation. 

The elevation of boi l ing point i n this case is m u c h greater than for any of 
the other systems. The assumptions that the heat term i n the G i b b s - D u h e m 
equation can be neglected and that the effect of the salt can be expressed in terms 
of its effect on the vapor pressure of each solvent independently become less viable 
as the boi l ing point elevation increases. 

o f R a w a n d S m o o t h e d T - x D a t a 

still. 

Smoothing 
parameters 

Run 2, smoothed data 
Q, x Q 2 x 

'TT Oy X' X II 10s 103 

35.1 
26.3 
19.9 

9.3 
39.6 
16.6 
16.2 

0.0218 0.119 
0.0608 0.051 
0.0236 0.057 
0.0389 0.057 
0.1542 0.369 
0.0316 0.059 
0.0177 0.102 

0.413 
0.432 
0.631 
0.568 
0.718 
0.560 
0.452 

1 
1 
0.5 
0.1 
50 
0.05 
5 

50 
50 

1 
5 
1 
1 
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A second explanation involves the relative accuracy of the first three data 
points. Examinat ion of the Ay values (Figure 3) reveals that the contribution 
of these three values distorts the f inal result. B y ignoring them we can reduce 
the sample deviation f r o m 0.1381 to 0.0387. The A l l values (Figure 4) show 
no particular bias; hence we might conclude that a l ikely source of error is in the 
experimental vapor compositions. In practice, the attainment of true equi l ibr ium 

Figure 2. Comparison of experimental and calculated vapor 
compositions for 1-propanol-water-ammonium chloride system. 

Experimental: 0 . Calculated in run 1: . 

at these low alcohol concentrations and high salt concentrations is di f f icul t . A t 
this stage, it is not possible to decide i n favor of either explanation. 

A complete listing of m , c, e, 5, A21, A12, and C values for raw data are 
available elsewhere (15). 

Discussion 

W h e n given ordinate data represent approximate values, the problem can 
be tackled in three steps: 
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X 

Figure 3. Difference between experimental 
and calculated vapor compositions vs. liquid 
composition for 1-propanol-water-sodium ni­

trate system 

8 1-0 

Figure 4. Difference between experimental and 
calculated total pressure vs. liquid composition for 

1-propanol-water-sodium nitrate system 
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(a) Smooth the given data. 
(b) F i t a function to the smoothed data. 
(c) Use the function to give best estimates of the ordinate values. 

The best known method of attack, w h i c h uses least squares and either a polyno­
m i a l of suitable degree or a cubic spline, combines the first two steps. This ap­
proach has been used successfully by Klaus and V a n Ness (16). L a r k i n (7) notes 
that the problem belongs to the mathematical theory of probabil i ty, so we wish 
to extract the most probable signal f rom noisy data (step a) and then use a cubic 
spline to fit the extracted signals (step b). This approach provides a meaningful 
estimate of the errors in the ordinate values and a reasonable degree of smoothing. 
The ad hoc nature of the least squares approach is replaced by a method w h i c h 
is based upon sound probabil i ty theory. In Klaus and V a n Ness's method 
weighting is employed only to ensure that al l data points contribute equally. By 
the imposition of a purely arbitrary weighting, their approach might be expected 
to give a result similar to the one obtained in this paper, but this weighting is more 
di f f icul t to justify mathematically. 
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Nomenclature 

Subscripts: 

1 = alcohol 
2 = water 
c = calculated 

A 2 i , A12, C = empir ica l constants i n W i l s o n equation 
m, c = empir ica l constants i n the equation log p2 = m log p2° — c 

P i ' = vapor pressure of component i saturated w i t h salt 

Q i > Q 2 
= smoothing parameter i n water-r ich and alcohol-r ich region 

respectively 
T = temperature ( °C) 
X = mole fraction of alcohol i n the l i q u i d phase, calculated on 

salt-free basis 
x', x" = composition of the two e q u i l i b r i u m l i q u i d phases 

7 i = activity coefficient of component i 
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2. JAQUES Partially Miscible Systems Containing Salts 25 

<5, e = ratio of vapor pressure of water (alcohol) saturated with salt to 
the vapor pressure of pure solvent at the salt solution boil ing 
point 

Ay =y ~yc 

An = n - n c 

II = total pressure 
(Ty = sample deviation of the vapor composition 
<TII = sample deviation of the total pressure in Equat ion 1 
0i = correction term for non-ideality of component i i n an ideal 

gaseous solution 

Literature Cited 

1. Van Ness, H. C., "Classical Thermodynamics of Non-Electrolyte Solutions," Pergamon 
Press, Oxford, 1964, p 137. 

2. Barker, J. A., Aust. J. Chem. (1953) 6, 207. 
3. Scatchard, G., Raymond, C. L., J. Am. Chem. Soc. (1938) 60, 1278. 
4. Jaques, D., Furter, W. F., ADVAN. CHEM. SER. (1972) 115, 159. 
5. Wilson, G. M., J. Amer. Chem. Soc. (1964) 86, 127. 
6. Rowlinson, J. S., "Liquids and Liquid Mixtures," 2nd ed., Butterworth, London, 1969, 

p 144. 
7. Larkin, F. M., "Optimal Estimation of Bounded Linear Functionals from Noisy Data," 

Inf. Process. Proc. L.F.I.P. Congr., 1971, Vol. 2. Ljubljana, North-Holland, pp 
1335-1345. 

8. Rieder, R. M., Thompson, A. R., Ind. Eng. Chem. (1950) 42, 379. 
9. Johnson, A. I., Furter, W. F., Can. J. Chem. Eng. (1960) 38, 78. 

10. Prausnitz, J. M., Eckert, C. A., Orye, R. V., O'Connell, J. P., "Computer Calculations 
for Multicomponet Vapor-Liquid Equilibrium," Prentice-Hall, Englewood Cliffs, 
N.J., 1967. 

11. Rowlinson, J. S., Trans. Faraday Soc. (1949) 45, 974. 
12. Kretschner, C. B., Wiebe, R., J. Am. Chem. Soc. (1954) 76, 2579. 
13. Cox, J. D., Trans. Faraday Soc. (1961) 57, 1674. 
14. "International Critical Tables," Vol. III, McGraw-Hill, New York, 1929, pp 362-

374. 
15. Jaques, D., Ind. Eng. Chem. Process Des. Dev. (1976) 15, 236. 
16. Klaus, R. L., Van Ness, H. C., AIChE J. (1967) 13, 1132. 

RECEIVED July 14, 1975. 

 P
ub

lic
at

io
n 

D
at

e:
 J

un
e 

1,
 1

97
6 

| d
oi

: 1
0.

10
21

/b
a-

19
76

-0
15

5.
ch

00
2

In Thermodynamic Behavior of Electrolytes in Mixed Solvents; Furter, W.; 
Advances in Chemistry; American Chemical Society: Washington, DC, 1976. 



3 

Correlation and Prediction of Salt 
Effect in Vapor-Liquid Equilibrium 

WILLIAM F. FURTER 

Department of Chemical Engineering, Royal Military College of Canada, Kingston, 
Ontario, Canada K7L 2W3 

A review is presented of techniques for the correlation and pre­
diction of vapor-liquid equilibrium data in systems consisting 
of two volatile components and a salt dissolved in the liquid 
phase, and for the testing of such data for thermodynamic con­
sistency. The complex interactions comprising salt effect in 
systems which in effect consist of a concentrated electrolyte in 
a mixed solvent composed of two liquid components, one or 
both of which may be polar, are discussed. The difficulties in­
herent in their characterization and quantitative treatment 
are described. Attempts to correlate, predict, and test data for 
thermodynamic consistency in such systems are reviewed 
under the following headings: correlation at fixed liquid com­
position, extension to entire liquid composition range, predic­
tion from pure-component properties, use of correlations 
based on the Gibbs-Duhem equation, and the recent "special 
binary" approach. 

n p h e use of a dissolved salt i n place of a l i q u i d component as the 
JL separating agent in extractive disti l lation has strong advantages i n certain 

systems with respect to both increased separation efficiency and reduced energy 
requirements. A principal reason why such a technique has not undergone more 
intensive development or seen more than specialized industrial use is that the 
solution thermodynamics of salt effect in v a p o r - l i q u i d equi l ibr ium are complex, 
and are still not wel l understood. However , even small amounts of certain salts 
present in the l i q u i d phase of certain systems can exert profound effects on 
e q u i l i b r i u m vapor composition, hence on relative volati l i ty, and on azeotropic 
behavior. Also extractive and azeotropic disti l lation is not the only important 
application for the effects of salts on v a p o r - l i q u i d e q u i l i b r i u m ; whi le used as 
examples, other potential applications of equal importance exist as wel l . 

F o r s implic i ty , the discussion in this review w i l l be l imi ted to the simplest 

26 
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3. FURTER Correlation and Prediction of Salt Effects 27 

system of this type possible: one consisting of two volatile components and a 
single salt, the latter considered to be completely nonvolatile. Hence, while the 
l i q u i d phase w i l l consist of al l three components, the e q u i l i b r i u m vapor w i l l 
contain only the two volatile species. Most previous investigators who have 
measured v a p o r - l i q u i d e q u i l i b r i u m data i n such systems have used saturated 
salt concentrations throughout to determine the m a x i m u m salt effect possible 
at each value of l iqu id composition. In such a case, of course, salt concentration 
changes as l iquid composition is varied (except in the unlikely case of a salt being 
equally soluble in the two l i q u i d components). However , a few investigators, 
recognizing that salt concentration would tend to remain essentially constant from 
tray to tray in an actual distil lation co lumn (as constant, i n fact, as the concept 
of constant molal overflow is valid), have preferred to use salt concentrations held 
constant at values below saturation. The majority of the data reported i n the 
literature are for boi l ing systems under isobaric conditions. T h e topics of salt 
effect in vapor - l iqu id equi l ibr ium and extractive distillation by salt effect have 
been reviewed recently. Their literature is treated by Furter and Cook (1); their 
theory and practice by Ciparis , Dobroserdov, and Kogan (2), and by Furter (3); 
and the state of the art by Furter (4). Cipar is (5) has published a compilat ion 
of data for 188 systems. 

The selective effect that a salt can have on the volatilities of the two l i q u i d 
components, and hence on the composition of the equil ibrium vapor, comes about 
pr imar i ly through effects exerted by the salt ions and/or molecules on the 
structure of the l i q u i d phase. The most l ikely effect to be expected is that the 
salt would induce formation of association complexes, or clusters, of molecules 
of the volatile components about its ions. This effect w o u l d lower both of their 
volatilities but by d i f fer ing amounts depending on the degree of selectivity of 
the particular salt in the preference of its ions for clustering w i t h the molecules 
of one volatile component over those of the other. A preference for associating 
with the less volatile component would result in an increase in relative volatility 
and hence in ease of separation, and a preference for the more volatile component 
would have the opposite effect. 

This is not the only structural mechanism possible. F o r instance, the salt 
may alter an existing l i q u i d structure by promoting, destroying, or otherwise 
affecting interactions between the two volatile components, i n some cases i n ­
creasing rather than decreasing the volatility of a component. Still other effects 
are possible. A l l , of course, are functions of the relative amounts of al l compo­
nents present. Also, the types of short-range forces involved i n l i q u i d structure 
and in its promotion or other alteration by a salt may differ f rom system to system 
and f rom salt to salt. 

The great increase in complexity in solution thermodynamics which occurs 
when a" salt is dissolved to substantial concentration i n a mixture of two l i q u i d 
components becomes fu l ly apparent in the realization that the l i q u i d phase so 
created is a concentrated solution of an electrolyte whose degree of dissociation 
is a function of the relative proportions of the other two components present, and 
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hence of l i q u i d composition. Unless the salt is either f u l l y associated or fu l ly 
dissociated at a l l l i q u i d compositions, it exists as a mixture of molecules and two 
species of ions, the relative proportions of w h i c h change w i t h l i q u i d composition. 
Undoubtedly, al l three species play parts in determining the overall effect of the 
salt on the activities of the i n d i v i d u a l l i q u i d components. However , their re­
spective contributions, while possibly interrelated, probably al l dif fer f r o m each 
other. In one region of l i q u i d composition, one effect m a y predominate, whi le 
i n another region of the same system, it is quite possible that a different effect 
may prevail . M e r a n d a and Furter (6) and others have observed the existence 
of such crossovers i n salt effect i n certain systems. 

Such complexities tend to explain w h y progress has been relatively slow, 
at least unt i l recently, in the formulat ion of effective relations and techniques 
for the representation of salt effect i n v a p o r - l i q u i d e q u i l i b r i u m . 

Correlation at Fixed Liquid Composition 

The original equation for salt effect i n v a p o r - l i q u i d equi l ibr ium, proposed 
by Furter (7) and employed subsequently by Johnson and Furter (8), described 
the effect of salt concentration on e q u i l i b r i u m vapor composit ion under the 
condition of a fixed ratio of the two volatile components in the l iquid phase. The 
equation, derived f r o m the difference i n effects of the salt on the chemica l po­
tentials of the two volatile components, w i t h s impl i fy ing approximations reduces 
to the f o r m 

In (as/a) = kNs (1) 

In other words, the equation defines an improvement factor, w h i c h consists of 
the ratio of relative volatility wi th salt present (calculated using l iquid composition 
on a salt-free basis for direct comparison purposes) to relative volatility at the same 
l i q u i d composition but without salt present. It relates the logar i thm of this i m ­
provement factor i n a direct proportionality w i t h N3, the mole fract ion of salt 
present i n the l i q u i d on a ternary basis. Jaques and Furter (17) tested the 
equation w i t h data taken at several constant l i q u i d compositions i n four alco­
hol -water - inorganic salt systems, and observed good agreement. 

The constancy of k wi th changing salt concentration is predicted only when 
the ratio of volatile components i n the l i q u i d is held constant. Considering that 
the salt effect is believed to be a complex funct ion of interactions and self-in­
teractions between al l system components (which i n turn are functions not only 
of composition but also of degree of salt dissociation, w h i c h itself is composi­
tion-dependent), there would be little reason to expect that k should have a single 
value for an entire system. That is, k w o u l d not be expected to remain constant 
over the entire l iquid composition range of a given system. Nevertheless, i n order 
to represent v a p o r - l i q u i d e q u i l i b r i u m data for systems containing salts, an 
equation w h i c h holds over the entire composition range is required. Because 
of the absence of any such effective relation at the t ime, and also because of the 
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3. FURTER Correlation and Prediction of Salt Effects 29 

undoubted attractiveness of using a single-constant equation for representing 
such complex phenomena, various investigators have employed Equat ion 1 
empir ica l ly to correlate the data for entire systems. 

Extension to Entire Liquid Composition Range 

Furter (7) and Johnson and Furter (8,9) tested Equation 1 wi th vapor- l iquid 
e q u i l i b r i u m data over the entire concentration range for 24 a l cohol -water -
inorganic salt systems, i n all of them discovering unexpectedly that a single best 
value of k for each system permitted correlation of the data to w i t h i n average 
absolute deviations of one percent or less. K o g a n et al . (44) observed good 
agreement wi th data for 14 salt-containing systems. W h e n Johnson and Furter 
separated it into two i n d i v i d u a l salting parameters, one for salt-alcohol and the 
other for salt-water, it was observed that while the individual parameters varied 
considerably i n value w i t h alcohol-water proportionality, they tended to do so 
i n a manner such that their difference, k, remained remarkably constant. In 
these particular systems the various interaction and self-interaction mechanisms 
comprising salt effect, a l l of which are composition-dependent, tended somehow 
to balance each other as l i q u i d composition was varied. M o r e recent investiga­
tions have shown that this apparent balancing effect (that is, the insensitivity of 
k to l i q u i d composition) is not universal. Al though Ramalho and Edgett (10) 
observed it in certain propionic ac id-water-sal t systems; and Ohe, Yokoyama, 
and Nakamura (11) observed it i n the methanol-ethyl acetate-calcium chloride 
system; Yoshida, Yasunishi, and H a m a d a (12) observed it w i t h certain metha-
nol-water-sal t systems but not w i t h the acetic ac id-water-sa l t systems w h i c h 
they tested. Meranda and Furter (6,13,14,15), who experimented wi th a wide 
range of organic and inorganic salts and salt pairs i n alcohol-water systems, ob­
served little variation of k w i t h l i q u i d composition i n some systems and large 
variations i n others. The nature and use of Equat ion 1 have been discussed not 
only by Furter (7) and by Johnson and Furter (8) but more recently by Furter 
and Cook ( i ) , by Meranda and Furter (13,14), and by Jaques and Furter (16, 
17). Ramalho and Edgett (10) described a reference diagram method for using 
Equat ion 1 w i t h data obtained at constant salt concentration. Various investi­
gators, part icularly i n the USSR, have experimented w i t h s imilar relations w i t h 
vary ing degrees of success, often under constraints such as inf ini te di lut ion and 
others. The i r efforts have been reviewed elsewhere (1). 

The effect of a given salt on vapor composition i n a given system is, of course, 
a function of the relative proportions of the two volatile components i n the l i q u i d 
as wel l as of salt concentration, and an equation for correlation of salt effect at 
other than fixed l iquid composition should contain l iquid composition as a factor. 
Hashitani and Hirata (18) reported some success with a purely empirical equation 
w h i c h related the improvement factor of Equat ion 1 both to salt concentration 
and to l i q u i d composition. Guyer , Guyer , and Johnsen (19) proposed an em­
pir ica l relationship between vapor composition change and the concentration 
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of one volatile component i n the l i q u i d whi le mainta ining a f ixed ratio of the 
concentrations of the other volatile component and salt. Sada, Ki to , Yamaji , and 
K i m u r a (20), by considering vapor pressure lowering caused by the salt, derived 
an equation similar otherwise to Equation 1 but with the right hand side modif ied 
to an expression of salt concentration a l lowing for the numbers of cations and 
anions per salt molecule produced by dissociation, and containing no empir i ca l 
parameter. They reported test results for the equation, w h i c h is restricted to 
systems in w h i c h the salt is soluble in only one of the two volatile components, 
w i t h data for three benzene-ethanol-salt systems tested. Bedrossian and C h e h 
(21) proposed two empir ica l correlations and tested them w i t h data for one sys­
tem. L u (22) proposed a correlation involv ing modi f i ed expressions of l i q u i d 
composition w h i c h were intended to relate the relative contributions of the two 
volatile components to the overall salt solution. L i q u i d composition was expressed 
i n pseudo mole fractions based on relative vapor pressure lowerings by the salt 
i n question. Alvarez et al. (23, 24) have proposed and tested various empir i ca l 
equations, in certain cases adopting the pseudo mole fraction approach of L u . 

The classical work relating l i q u i d phase activity coefficients to the con­
centrations of electrolyte and nonelectrolyte species present i n aqueous solution, 
and to the respective electrostatic interactions involved, was published by L o n g 
and M c D e v i t (25). H a l a (26) developed a generalized expression for charac­
terization of v a p o r - l i q u i d e q u i l i b r i u m i n mult icomponent systems containing 
both electrolyte and nonelectrolyte components. In his method a ternary system, 
for instance, is treated as three binaries. Correlat ion w i t h excess free energy of 
mix ing is achieved through extrapolation of dilute solution behavior to standard 
states. Jaques and Furter (16, 27) derived an equation relating the salt effect 
to both l i q u i d composition and salt concentration by subtracting f r o m the 
L o n g - M c D e v i t equation i n its ten-constant f o r m the R e d l i c h - K i s t e r equation 
written in a four-constant form. The resulting six-constant equation was tested 
wi th data for a total of 12 systems, and, not surprisingly, yielded a better fit than 
d i d the one-constant Equat ion 1. 

Prediction from Pure-Component Properties 

Pure-component properties f r o m w h i c h predict ion of salt effect i n v a p o r -
l i q u i d e q u i l i b r i u m might be sought, include vapor pressure lowering, salt solu­
bi l i ty , degree of dissociation and ionic properties (charges and radii) of the salt, 
polarity, structural geometry, and perhaps others. 

It has been generally held, at least unt i l recently, that a salt dissolved i n the 
l i q u i d phase w o u l d enrich the e q u i l i b r i u m vapor i n the component i n w h i c h it 
was less soluble and impoverish it i n the component i n w h i c h it was more soluble. 
It was also assumed that the magnitude of the effect on vapor composition de­
pended not only on how much salt was present but also on the degree of difference 
between the solubilities of the salt i n the two l i q u i d components taken separately. 
Various investigators, inc luding Turs i and Thompson (28) and F o g g (29), have 
tried to relate the salt effect to this solubility difference alone, but their success 
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has not been marked since such other factors as degree of dissociation and the 
ionic properties of the salt are neglected. Furter (7) and Johnson and Furter 
(8) demonstrated that the predict ion that a salt w o u l d alter vapor composition 
in favor of the component in which it was less soluble was mathematically rigorous 
in the l imited case of systems possessing festoon-like solubility curves. They also 
proposed an empirical equation expressing the relationship between salt saturation 
concentration and l i q u i d composition i n terms of the two pure-component salt 
solubilities and one other parameter. The expectations for prediction of the salt 
effect f r o m solubility factors alone have been la id to rest b y more recent dis­
coveries of systems w h i c h behave anomalously i n respect to the earlier-held 
generalities relating magnitude of salt effect to pure-component solubilities. 
M e r a n d a and Furter (6,13,14) and Newstead and Furter (30), for instance, re­
ported systems i n w h i c h a reversal i n the salt effect takes place at some point i n 
the l i q u i d composition range even though the salt is clearly more soluble i n one 
component than i n the other, others i n w h i c h a salt was observed to enrich the 
vapor throughout in the component in w h i c h it is more, rather than less, soluble, 
and still others i n w h i c h a large change i n vapor composition is caused b y a salt 
having little difference between its pure-component solubilities i n the two l i q u i d 
components. 

The possibilities for predict ing the salt effect f r o m ionic properties alone 
are likewise improbable. General orders of effectiveness for anions and cations 
have been observed to exist by various investigators, including L o n g and M c D e v i t 
(25), Prausnitz and Targovnik (31), Johnson and Furter (7, 8), C ipar i s and 
Smorigaite (32), and others. In general, for s imilar ly charged ions, the order 
of decreasing effectiveness follows the order of increasing ionic radius. Although 
the anion order is reasonably independent of the cation and vice versa i n some 
systems, the uniformity decreases considerably when the l i q u i d components are 
polar. In general, orders of ion effectiveness are only approximate and tend to 
exhibit some variance f rom system to system. For relating salt effect to ion radius 
and charge, the degree of dissociation, the number of ions per molecule, and the 
salt concentration must be considered so that ion parameters are isolated f r o m 
the latter factors. The literature pertaining to ion order is reviewed in more detail 
elsewhere (1). 

Over the years, various other theories and models have been proposed for 
predict ing salt effect i n v a p o r - l i q u i d e q u i l i b r i u m , i n c l u d i n g ones based on hy­
dration, internal pressure, electrostatic interaction, and van der Waals forces. 
These have been reviewed in detail by L o n g and M c D e v i t (25), Prausnitz and 
Targovnik (31), Furter (7), Johnson and Furter (8), and Furter and Cook (I). 
Although the electrostatic theory as modif ied for mixed solvents has had l imited 
success, no single theory has yet been able to account for or to predict salt effect 
on e q u i l i b r i u m vapor composition f r o m pure-component properties alone. 

Use of Correlations Based on the Gibbs-Duhem Equation 

E m p i r i c a l relations w h i c h work wel l for a variety of systems can be useful 
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for correlating and, i n l imi ted cases, even predict ing data but cannot be consid­
ered as criteria for judging their thermodynamic consistency. The criterion for 
thermodynamic consistency of v a p o r - l i q u i d e q u i l i b r i u m data is that they must 
be consistent w i t h the G i b b s - D u h e m equation. Therefore only those relations 
which themselves are consistent with the G i b b s - D u h e m equation can be deemed 
reliable for judging the thermodynamic consistency of such data or for correlating 
them in a thermodynamical ly consistent manner. The p r i n c i p a l correlations 
and consistency tests for v a p o r - l i q u i d e q u i l i b r i u m i n use today, i n c l u d i n g those 
of van Laar , Margules, Redl i ch-Kis ter , Scatchard, Renon, W i l s o n , and others, 
can al l be considered approximations to the integration of the G i b b s - D u h e m 
equation. 

For systems of the type under consideration, that is, consisting of two volatile 
components and a salt, there has been controversy over whether binary or ternary 
forms of correlating equations should be used, and over whether the presence 
of the salt should be inc luded i n the l i q u i d mole fraction data used to calculate 
l i q u i d activity coefficient values for the two volatile components. O n e point, 
however, is absolutely clear. It w o u l d be thermodynamical ly incorrect not to 
acknowledge the presence of the salt i n calculat ing l iquid-phase activity coeff i ­
cients. 

If the two volatile components are designated A and B respectively, and 
component A is used as an example, the mole fraction of component A i n the 
l i q u i d expressed on a salt-free basis is 

^ moles A ^ 

moles A + moles B 

However, if activity coefficient data were calculated for component A using the 
pure component vapor pressure and l i q u i d composition data on a salt free basis, 
the activity coefficient values w o u l d not normalize (i.e., approach unity as X\ 
approaches unity) unless the salt were insoluble i n component A . A better l i q u i d 
composition expression w o u l d be 

moles A 
X\ — (3) 

moles A + moles B + moles salt 
However the question of whether the salt should be considered as a molecular 
or ionic constituent is raised. The laws of solution theory suggest the latter. 
Hence, unless the salt is either ful ly associated or fu l ly dissociated over the entire 
l i q u i d composition range, the vary ing degree of salt dissociation over this range 
is important. In other words, since both species of ion and salt molecules con­
tribute to the total effect caused by a partial ly dissociated salt, the total number 
of salt particles (ions and molecules) present should be considered. This w o u l d 
suggest that an even more correct expression of l i q u i d composition for use i n 
calculating l i q u i d phase activity coefficients w o u l d be 

* A " m o l e s A (4) 
moles A + moles B + n moles salt 
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where n is a factor accounting for the degree of dissociation of the salt and is the 
statistical average number of particles (ions and molecules) of the salt i n solution 
per molecule of salt dissolved. F o r example, for the salt N a C l , n = 1 fu l ly asso­
ciated, n = 2 fu l ly dissociated, and n lies between these l imits for partial disso­
ciation. (Note that n is not a constant but is rather a funct ion of the relative 
proportions of the volatile components A and B present i n the l i q u i d phase.) 
However even Equation 4 is not an ideal expression; an even more sophisticated 
approach w o u l d be to have the value of n also take account of ion rad i i and 
charges. The real problem, of course, is in knowing the degree of salt dissociation 
as a function of l iqu id composition in a boil ing system, and is a major reason w h y 
so little progress has been made over the years on thermodynamic correlation 
of salt effect i n v a p o r - l i q u i d e q u i l i b r i u m . 

In summary, to be thermodynamical ly rigorous, the salt presence must be 
recognized in calculating activity coefficients for use i n correlating equations; 
its degree of dissociation as a function of l iquid composition, among other factors, 
must be considered also. Conversely, it may be possible to apply data that are 
believed to be consistent to a consistency test i n order to calculate degree of dis­
sociation as a funct ion of l i q u i d composition. 

Various investigators have encountered the diff icult ies of attempting to 
correlate data for systems containing salts by one or another of the c o m m o n 
correlating equations or consistency tests for vapor- l iquid equi l ibr ium data, often 
in their binary versions, using activity coefficients computed f rom salt-free l iquid 
composition data. A m o n g them are Lindberg and Tassios (33), Rius and Alvarez 
(34), Costa and Moragues (35), and other investigators such as Kogan, Rozen, and 
their associates whose work has been reviewed elsewhere (1). Recently, Sada 
and Morisue (36) attempted to derive a relationship consistent w i t h the G i b b s -
D u h e m equation by expressing salt effect on vapor composition as a funct ion of 
l i q u i d composition. The l i q u i d composition expression w h i c h they used ac­
knowledged both the presence of the salt and the number of ions per salt molecule, 
but not ionic charges or radii, or variation in degree of salt dissociation with l iquid 
composition. 

The Special Binary Approach 

Jaques and Furter (37,38,39,40) devised a technique for treating systems 
consisting of two volatile components and a salt as "special binaries" rather than 
as ternary systems. In this pseudo binary technique the presence of the salt is 
recognized i n adjustments made to the pure-component vapor pressures f r o m 
w h i c h the l iquid-phase activity coefficients of the two volatile components are 
calculated, rather than by inclusion of the salt presence i n l i q u i d composition 
data. In other words, alteration is made i n the standard states on w h i c h the ac­
t ivi ty coefficients are based. In the special b inary approach as appl ied to salt-
saturated systems, for instance, each of the two components of the binary is 
considered to be one of the volatile components ind iv idua l ly saturated w i t h the 
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salt. The pure-component vapor pressures used to calculate liquid-phase activity 
coefficient values for the volatile components are the vapor pressures of the 
volatile components each saturated with salt at the temperature in question, rather 
than of the volatile components alone. Instead of defining the reference fugacity 
as the saturated vapor pressure of the pure component, it is defined as that of the 
pure component as depressed by the presence of the salt. In other words, the 
activity coefficients of the volatile components, are based on standard states 
consisting of each volatile component saturated ind iv idua l ly w i t h the salt. A l ­
though only data for salt-saturated systems have been tested so far, the technique 
is not l imi ted to saturation; for salt concentrations below saturation the stan­
dard-state vapor pressures w o u l d be those of the volatile components each de­
pressed indiv idual ly by the salt, at the salt concentration and temperature i n 
question. The temperature i n question is, of course, the boi l ing point of the 
salt-containing l iqu id phase at the composition for which an activity coefficient 
is calculated. The advantage of the approach is that any of the c o m m o n corre­
lating equations or thermodynamic consistency tests based on approximations 
to the G i b b s - D u h e m equation can then be used i n their standard binary forms, 
and wi th l iqu id compositions calculated on a salt-free basis. Hence the method 
obviates the necessity for k n o w i n g the relationship between degree of salt dis­
sociation and l i q u i d composition that w o u l d otherwise be required to calculate 
activity coefficients, information w h i c h for most systems is not generally known. 
The special b inary approach, whi le semi-empirical , has been employed suc­
cessfully by Jaques and Furter both i n testing for thermodynamic consistency 
and in the correlation of data. 

Jaques and Furter (37,39) tested the thermodynamic consistency of liter­
ature data for 23 alcohol-water-salt systems and Jaques (41) studied 17 additional 
systems using the Her ington method as adapted to their special b inary tech­
nique. 

Jaques and Furter (38, 40) also appl ied the special b inary approach to the 
correlation and predict ion of salt effect i n v a p o r - l i q u i d e q u i l i b r i u m using the 
Wilson equation as the correlating relation. F o r a total of 22 systems tested, the 
average deviations between observed and calculated vapor compositions ranged 
f rom <0.5% to as high as 3%, wi th most fal l ing around the 1% mark. However , 
in all cases unsmoothed data f rom the literature were used; hence, these deviations 
include experimental scatter. M o r e recently, Ashcraft (42) and Rousseau, 
Ashcraft, and Schoenborn (43) have reported success w i t h a similar technique, 
employing as correlating relations the van Laar , Wi lson , and Renon equa­
tions. 
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The Correlation of 
Vapor-Liquid Equilibrium Data 
for Salt-Containing Systems 

J. E. BOONE, R. W. ROUSSEAU, and E. M. SCHOENBORN 

Department of Chemical Engineering, North Carolina State University, 
Raleigh, N. C. 27607 

A procedure is presented for correlating the effect of non-vola­
tile salts on the vapor-liquid equilibrium properties of binary 
solvents. The procedure is based on estimating the influence 
of salt concentration on the infinite dilution activity coeffi­
cients of both components in a pseudo-binary solution. The 
procedure is tested on experimental data for five different 
salts in methanol-water solutions. With this technique and 
Wilson parameters determined from the infinite dilution ac­
tivity coefficients, precise estimates of bubble point tempera­
tures and vapor phase compositions may be obtained over a 
range of salt and solvent compositions. 

Separation processes w h i c h involve non-volatile salts arise in 
two situations. First, as an alternative to extractive or azeotropic distillation, 

salts may be added to a system to alter the v a p o r - l i q u i d e q u i l i b r i u m behavior. 
Second, there are cases where a salt is generated in the process before final product 
puri f icat ion. F o r example, product streams f r o m processes involv ing esterifi-
cation, etherification, or neutralization contain salts and are often fed to separation 
units such as disti l lation or str ipping columns. 

A n accurate representation of the phase e q u i l i b r i u m behavior is required 
to design or simulate any separation process. E q u i l i b r i u m data for salt-free 
systems are usually correlated by one of a number of possible equations, such as 
those of Wi lson , V a n Laar , Margules, Redl i ch-Kis ter , etc. These correlations 
can then be used i n the appropriate process model . It has become c o m m o n to 
utilize parameters f rom such correlations to obtain insight into the fundamentals 
underlying the behavior of solutions and to predict the behavior of other solutions. 
This has been particularly true of the Wi lson equation, w h i c h is shown below for 
a binary system. 

36 

 P
ub

lic
at

io
n 

D
at

e:
 J

un
e 

1,
 1

97
6 

| d
oi

: 1
0.

10
21

/b
a-

19
76

-0
15

5.
ch

00
4

In Thermodynamic Behavior of Electrolytes in Mixed Solvents; Furter, W.; 
Advances in Chemistry; American Chemical Society: Washington, DC, 1976. 



4. B O O N E E T AL. Equilibrium Data for Salt-Containing Systems 37 

In 7! In (xi + A 1 2 x 2 ) + x 2 

In (x2 + A 2 i xi) - xi 

A12 

In 7 2 

* i + A12X2 

A i 2 

A 2 i xi + x2 

A21 
X i + A12 X2 A 2 1 *1 + X 2 

(lc) 

(Id) 

A n advantage of the Wilson equation is that it involves only two parameters per 
binary and may be extended, without further information, to estimate m u l t i -
component phase e q u i l i b r i u m behavior. 

T w o approaches have been used in correlating the phase e q u i l i b r i u m be­
havior of complex mixtures involv ing a non-volatile salt dissolved i n a binary 
solvent mixture. Johnson and Furter (I) developed what appears to be the most 
popular approach by correlating the ratio of relative volatilities of the solvents 
as a function of salt concentration. Meranda and Furter (2) review this approach 
and present experimental determinations of the necessary parameters as a 
function of mole fraction of one of the solvents. 

A n alternative approach is to estimate activity coefficients of the solvents 
f r o m experimental data and correlate these coefficients using, for example, the 
Wi lson equation. Rousseau et al. (3) and Jaques and Furter (4) have used the 
Wilson equation, as well as other integrated forms of the G i b b s - D u h e m equation, 
to show the utility of this approach. These authors found it necessary, however, 
to modi fy the definitions of the solvent reference states so that the results could 
be normalized. 

The data against which these two approaches have been tested have for the 
most part been on salt-saturated systems. There have been no tests of the second 
approach in w h i c h the solution was not salt-saturated. M a n y applications, 
however, would be concerned w i t h systems having salt concentrations below 
saturation; in any case, to l imi t a technique to salt-saturated systems means that 
an available degree of freedom has been unnecessarily removed. 

Therefore, the objectives of this study were to investigate the influence of 
salt concentration on the vapor - l iqu id equi l ibr ium behavior of aqueous solutions 
of methyl alcohol and to develop a fundamentally sound approach to correlating 
the influence of salt on the behavior. 

Pseudobinary Systems 

T o apply the binary f o r m of the Wi l son equation, Jaques and Furter (4,5) 
and Rousseau et al. (3) treated the salt-solvent systems as pseudobinaries by ex­
pressing the solvent compositions on a salt-free basis. In addit ion, reference 
fugacities were defined to adjust the vapor pressure of the liquids by an amount 
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equal to the vapor pressure lowering caused by the presence of the salt. W h i l e 
this approach resulted i n successful correlations, it was clearly empir ica l . 

F o r this study, a different pseudobinary approach was adopted: solvent 
1, which salted out, was designated as component 1* while the mixture of solvent 
2 and the salt in a constant mole ratio was designated component 2*. D e f i n i n g 
the system in this manner means that it can be treated as a binary and the equi ­
l i b r i u m relationships governing the behavior of the system can then be writ ten 
as 

Ti* xi*/i*° = 0 i * y i * ^ (2) 

where 

* i * = rci/(ni + n 2 + n 3 ) (3a) 

x 2 * = ( n 2 + n 3 ) / ( n i + n 2 + n 3 ) (3b) 

Since the salt is nonvolatile 

y\* = V\ (4) 

Choosing the reference state of each component i n the pseudobinary solution 
to be the pure component (1* and 2*), the reference state fugacities are given 
by 

= Ph (5a) 

/ 2 *o = P s 2 , = F s 2 _ A P s 2 ( 5 b ) 

Infinite Dilution Activity Coefficients 

Shreiber and Eckert (6) developed the concept of estimating W i l s o n pa­
rameters for binary systems by examination of inf ini te d i lut ion activity coeff i ­
cients. Their technique was adapted to the pseudobinary salt-solvent system 
and used to determine the effect of salt on activity coefficients and the corre­
sponding Wi l son parameters. This was done as outl ined i n the fo l lowing para­
graphs. 

L o n g and M c D e v i t t (7) express the salt effect, S i } as the ratio of the fugacity 
of a component in the salt-containing system to the fugacity of that component 
i n the salt-free system at the same ratio of solvent 1 to solvent 2. Us ing a super­
script (') to denote the salt-free system 

S i = f (6) 

where 
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Substituting the usual expressions for fugacity into Equat ion 6 

Recal l that solvent 1 is identical to component 1* and therefore f\ = / i * . Sub­
stituting this expression into Equat ion 8 and rearranging 

^ - • ^ S , (9) 

T a k i n g the l imi t of both sides of Equat ion 9 as X i * goes to zero 

7 i * _ 7 l i m 
x i — o 7 r 7 

l i m [^^ S l l (10) 
F r o m Equations 3b and 4 

l i m ^ - (11) 
x i — O X i * X 2 

K i n g (8) points out that the salt effect has been successfully correlated by Set-
schenows equation i n w h i c h 

S = exp (ks C e ) (12) 
Furthermore, 

Psy Psi (at boi l ing point of 2) Ps
x (2) , x 

l i m = = (13) 
xl.-+oPsi* Psi* (at boi l ing point of 2*) P s i (2*) 

Substituting Equations 11, 12, and 13 into Equat ion 10 

— = - ^ 7 7 - exp (Jfcs C e ) (14) 
T r " * 2 P s i ( 2 * ) F V 

N o w considering solvent 2 

72* V2* *2' f y 

72' !/2' *2* P S 2* 

In the l imi t as x 2 * approaches zero, t/2*/?/2' is approximately 1. It is also shown 
easily that x 2 / x 2 * is approximately 1. Therefore, taking the l i m i t of both sides 
of Equat ion 15 as x 2 * goes to zero, 

v 72* 72*°° (at boi l ing point of 1) F s
2 . . 

l i m — = = (16) 
x 2 —o 72' 72'°° Ps2* (at boi l ing point of 1) P s

2 - A P S
2 

O n examination of Equations 14 and 16, it is clear that estimates of vapor pressure 
lowering and ks are a l l that are required to determine the influence of a given 
salt on the v a p o r - l i q u i d e q u i l i b r i u m behavior of a binary solvent mixture. 

T o test the val idi ty of the concept outl ined i n the previous paragraphs, ex­
perimental data were obtained for the effect of each of f ive salts on the equi l ib-

(15) 
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r i u m properties of methanol-water mixtures; each data set was treated as a 
pseudobinary and values for ks determined from observed infinite dilution activity 
coefficients. 

Experimental Equipment and Procedure 

Included among the salts chosen for study were those that cause salting-out 
(NaBr, N a F , K C l , L i Cl ) and salting-in ( H g C k ) of methanol i n aqueous solutions. 
T o test the technique described above, the v a p o r - l i q u i d equi l ibr ia of systems 
of constant ratios of salt to solvent 2 were measured. For example, in cases where 
methanol is salted out, the experiments were done at constant salt-to-water ratios, 
and when methanol is salted in (salting-out of water), constant salt-to-methanol 
ratios were used. This was done by preparing a solution of a f ixed salt molal i ty 
and using it as component 2* in the equil ibrium still. Thus, references to molality 
refer to the ratio moles of salt to 1000 g of solvent 2. 

V a p o r - l i q u i d equi l ibr ium experiments were performed with an improved 
Othmer recirculation still as modif ied by Johnson and Furter (2). Temperatures 
were measured w i t h Fisher thermometers calibrated against bo i l ing points of 
known solutions. E q u i l i b r i u m compositions were determined w i t h a vapor 
fractometer using a type W co lumn and a thermal conduct ivi ty detector. The 
l i q u i d samples were disti l led to remove the salt before analysis w i t h the gas 
chromatograph; the amount of salt present was calculated f rom the molality and 
the amount of solvent 2 present. Temperature measurements were accurate 
to ± 0 . 2 ° C whi le compositions were found to be accurate to 1% over most of the 
composition range. The system pressure was maintained at 1 atm. ± 1 m m 
Hg. 

Table I. Equilibrium Data for M e t h a n o l - H 2 0 - H g C l 2 

Salt Molality x2* y2* T(°C) 
2.0 0.033 0.225 94.1 
2.0 0.081 0.395 88.5 
2.0 0.185 0.530 83.7 
2.0 0.274 0.655 80.0 
2.0 0.413 0.701 77.1 
2.0 0.538 0.799 73.6 
2.0 0.753 0.879 71.5 
2.0 0.919 0.955 66.9 
3.0 0.044 0.192 95.3 
3.0 0.107 0.401 89.6 
3.0 0.212 0.543 84.8 
3.0 0.298 0.621 81.0 
3.0 0.373 0.654 78.0 
3.0 0.569 0.800 73.9 
3.0 0.748 0.871 71.0 
3.0 0.921 0.956 67.6 
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T a b l e II . E q u i l i b r i u m D a t a f o r M e t h a n o l - H 2 0 - N a B r 

Salt Molality xl * T(°C) 

1.0 0.045 0.303 93.8 
1.0 0.087 0.409 89.2 
1.0 0.144 0.545 85.0 
1.0 0.221 0.647 81.0 
1.0 0.464 0.725 74.3 
1.0 0.656 0.848 70.8 
1.0 0.869 0.937 67.5 
1.0 0.928 0.968 66.0 

2.0 0.048 0.332 93.9 
2.0 0.089 0.459 88.7 
2.0 0.139 0.586 84.7 
2.0 0.245 0.678 80.6 
2.0 0.477 0.781 74.5 
2.0 0.612 0.859 71.0 
2.0 0.844 0.938 67.0 
2.0 0.929 0.968 66.0 

4.0 0.024 0.212 97.4 
4.0 0.052 0.435 91.6 
4.0 0.106 0.543 85.5 
4.0 0.205 0.688 80.6 
4.0 0.683 0.853 69.8 
4.0 0.808 0.933 67.4 
4.0 0.916 0.972 65.8 
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Results and Discussion 

The v a p o r - l i q u i d e q u i l i b r i u m data for the five salt systems are given in 
Tables I - V using the pseudobinary nomenclature. Systems containing N a F , K C l , 
N a B r , and L i C l exhibited the expected salting-out of methanol wi th the degree 
of salting-out increasing with salt molality. Salting-in of methanol was observed 
wi th HgCl2- F igure 1 shows the smoothed x-y data for the H g C ^ w h i c h is rep­
resentative of al l the data. 

Using the vir ia l equation to estimate the slight deviations f r o m ideality ex­
hibited by the vapor, activity coefficients were calculated f r o m Equat ion 2. 
Infinite di lut ion activity coefficients for component 2* were estimated f r o m 
Equat ion 16; inf inite di lut ion activity coefficients for component 1* were de­
termined graphical ly by extrapolating the values calculated f r o m Equat ion 2 

T a b l e I I I . E q u i l i b r i u m D a t a f o r M e t h a n o l — W a t e r — K C l 

Salt Molality Xj * T(°C) 

0.5 0.007 0.069 98.4 
0.5 0.014 0.121 97.3 
0.5 0.027 0.196 95.4 
0.5 0.061 0.368 90.6 
0.5 0.140 0.571 84.8 
0.5 0.248 0.663 79.8 
0.5 0.306 0.722 77.3 
0.5 0.461 0.793 73.8 
0.5 0.700 0.872 69.4 
0.5 0.888 0.948 66.3 
0.5 0.937 0.975 65.2 

1.0 0.008 0.081 98.7 
1.0 0.015 0.137 97.2 
1.0 0.031 0.248 94.4 
1.0 0.073 0.432 88.6 
1.0 0.129 0.535 84.4 
1.0 0.235 0.662 79.5 
1.0 0.640 0.855 70.5 
1.0 0.825 0.929 67.5 
1.0 0.918 0.968 66.2 
1.0 0.964 0.988 65.5 

2.0 0.008 0.088 99.5 
2.0 0.026 0.232 95.9 
2.0 0.055 0.424 90.1 
2.0 0.101 0.519 86.3 
2.0 0.136 0.621 82.8 
2.0 0.201 0.674 80.1 
2.0 0.346 0.745 76.5 
2.0 0.479 0.821 73.5 
2.0 0.724 0.903 69.5 
2.0 0.879 0.953 66.5 
2.0 0.941 0.979 65.4 
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T a b l e I V . E q u i l i b r i u m D a t a f o r M e t h a n o l - H 2 0 - L i C l 

Salt Molality xl * T(°C) 

1.0 0.034 0.189 94.9 
1.0 0.095 0.442 88.0 
1.0 0.191 0.580 82.0 
1.0 0.239 0.678 78.7 
1.0 0.401 0.762 74.1 
1.0 0.495 0.797 71.6 
1.0 0.714 0.861 69.0 
1.0 0.929 0.968 65.9 

2.0 0.038 0.249 95.4 
2.0 0.075 0.427 90.0 
2.0 0.152 0.589 84.7 
2.0 0.257 0.685 79.6 
2.0 0.377 0.754 76.0 
2.0 0.557 0.824 72.0 
2.0 0.685 0.898 69.1 
2.0 0.924 0.967 66.0 

4.0 0.032 0.235 98.9 
4.0 0.076 0.463 91.0 
4.0 0.124 0.571 87.0 
4.0 0.209 0.685 81.2 
4.0 0.332 0.729 78.2 
4.0 0.496 0.818 73.8 
4.0 0.774 0.911 68.9 
4.0 0.934 0.975 66.2 

to obtain 71* at X\* = 0. W i t h the inf inite di lut ion activity coefficients deter­
mined i n this manner, a general min imiza t ion algori thm was used to estimate 
the Wilson parameters. Both infinite dilution activity coefficients and the Wilson 
parameters are given in Table V I . F o r al l but the mercuric chloride system, 
molar volume data of pure methanol and water were used i n the W i l s o n equa­
tions. Volumetr ic data for HgCl2-methanol were measured, but the variation 
of these properties w i t h temperature was estimated f r o m data on pure metha­
nol. 

Ac t iv i ty coefficients determined f r o m the W i l s o n equations using the pa­
rameters given in Table V I are plotted i n Figures 2-6. These data were then 
used in bubble point calculations to generate values of bubble point temperatures 
and vapor compsitions. Comparisons of vapor compositions calculated i n this 
manner w i t h those measured experimentally are shown i n Figures 7-11. In a l ­
most al l cases, the agreement is w i t h i n 0.02 mole fraction units. There does 
appear, however, to be a tendency to underestimate the salt effect i n the middle 
composition range. This may be caused by the approximations i n estimating 
molar volumes. 

By evaluating the salt parameter, ks, for each of the salts, the utility of l imited 
experimental data may be extended. O n rearranging Equat ion 14: 
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T a b l e V . E q u i l i b r i u m D a t a f o r M e t h a n o I - H 2 0 - N a F 

Salt Molality xl * T(°C) 

0.25 0.030 0.193 95.0 
0.25 0.073 0.363 90.4 
0.25 0.171 0.587 83.0 
0.25 0.245 0.670 79.0 
0.25 0.319 0.692 77.3 
0.25 0.510 0.743 73.2 
0.25 0.718 0.882 69.8 
0.25 0.917 0.962 66.5 

0.50 0.040 0.242 94.1 
0.50 0.068 0.357 90.0 
0.50 0.116 0.481 86.3 
0.50 0.172 0.589 82.0 
0.50 0.285 0.681 78.3 
0.50 0.448 0.764 74.5 
0.50 0.603 0.836 71.8 
0.50 0.814 0.916 68.0 
0.50 0.920 0.968 66.0 

1.0 0.027 0.199 95.5 
1.0 0.063 0.353 90.6 
1.0 0.140 0.527 84.3 
1.0 0.231 0.643 80.0 
1.0 0.437 0.781 74.8 
1.0 0.590 0.829 71.2 
1.0 0.761 0.905 68.7 
1.0 0.916 0.970 65.8 

Figure 2. Activity coefficients for 
methanol and water in KCl system 
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A B C 
molality 0.25 0.5 1.0 

3.0 

2.0 

J I L 
0.2 0.4 0.6 0.8 

Figure 3. Activity coefficients 
for methanol and water in NaF 

system 

A B C 
molality 1.0 2.0 4.0 

3.0 

J I I L 
0.2 0.4 0.6 0.8 

X, 

Figure 4. Activity coefficients 
for methanol and water in LiCl 

system 
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T a b l e V I . I n f i n i t e D i l u t i o n A c t i v i t y C o e f f i c i e n t s a n d W i l s o n P a r a m e t e r s 

Salt Molality 7i*°° 7 2 *~ X ^ - X ^ X n - X 2 

K C l 0.5 2.97 1.74 437 410 
K C l 1.0 3.20 1.77 508 400 
K C l 2.0 2.25 1.78 562 386 
N a F 0.25 2.31 1.75 132 509 
N a F 0.5 2.50 1.75 201 495 
N a F 1.0 2.68 1.78 296 461 
L i C l 1.0 2.31 1.78 113 521 
L i C l 2.0 2.43 1.82 156 520 
L i C l 4.0 2.65 1.98 171 571 
NaBr 1.0 2.62 1.78 234 498 
NaBr 2.0 2.73 1.82 296 483 
NaBr 4.0 3.10 1.92 292 460 
H g C l 2 2.0 2.02 2.32 327 307 
H g C l 2 3.0 2.26 2.35 447 196 
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A B 
molality 2.0 3.0 

Figure 6. Activity coefficients for methanol and water 
in HgCl2 system 

* , c - " b L , 8 l M ^ J ( 1 7 ) 

Plots of the right-hand side of Equation 17 against C e should be linear with a slope 
of ks for each salt. These were constructed and are shown in F i g u r e 12 w i t h C e 

expressed in terms of molality to avoid the need for molar volume data. Values 
of ks, w h i c h were determined f r o m a linear least squares fit through the origin, 
are presented for each salt in Table VI I . 

As shown in Figure 12, the precision of the linear fit used to estimate ks varies 
among the salts tested. However , using these values of ks to estimate the effect 
of a given salt on v a p o r - l i q u i d e q u i l i b r i u m appears to give a reasonably good 
approximation to the v a p o r - l i q u i d e q u i l i b r i u m behavior. 

T a b l e V I I . V a l u e s o f the Sa l t P a r a m e t e r 
Salt HgCl2 KCl NaF LiCl NaBr 

ks 0.050 0.280 0.195 0.075 0.120 

American Chemical 
Society Library 
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0.2 0.4 0.6 0.8 
Ycalc (methanol) 

Figure 7. Prediction of vapor phase composition for KCl 
system 
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Figure 8. Prediction of vapor phase composition for NaF 
system 
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• A 

0.8 — 
molality 1.0 2.0 4.0 y< 
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0.2 — 

i 1 i 1 
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^calc (methanol) 

Figure 9. Prediction of vapor phase composition for LiCl 
system 

Figure 10. Prediction of vapor-phase composition for 
NaBr system 
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0.4 

0.3 
to ^ _ 
Q . 

0.2 

0.1 

HgCI2

 D 

KCl • 
NaF • 
LICI * 
NaBr o 

_ l 
1.0 2.0 3.0 

Salt Molality 
4.0 

Figure 12. Determinations of salt parameters 
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Conclusions 

In this study, a thermodynamic framework has been presented for the cal­
culation of v a p o r - l i q u i d equi l ibr ia for binary solvents containing nonvolatile 
salts. F r o m an appropriate definition of a pseudobinary system, infinite di lution 
activity coefficients for the salt-containing system may be estimated f r o m a 
knowledge of vapor pressure lowering, salt-free inf inite d i lut ion activity coef­
ficients, and a single system-dependent constant. Parameters for the W i l s o n 
equation may be determined f r o m the inf ini te di lut ion activity coefficients. 

Data have been presented for f ive salts in methanol-water solutions, w h i c h 
indicate clearly the influence of salt concentration on the observed salt effects 
and the Wi l son parameters. 
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Nomenclature 

Ce = salt concentration 
fi = fugacity of component i 
/i° = reference state fugacity of component i 
i = component in mixture of binary solvents and salt 
i * = component i n pseudobinary mixture 
i ' = component in salt-free mixture of binary solvents 
ks = salt parameter 
n\ = moles of component i 
P = system pressure 
^ si(j) = vapor pressure of i determined at the normal bo i l ing point of 

Yi 

= vapor pressure lowering of i 
= gas constant 
= salt effect on component i 
= molar volume of l i q u i d i 
= mole fraction of i i n l i q u i d 
= mole fraction of i in vapor 
= activity coefficient of component i 
= inf inite di lut ion activity coefficient of component i 
= def ined by Equat ion l c 
= parameter i n Wi l son equation, cal/g-mole 
= fugacity coefficient of component i 
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5 

Prediction of Salt Effect in Vapor-Liquid 
Equilibrium: A Method Based on 
Solvation 

SHUZO OHE 

Ishikawajima-Harima Heavy Ind. Co. Ltd., Yokohama, Japan 235 

A method of prediction of the salt effect of vapor-liquid equi­
librium relationships in the methanol-ethyl acetate-calcium 
chloride system at atmospheric pressure is described. From 
the determined solubilities it is assumed that methanol forms 
a preferential solvate of CaCl2·6CH3OH. The preferential 
solvation number was calculated from the observed values of 
the salt effect in 14 systems, as a result of which the solvation 
number showed a linear relationship with respect to the con­
centration of solvent. With the use of the linear relation the 
salt effect can be determined from the solvation number of 
pure solvent and the vapor-liquid equilibrium relations ob­

tained without adding a salt. 

Ca lc ium chloride dissolves readily in methanol but less easily in 
ethyl acetate. Accordingly , it is assumed that the interaction between 

methanol and calcium chloride is dominant in the M e O H - E t O A c - C a C l 2 system. 
The causes of the salt effect in the system observed by the author w i l l be discussed 
f r o m the standpoint of molecular structure (Figure 1). 

Causes of Salt Effect 

The solubility of ca lc ium chloride i n the M e O H - E t O A c system (Figure 2) 
was obtained f r o m the intersections of the x-y curves obtained at respective 
constant C a C l 2 concentrations and those obtained at saturated concentration. 
Each salt concentration at the intersection of curves of constant salt concentration 
to salt saturation shows the solubility of ca lc ium chloride i n the volatile binary 
system. The solubilities thus obtained (Figure 2) are linear. F r o m 0 to 0.333 
mole fraction of methanol, the solubility is almost zero. These solubility data 
indicate that if ca l c ium chloride is dissolved by only the methanol contained in 
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the methanol-ethyl acetate solution, both solvents exist in the f o r m of clustered 
molecules compris ing one methanol molecule and two ethyl acetate molecules 
(Figure 3). It may be assumed that in methanol concentration over 0.333 mole 
fraction, free molecules forming nonclustered molecules are present in the system, 

Figure 1. MeOH-EtOAc-CaCl2 system at 1 atm 
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5. O H E Prediction of Salt Effect Based on Solvation 55 

Figure 3. Preferential solvation model for 
MeOH-EtOAc-CaClz system at 1 atm 

so that the salt is dissolved in the free molecules of methanol. F r o m the extrap­
olated solubility (mole ratio of ca lc ium chloride to methanol, ~ 1:6), ca lc ium 
chloride and methanol are believed to f o r m a solvate of C a C l 2 * 6 C H 3 0 H . In 
forming this solvate, methanol is trapped by ca l c ium chloride and cannot easily 
evaporate. Hence the vapor pressure of methanol drops to a corresponding 
level. 

Prediction of Salt Effect from Preferential Solvation Number 

The salt effect i n the M e O H - E t O A c - C a C ^ system can be explained by 
preferential solvation. As ca lc ium chloride dissolves readily i n methanol but 
only sparingly in ethyl acetate, it Wil l be sufficient to consider the interaction 
between methanol molecules and ca lc ium chloride molecules only i n the 
M e O H - E t O A c solution. Referr ing again to F igure 2, the free methanol mole­
cules w h i c h are not clustered w i t h ethyl acetate increase l inearly when the l i q ­
uid-phase composition of methanol is above 0.333 in mole fraction. The solubility 
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of CaCl2 is proportional to the increase i n the number of methanol molecules, 
and calcium chloride is dissolved, forming with methanol a preferential solvation 
w h i c h may be written CaCl2*6CH 3 OH. Since solvated methanol molecules 
cannot be evaporated, the composition of methanol part ic ipat ing i n the v a p o r -
l i q u i d e q u i l i b r i u m at the l i q u i d phase is decreased. If it is assumed that the 
preferential solvates do not exert interaction on the volatile components i n the 
l iquid phase, the vapor - l iqu id equi l ibr ium relation obtained under the addition 
of a salt may wel l be considered to be the same as the v a p o r - l i q u i d e q u i l i b r i u m 
without the salt for a liquid-phase composition f rom w h i c h the solvents forming 
solvates are excluded. W h e n a salt is expected to f o r m a solvate w i t h alcohol or 
water as in the alcohol-water-salt system, that is, when the formation of solvation 
is not l imi ted to a specific component, the above-mentioned predict ion cannot 
be made unless the solvation number of each component is calculated. F o r 
solvents consisting of ethanol and water, however, it has been found f r o m mea­
surements of W a l d e n constant ( A V * ) of l i t h i u m chloride and l i t h i u m f luoride 
that preferential hydrat ion of water molecules takes place when the ethanol 
concentration is less than 25 wt % (I). Therefore we can predict the salt effect 
in the alcohol-water-salt system, assuming that the preferential solvation takes 
place over the entire range of l iquid-phase composition although we know that 
this assumption is very bold. 

Method of Prediction. P R E F E R E N T I A L S O L V A T I O N N U M B E R . T h e for­

mation of preferential solvation is caused by the ionization of salt. The stability 
of the ion i n a solution depends on the magnitude of the dielectric constant of 
a solvent. Debye (2) explained salting out by the formation of preferential sol­
vation and found that the fo l lowing relation exists between salting out and the 
dielectric constant of a solvent. 

i *2 , x i Zj 2 ej 2 I de v i I n — - — vo In — = — vo (1) 

In Equat ion 1, x i ° and x2° are X\ and x2 at r = 0 0 , respectively. T h e first 
component is a nonelectrolyte, while the second component is an electrolyte such 
as water. In other words, X\ and x2 represent the compositions i n the neigh­
borhood of respective salts and accordingly the solvated compositions. Assuming 
that changes in the dielectric constant are i n the linear relationship wi th changes 
i n the composition of solvent, this relation is given by (de/dni) = ( A e / A n i ) . 

T a b l e I. E f f e c t i v e F a c t o r f o r P r e f e r e n t i a l S o l v a t i o n i n E q u a t i o n l a 

(1/e2) 
Systems e, e 2 Ae/Ax, (Ae/Ax,) 

E t h y l acetate ( l ) -methanol (2) 6.02 32.63 -26.61 -0 .0712 
Methanol ( l ) - w a t e r (2) 32.63 78.54 -45.91 -0.0088 
Ethanol ( l ) - w a t e r (2) 24.3 78.54 -54.24 -0.0205 

a e n e 2: value at 20°C, Ae = e, - e2, e: value at x° = x° = 0.5. 
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11 

10 
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8 
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i-PrOH 

j 
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/ 

AO 50 60 70 

Figure 4. Difference of di­
electric constants and solvation 

number 

Therefore we can compare the values of (l/e 2 )(Ae/Axi) in several solvents (Table 
i). 

The absolute value of ( l/e 2 ) (Ae/Axi) is the greatest i n the ethyl acetate-
methanol system but becomes smaller i n the ethanol-water system and metha­
nol-water system, in that order. In solvent systems, the greater the value of the 
right hand side of Equation 1, the greater the value of x2/x2° but the smaller the 
value of xi/xi°. In other words, the preferential solvation due to methanol or 
water is l ikely to occur in such systems. F igure 4 shows the result of plotting the 
solvation number So of pure solvent, obtained f rom the measurements of the salt 
effect, against the difference Ae of dielectric constant of each solvent i n the 
methanol-water, ethanol-water, and 2-propanol-water systems which are added 
w i t h CaCl2. As is apparent f r o m F igure 4, the value of So is greater i n systems 
w i t h greater value of Ae. This f igure shows the same trend as Equat ion 1. 

Then, we can obtain the preferential solvation number f r o m the observed 
values of the salt effect. As the concentration of solvent is decreased by the 
number of solvated molecules, the actual solvent composition part ic ipat ing i n 
the vapor - l iqu id equi l ibr ium is changed. Assuming that a salt forms the solvate 
w i t h the first component, the actual composition X i a is given by 

(xi - Sx 3 ) + x2 

Since xi = x\(l— x 3 ) , x 2 = x2 (1 — x 3 ) and x\ + x2' = 1, Equation 2 is rewritten 
as follows: 

, xi' (1 ~ s 3 ) ~ S * 3 , * 
(1 - x 3 ) - S x 3 

Solving Equat ion 3 for S, we obtain 

g _ 1 ~ * 3 * l ' ~ * l a ' ^ 

Therefore, the solvation number can be calculated by determining x i a ' f rom the 
measured values using the v a p o r - l i q u i d e q u i l i b r i u m relation obtained without 
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adding a salt. W h e n a salt forms the solvation w i t h the second component, the 
fo l lowing three equations can be derived i n a similar manner. 

* l a =" 
*1 

Xla ' = 

*1 + (X2 - Sx 3 ) 

(1 ~ X 3 ) x / 

(1 - x 3 ) - S x 3 

(5) 

(6) 

S = 
1 - x s X i Z - x / 

(7) 
x 3 Xla 

The establishment of the method of predict ion has been attempted by the 
reverse calculation of the preferential solvation number f r o m measured values, 
using Equations 4 and 7 w h i c h are based on the assumption that the salt effect 
in the v a p o r - l i q u i d e q u i l i b r i u m is caused by the preferential solvation formed 
between a volatile component and a salt. The observed values were selected f rom 
Ciparis 's data book (4), Hashitani's data (5-8), and the author's data (9-15). S 
was calculated by Equat ion 7 when the relative volati l i ty as i n the v a p o r - l i q u i d 
e q u i l i b r i u m w i t h salt is increased w i t h respect to the relative volat i l i ty a i n the 
vapor- l iquid equil ibrium with salt, but by Equation 4 when as is decreased. The 
results are shown in Figures 5-12. F r o m these figures, it w i l l be seen that the 
fol lowing three relations exist: 

10 
o ; fi =0.02( 

(3 =0.04< 

f3=0.10( 

) 

) 

) i • > 

fi =0.02( 

(3 =0.04< 

f3=0.10( 

) 

) 

) 

i 

0 0.2 0.4 0.6 0.8 1.0 
Xi 

Figure 5. MeOH-H20-CaCl2 system at 1 atm 
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0 0.2 0.4 0.6 0.8 1.0 

Figure 6. MeOH-H20-salt system at 25°C 

(a) The preferential solvation number S shows the linear relationship with 
the l iquid-phase composition of solvent, X\ or x2. 

(b) W h e n the concentration of salt is not saturated, S increases with increase 
in the mole fraction of solvent molecule w h i c h forms the solvate. 

(c) S increases w i t h decrease in salt concentration. 

These relations are established in all cases, regardless of the kinds of solvent 
systems, kinds of salts, isothermal equi l ibr ium or isobaric equi l ibr ium. It seems 
that these relations are also independent of salt concentration T o be exact, 
however, the above-mentioned linear relation (increase or decrease wi th respect 
to solvent concentration) is assumed to exist when x 3 is constant. If the range 
of salt concentration is narrow, the above-mentioned relations are assumed to 
be established approximately. 

Let's make a comparison of i n d i v i d u a l cases. Figures 5 - 7 show the cases 
where C a C ^ was added to the alcohol-water system. Figure 5 shows the values 
observed by the author when the salt concentration was constant in terms of mole 
fraction, according to w h i c h the hydrat ion number So of salt w i t h water is 11 at 
xs = 0.020, 10 at x 3 = 0.040, and 6 at x 3 = 0.100. The value of S 0 decreases as 
the salt concentration increases. The reason for this may be that the activity of 
salt decreases and the number of molecules to be solvated decreases as the salt 
concentration increases. O u r calculation was made using the data obtained by 
Yoshida et al . (16). As we obtained almost the same results as those shown in 
F igure 5, graphic representation is omitted. 

F igure 6 shows the results at isothermal equi l ibr ium. The observed values 
in this case were taken from Ciparis's data book (4). The concentration of C a C l ^ 
*3, is not constant, changing from 0.1009 to 0.155, but the linear relation is shown. 
The salt concentration is higher than in the case of F igure 5, but So is four, which 
is smaller. Figure 7 is based on the values observed by Hashitani et al. (5), where 
the linear relation is also obtained although x 3 is not constant. In particular, a 
similar linear relationship is obtained when a salt is dissolved to saturation at the 
boi l ing point. In this case, So is about four, w h i c h is smaller than i n the case i n 
w h i c h the salt is not saturated. F igure 8 shows the case where C H 3 C O O K was 
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Figure 7. EtOH-H20-CaCl2 system at 1 atm 

4 

to 2 

0 * 3 = 0.065 -0.247 

c 
1 

0 0.2 0.4 0.6 0.8 1.0 

Figure 8. i-PrOH-H20-CHsCOOK system 
at 1 atm 

Figure 9. CH3COOH-H2Osalt system at 1 atm 

dissolved to saturation in the 2-propanol-water system at room temperature. The 
linear relation was also obtained, although the range of composition of was 
large, 0.065-0.247. As described above, S was calculated f r o m the observed 
values of the v a p o r - l i q u i d e q u i l i b r i u m for such cases where a salt is assumed to 
form the solvation w i t h alcohol or water in the alcohol-water-salt system, as-
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5. O H E Prediction of Salt Effect Based on Solvation 61 

suming that the salt forms the preferential solvation with water. As a result, the 
linear relation was obtained. The values of S i n the acetic ac id-water system 
added w i t h S r C ^ , N a C l , and C a C ^ , respectively, are shown i n F igure 9. The 
same results as in the alcohol-water-salt system were obtained. F igure 10 shows 
the acetic ac id-water system added w i t h C H 3 C O O N a . The addit ion of 
C H 3 C O O N a forms the solvation w i t h acetic ac id rather than water. This may 
be because the aff ini ty of C H 3 C O O N a for acetic acid is greater than that for 
water. F igure 11 shows the case of the chloroform-acetone-ZnCl2 system; the 
results obtained were the same as those in other systems. F igure 12 shows the 
case of the a lcohol -a lcohol -CaCl2 system. In these three systems, the alcohol 
of lower boi l ing point forms the solvate, and the preferential solvation number 
decreases with increase of the carbon number i n the alcohol. The effect of the 
alkyl group is greater and that of the hydroxyl group contributing to the formation 

U 

3 

(O 2 

1 

0 
0 0.2 OA 0.6 0.8 1.0 

Xi 
Figure 10. CHsCOOH-H20-CH3COONa 

system at 1 atm 

5 

A 

3 

2 

1 

0 
0 0.2 OA 0.6 0.8 1.0 

Xi 
Figure 11. Chloroform-acetone-ZnCl2 system 

at 1 atm 

O 0.051-0.084 -
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Figure 12. k\coho\-alcoho\-CaCl2 system 
at 1 atm 

of solvate is smaller in systems having a larger number of carbons in the alcohol. 
The preferential solvation number in the ethyl acetate-ethanol-CaCl2 system 
is shown in Figure 13. F r o m Figure 13, when the salt is saturated, the preferential 
solvation number becomes constant and is independent of the solvent concen­
tration. O n the other hand, this relationship is not observed i n the e thanol -

1 

O X3 = 0.(W' 
A * 3 = 0.124 

• Xa = 0.29: 

O V I I 

M-0.07S 
•-0.171 

3-0.008 

I5 

• • w » S i — 

0 0.2 0.4 0.6 0.8 1.0 
Xf 

Figure 13. EtOAc-EtOH-CaCl2 system 
at 1 atm 
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5. O H E Prediction of Salt Effect Based on Solvation 63 

w a t e r - C a C k system, as shown in Figure 7. W h e n a salt is dissolved to saturation, 
therefore, the same rule cannot be appl ied, thus m a k i n g predict ion impossi­
ble. 

W e can now discuss the solvation number. In systems such as the metha-
nol-water-CaCl2 system shown in Figure 5, the hydration number is the greatest, 
that is, 11 at x 3 = 0.020. If the hydrat ion number of ions is calculated f r o m the 
hydration entropy, C a 2 + is seven and C l ~ is two (3). If it is assumed that C a C ^ 
is completely dissociated and both the cation and anion forms hydrate, the hy­
dration number becomes: 7 + 2 X 2 = 11, which agrees wi th the value obtained 
f r o m the salt effect. 

P R E D I C T I O N O F S A L T E F F E C T . The procedure for calculation of the 

preferential solvation number S has been described above. B y reversing this 
procedure, that is, by determining x i a ' f rom S, we can estimate the salt effect using 
the vapor- l iquid equil ibrium without a salt. W h e n the salt concentration is below 
saturation, the preferential solvation number S can be expressed as follows in cases 
where the solvation is formed w i t h the first component. 

S = S o n ' (8) 

where So is the solvation number of the pure solvent w i t h a salt. 
W h e n the solvation is formed w i t h the second component, the solvation 

number is given by 

S = S 0 ( l - (9) 

Accordingly , Equations 3 and 6 are rewritten as follows: 

/ (1 ~ Xs)Xi - SQXIXS 
Xla = (10) 

(1 - x 3 ) - S o x i ^ 

U - *3 )x i ' ( n ) 

l a ( l - s 3 ) - S 0 ( l - x i ' ) x 3 ' 

The procedure for predict ing the salt effect f r o m the solvation number of 
pure solvent is described below. 

(a) Dec ide w i t h what component the salt forms the preferential solvate 
in the system being predicted. 

(b) Obta in the solvation number So to be formed by a pure solvent. 
(c) Calculate X i a ' by Equat ion 10 or 11. 
(d) Set the vapor-phase composition at X i a ' i n the absence of salt, at X\ in 

the presence of salt. 

Example of predict ion: 
The fo l lowing is the predict ion of v a p o r - l i q u i d e q u i l i b r i u m composition 

when CaCl2 is added i n 7.24 m o l % to the ethyl acetate-ethanol system in which 
the l iquid-phase composition of ethyl acetate is 0.502 i n terms of mole frac­
tion. 

First, the component that forms the preferential solvation is determined 
according to step (a) as described above. Since ethanol is stronger i n polarity 
and greater in dielectric constant e than ethyl acetate, we can assume that ethanol 
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T a b l e I I . S y s t e m s o f Sa l t E f f e c t 

No. Systems Condition 

1 Methanol + water + C a C l 2
f l 1 atm 

2 Methanol + water + C a C l 2 (No. 33)^ 25° C 
3 Methanol + water + NaBr (No. 29) c 25° C 
4 Ethanol + water + CaCl2*> 1 atm 

5 2-Propanol + water + CH 3COOK« 1 atm 
6 Acetic acid + water + C a C l 2 (No. 61) c 1 atm 
7 Acetic acid + water + NaCl (No. A\)c 1 atm 
8 Acetic acid + water + S r C l 2 (No. 65 ) c 1 atm 
9 Acetic acid + water + C H 3 C O O N a ( N o . 44)^ 1 atm 

10 E thy l acetate + ethanol + CaCl2*> 1 atm 

11 Chloroform + acetone + Z n C l 2
& 1 atm 

12 Methanol + ethanol + C a C l 2
f l 1 atm 

13 Ethanol + f-propanol + C a C l 2
a 1 atm 

14 1-Propanol + 1-butanol + C a C l 2
a 1 atm 

a Author's data. 
t> Hashitani's data. 

Figure 14. Result of prediction for EtOAc-
EtOH-H20-CaCl2 system at 1 atm 
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P r e d i c t e d b y t h e S o l v a t i o n 

X 3 S 0 
Error (%) Figure Table 

0.020 11.0 1.2 5 III 
0.040 10.0 0.5 5 III 

0.0887-0.175 4.0 1.4 6 IV 
0.0563-0.1247 4.0 8.6 6 V 
0.159-0.179 4.5 5.2 7 V I 
0.0636-0.1052 8.0 7.1 7 V I 
0.066-0.247 3.0 6.3 8 VII 
0.128-0.228 3.0 10.2 9 VIII 
0.0035-0.1025 6.4 2.9 9 I X 
0.028-0.077 11.0 6.4 9 X 
0.0552-0.1397 3.5 1.2 10 X I 
0.0375-0.0960 3.5 9.8 10 X I 
0.0471-0.0848 6.0 1.1 13 XI I 
0.124-0.171 4.0 3.6 13 XII 
0.051-0.084 3.3 3.3 11 XIII 
0.115-0.169 2.7 2.7 11 XIII 
0.192-0.268 2.3 2.3 11 XIII 
0.0561-0.0765 5.0 2.5 12 X I V 

0.050 4.0 3.8 12 X V 
0.110 3.0 3.6 12 X V 

0.089-0.105 1.0 2.8 12 X V I 

cTdb\e No. in Ciparis' data book. 
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and CaCl2 f o r m the solvate. T h e n the solvation number is determined as de­
scribed in step (b). As the solvation number of ethanol and C a C ^ is not available 
i n the literature, we can use So = 6 obtained f r o m the observed values shown in 
F igure 13. For step (c), we can obtain x\a' = 0.655 by substituting x\ = 0.502, 
x 3 = 0.8724 and So = 6 in Equat ion 11. F i n a l l y we can determine the vapor-
phase composition as described in step (d). W h e n the liquid-phase composition 
of ethyl acetate is 0.655 mole fraction, the vapor-phase composition in the absence 
of C a C l 2 is 0.613 mole fraction. Accordingly, when the liquid-phase composition 
of ethyl acetate is 0.502 mole fraction, the vapor-phase composition i n the pres­
ence of CaCl2 i n 7.24 m o l % w i l l be 0.655 mole fraction. Since the observed 
value is 0.620 mole fraction, the error is 1.1%. 

The results of predict ion over the entire range of l iquid-phase composition 
are given in Table XI I . The comparison of the predict ion results w i t h the ob­
served values shown in the x-y d iagram is shown in F igure 14. 

R E S U L T S O F P R E D I C T I O N A N D DISCUSSION. The systems predicted are 

given i n Table II together w i t h error. The results of predict ion of each system 
are given in Tables I I I - X V I . 

The values of So obtained f r o m the observed values shown i n Figures 4-12 
were used as the preferential solvation number for predict ion. As So is the sol­
vation number between a pure solvent and a salt, it should not be obtained f rom 

T a b l e III. S a l t E f f e c t P r e d i c t e d f r o m the P r e f e r e n t i a l S o l v a t i o n f o r 
M e t h a n o l — W a t e r — C a C l 2 S y s t e m at 1 a t m 

S 0 = 11.0 

X3 y\ calc. y\ obs. Error (%) 
0.100 0.020 0.463 0.478 3.1 
0.200 0.020 0.616 0.594 3.7 
0.300 0.020 0.700 0.702 0.3 
0.400 0.020 0.760 0.757 0.4 
0.500 0.020 0.806 0.810 0.5 
0.600 0.020 0.850 0.849 0.1 
0.700 0.020 0.892 0.890 0.2 
0.800 0.020 0.931 0.920 1.2 
0.900 0.020 0.968 

S 0 = 10.0 

0.955 1.4 

av. 1.2% 

*»' x3 3̂ 1 calc. y\ obs. Error (%) 

0.100 0.040 0.529 0.530 0.2 
0.200 0.040 0.667 0.655 1.8 
0.300 0.040 0.743 0.737 0.8 
0.400 0.040 0.794 0.794 0 
0.500 0.040 0.841 0.843 0.2 
0.600 0.040 0.881 0.884 0.3 
0.700 0.040 0.915 0.914 0.1 
0.800 0.040 0.948 0.944 0.4 
0.900 0.040 0.975 0.966 0.9 

av. 0.5% 
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5. OHE Prediction of Salt Effect Based on Solvation 67 

T a b l e I V . S a l t E f f e c t P r e d i c t e d f r o m t h e P r e f e r e n t i a l S o l v a t i o n f o r 
M e t h a n o l - W a t e r - C a C I 2 S y s t e m at 25° C 

S 0 = 4.0 

X 3 ^1 calc. y\ obs. Error (%) 

0.2633 0.155 0.867 0.866 0.1 
0.2909 0.175 0.920 0.866 6.2 
0.2941 0.150 0.872 0.877 0.6 
0.3791 0.1464 0.896 0.893 0.3 
0.3977 0.1532 0.910 0.901 1.0 
0.6626 0.1171 0.942 0.956 1.5 
0.6895 0.1242 0.953 0.960 0.7 
0.7257 0.0887 0.945 0.962 1.8 
0.7542 0.1009 0.956 0.962 0.6 

av. 1.4% 

T a b l e V . Sa l t E f f e c t P r e d i c t e d f r o m the P r e f e r e n t i a l S o l v a t i o n f o r 
M e t h a n o l - - W a t e r - N a B r S y s t e m at 2 5 ° C 

S 0 = 4.0 

*/ x3 ^1 calc. ^1 obs. Error (%) 
0.148 0.1247 0.575 0.756 23.9 
0.292 0.1118 0.725 0.820 11.5 
0.500 0.0909 0.840 0.884 5.0 
0.700 0.0722 0.915 0.932 1.8 
0.900 0.0563 0.970 0.979 0.9 

av. 8.6% 

the v a p o r - l i q u i d e q u i l i b r i u m relations. A t present, however, data are not 
available. In each table, the comparison of prediction results of each system and 
observed values is shown as the error. 

The mean error was 0.5% m i n i m u m and 10.2% maximum. A general trend 
is that the error is great when the value of S is large. F o r example, i n the meth­
a n o l - w a t e r - N a B r system shown in Table V , S decreases w i t h the increase i n x\ 
as shown in Figure 6. Whi le the error is 23.9% at X\ = 0.148, it decreases to 0.9% 
at ae/ = 0.900. The same trend is observed in all systems given i n Tables V I - X I , 
X I V - X V I . The cause of this may be that the difference between the calculated 
value of S and the measured value of S is large where the value of S is great. A n 
example of predict ion results is shown i n F igure 15 i n the f o r m of an x-y d i ­
agram. 

The errors in this method of predict ion are assumed to result f rom: 

(a) the degree of l inearity of values of S to X\, and 
(b) the amount of scatter of values of S f r o m the above-mentioned line. 

The amount of scatter must be smaller if observed values are accurate. The 
linearity of values of S affects the validity of this method of prediction. T o discuss 
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T a b l e V I . Sa l t E f f e c t P r e d i c t e d f r o m the P r e f e r e n t i a l S o l v a t i o n f o r 

E t h a n o l — W a t e r — C a C l 2 S y s t e m at 1 a t m 

S 0 = 4.5 

Xl x3 v l calc. obs. Error (%) 
0.106 0.168 0.678 0.785 13.6 
0.233 0.161 0.745 0.830 10.2 
0.385 0.159 0.814 0.860 5.4 
0.482 0.170 0.819 0.868 5.9 
0.666 0.179 0.988 0.908 8.8 
0.860 0.164 0.977 0.952 2.6 
0.907 0.171 0.990 0.960 3.1 
0.917 0.167 0.988 0.973 1.5 
0.929 0.160 0.986 0.973 1.3 
0.962 0.165 0.995 0.989 0.6 

av. 5.2% 

S 0 = 8.0 

y\ calc. obs. Error (%) 
0.105 0.0636 0.525 0.655 19.9 
0.426 0.0952 0.805 0.836 3.7 
0.457 0.0970 0.863 0.840 2.7 
0.583 0.1052 0.954 0.880 8.4 
0.791 0.0919 0.938 0.931 0.8 

av. 7.1% 

T a b l e V I I . Sa l t E f f e c t P r e d i c t e d f r o m t h e P r e f e r e n t i a l S o l v a t i o n f o r 
1 - P r o p a n o l - - W a t e r - C H 3 C O O K S y s t e m at 1 a t m 

S 0 = 3.0 

X3 calc. obs. Error (%) 

0.024 0.247 0.641 0.672 4.6 
0.090 0.240 0.662 0.801 17.4 
0.190 0.239 0.762 0.853 10.7 
0.390 0.237 0.860 0.891 3.5 
0.485 0.235 0.880 0.889 1.0 
0.592 0.222 0.865 0.894 3.2 
0.682 0.200 0.850 0.906 6.2 
0.896 0.120 0.900 0.959 6.2 
0.952 0.066 0.936 0.975 4.0 

av. 6.3% 

 P
ub

lic
at

io
n 

D
at

e:
 J

un
e 

1,
 1

97
6 

| d
oi

: 1
0.

10
21

/b
a-

19
76

-0
15

5.
ch

00
5

In Thermodynamic Behavior of Electrolytes in Mixed Solvents; Furter, W.; 
Advances in Chemistry; American Chemical Society: Washington, DC, 1976. 



5. OHE Prediction of Salt Effect Based on Solvation 69 

T a b l e V I I I . Sa l t E f f e c t P r e d i c t e d f r o m the P r e f e r e n t i a l S o l v a t i o n f o r 
A c e t i c A c i d — W a t e r — C a C l 2 S y s t e m at 1 a t m 

S 0 = 3.0 

x3 y\ calc. v l obs. Error (%) 
0.016 0.2238 0.085 0.086 1.2 
0.044 0.227 0.193 0.250 22.8 
0.146 0.212 0.346 0.414 16.4 
0.274 0.199 0.460 0.536 14.2 
0.297 0.197 0.480 0.547 12.2 
0.544 0.195 0.715 0.655 9.2 
0.558 0.186 0.695 0.646 7.6 
0.732 0.136 0.745 0.719 3.6 
0.739 0.128 0.740 0.708 4.5 

av. 10.2% 

T a b l e I X . Sa l t E f f e c t P r e d i c t e d f r o m t h e P r e f e r e n t i a l S o l v a t i o n f o r 
A c e t i c A c i d - W a t e r - N a C l S y s t e m at 1 a t m 

S 0 = 6.4 

x3 calc. y 1 obs. Error (%) 

0.033 0.1025 0.075 0.068 10.3 
0.071 0.0934 0.123 0.121 1.6 
0.114 0.0863 0.165 0.167 1.2 
0.232 0.0642 0.250 0.252 0.8 
0.412 0.0384 0.360 0.382 5.8 
0.745 0.0129 0.645 0.641 0.6 
0.994 0.0035 0.986 0.985 0.1 

av. 2.9% 

T a b l e X . Sa l t E f f e c t P r e d i c t e d f r o m t h e P r e f e r e n t i a l S o l v a t i o n f o r 
A c e t i c A c i d - W a t e r - S r C l 2 S y s t e m at 1 a t m 

S 0 = 11.0 

x3 calc. y\ obs. Error (%) 

0.025 0.077 0.162 0.128 26.6 
0.031 0.073 0.130 0.143 9.1 
0.051 0.075 0.235 0.211 11.4 
0.059 0.070 0.183 0.220 16.8 
0.150 0.061 0.273 0.296 7.8 
0.161 0.058 0.267 0.295 9.5 
0.229 0.056 0.351 0.343 2.3 
0.319 0.049 0.389 0.386 0.8 
0.445 0.039 0.466 0.449 3.8 
0.449 0.038 0.465 0.448 3.8 
0.527 0.033 0.504 0.502 0.4 
0.529 0.034 0.512 0.483 6.0 
0.696 0.024 0.643 0.633 1.6 
0.707 0.028 0.667 0.638 4.5 

av. 6.4% 
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T a b l e X I . Sa l t E f f e c t P r e d i c t e d f r o m the P r e f e r e n t i a l S o l v a t i o n f o r 
A c e t i c A c i d - W a t e r - C H 3 C O O N a S y s t e m at 1 a t m 

S 0 = 3.5 

Xl X3 y\ calc. ^ i obs. Error (%) 

0.035 0.0552 0.020 0.020 0 
0.074 0.0597 0.040 0.041 2.4 
0.130 0.0657 0.070 0.070 0 
0.268 0.0809 0.137 0.140 2.1 
0.488 0.1037 0.257 0.262 1.9 
0.863 0.1397 0.606 0.610 0.7 

av. 1.2% 
S 0 = 3.5 

x3 1̂ calc. 1̂ obs. Error (%) 
0.034 0.0375 0.020 0.022 9.1 
0.073 0.0405 0.043 0.046 6.5 
0.122 0.0447 0.052 0.076 31.6 
0.264 0.0551 0.143 0.158 9.5 
0.468 0.0702 0.284 0.285 0.4 
0.835 0.0960 0.644 0.632 1.9 

av. 9.8% 

T a b l e X I I . S a l t E f f e c t P r e d i c t e d f r o m the P r e f e r e n t i a l S o l v a t i o n f o r 
E t h y l A c e t a t e — E t h a n o l - C a C l 2 S y s t e m at 1 a t m 

S 0 - 6.0 

x3 y\ calc. ^1 obs. Error (%) 

0.049 0.0471 0.124 0.123 0.8 
0.123 0.0535 0.265 0.266 0.4 
0.240 0.0631 0.417 0.407 2.5 
0.401 0.0743 0.560 0.558 0.4 
0.403 0.0720 0.558 0.550 1.5 
0.502 0.0724 0.613 0.620 1.1 
0.629 0.0848 0.713 0.710 0.4 
0.741 0.0824 0.781 0.789 1.0 
0.797 0.0795 0.815 0.830 1.8 

av. 1.1% 
S 0 = 4.0 

Xi X3 1̂ calc. y\ obs. Error (%) 
0.149 0.124 0.373 0.363 2.8 
0.290 0.148 0.563 0.543 3.7 
0.442 0.161 0.696 0.673 3.4 
0.604 0.171 0.824 0.789 4.4 

av. 3.6% 
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T a b l e X I I I . Sa l t E f f e c t P r e d i c t e d f r o m the P r e f e r e n t i a l S o l v a t i o n f o r 
C h l o r o f o r m — A c e t o n e — Z n C l 2 S y s t e m at 1 a t m 

S 0 = 3.3 

x3 calc. y\ obs. Error (%) 

0.0497 0.0511 0.0235 0.0325 0 
0.102 0.0562 0.108 0.0725 50.0 
0.198 0.0622 0.169 0.167 1.2 
0.295 0.0628 0.267 0.267 0 
0.398 0.0683 0.406 0.408 0.5 
0.549 0.0757 0.615 0.640 3.9 
0.689 0.0803 0.804 0.812 1.0 
0.838 0.0836 0.922 0.948 2.7 
0.951 0.0254 0.972 0.981 0.9 

av7~3.3% 

S 0 = 2.7 

Jt,' y\ calc. y\ obs. Error (%) 
0.0497 0.1147 0.0439 0.0439 0 
0.102 0.1187 0.097 0.0963 0.7 
0.198 0.1303 0.212 0.219 3.2 
0.295 0.1519 0.385 0.383 0.5 
0.398 0.1465 0.515 0.530 2.8 
0.549 0.1619 0.755 0.765 1.3 
0.689 0.1694 0.870 0.904 3.8 
0.838 0.1088 0.925 0.971 4.7 

av. 2.7% 

S 0 = 2.3 

Xi' x3 3̂  calc. y\ obs. Error (%) 
0.0497 0.1018 0.0620 0.0663 6.5 
0.102 0.1914 0.135 0.137 1.5 
0.198 0.2098 0.309 0.313 1.3 
0.398 0.2345 0.715 0.672 6.4 
0.549 0.2541 0.896 0.883 1.5 
0.689 0.2679 0.958 0.946 1.3 

av. 2.3% 
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T a b l e X I V . Sa l t E f f e c t P r e d i c t e d f r o m t h e P r e f e r e n t i a l S o l v a t i o n f o r 
M e t h a n o l - E t h a n o l - C a C l 2 S y s t e m at 1 a t m 

S 0 = 5.0 

X3 y 1 calc. obs. Error (%) 
0.098 0.077 0.099 0.100 1.0 
0.265 0.071 0.285 0.310 8.1 
0.382 0.069 0.407 0.437 6.9 
0.490 0.066 0.522 0.530 1.5 
0.590 0.064 0.620 0.627 1.1 
0.684 0.062 0.715 0.705 0.4 
0.852 0.058 0.864 0.864 0 
0.928 0.056 0.934 0.934 0 

av. 2.5% 

T a b l e X V . Sa l t E f f e c t P r e d i c t e d f r o m the P r e f e r e n t i a l S o l v a t i o n f o r 
E t h a n o l — 1 - P r o p a n o l — C a C l 2 S y s t e m at 1 a t m 

S 0 = 3.0 

Xi x3 y\ calc. ^1 obs. Error (%) 
0.056 0.110 0.040 0.046 13.0 
0.112 0.110 0.082 0.082 0 
0.225 0.110 0.175 0.171 2.3 
0.339 0.110 0.274 0.269 1.9 
0.449 0.110 0.377 0.401 6.0 
0.562 0.110 0.485 0.509 4.7 
0.674 0.110 0.602 0.607 0.8 
0.786 0.110 0.732 0.749 2.3 
0.899 0.110 0.873 0.881 0.9 

av. 3.6% 

S 0 = 4.0 

X3 y\ calc. Î obs. Error (%) 
0.053 0.050 0.046 0.044 4.6 
0.105 0.050 0.095 0.090 5.6 
0.210 0.050 0.198 0.182 8.8 
0.316 0.050 0.298 0.274 8.8 
0.421 0.050 0.403 0.385 4.7 
0.526 0.050 0.505 0.508 0.6 
0.632 0.050 0.613 0.624 1.8 
0.737 0.050 0.724 0.741 2.3 
0.842 0.050 0.837 0.844 0.8 
0.947 0.050 0.948 0.948 0 

av. 3.8% 
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5. O H E Prediction of Salt Effect Based on Solvation 73 

this point in detail , it is necessary to establish an elaborate theory f r o m the 
standpoint of physical chemistry. It was possible for various systems, however, 
to obtain the linear relation empir ica l ly f r o m the measured values as described 
above. Accordingly , we are of the opinion that the fa i thful ut i l izat ion of such 
results is meaningful as the first step toward the establishment of this type of 
predict ion method since there is no predict ion method of salt effect available at 
present. 

T a b l e X V I . Sa l t E f f e c t P r e d i c t e d f r o m the P r e f e r e n t i a l S o l v a t i o n f o r 
1 - P r o p a n o l — 1 - B u t a n o l — C a C l 2 S y s t e m at 1 a t m 

S 0 = 1.0 

X3 3>l calc. obs. Error (%) 

0.100 0.136 0.168 0.183 8.2 
0.300 0.141 0.458 0.451 1.6 
0.400 0.156 0.553 0.566 2.3 
0.500 0.187 0.627 0.662 5.3 
0.600 0.176 0.715 0.736 2.9 
0.700 0.180 0.795 0.807 1.5 
0.800 0.177 0.878 0.873 0.6 
0.900 0.134 0.945 0.944 0.1 

av. 2.8% 

Conclusion 

The salt effect is attributable to the formation of preferential solvation f rom 
the standpoint of molecular structure. In other words, when c a l c i u m chloride, 
w h i c h dissolves readily i n methanol but very little i n ethyl acetate, was added 
to the methanol-ethyl acetate system to saturation, calcium chloride formed with 
methanol the preferential solvate which may be written C a C ^ - O C H ^ O H . It was 
also shown from the observation of solubility that the solvated methanol molecules 
d i d not participate in the v a p o r - l i q u i d e q u i l i b r i u m . 

The preferential solvation number was calculated f rom the observed values 
of salt effect in 14 systems, as a result of which the solvation number showed the 
linear relationship with respect to the concentration of solvent. It has been made 
clear that the solvation number increases w i t h increase i n the concentration of 
a solvent forming the solvation when the salt concentration is not saturated, but 
is kept constant when the salt concentration is saturated. Thus the salt effect 
was predicted wi th the use of the above-mentioned relationship. A c c o r d i n g to 
this predict ion method, the salt effect can be determined f r o m the solvation 
number of pure solvent and the v a p o r - l i q u i d e q u i l i b r i u m relations without a 
salt. 
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Nomenclature 

e = electric charge of electron [1.6018 X 1 0 ~ 1 9 coulomb] 
k = Bol tzmann constant [(1.38044 ± 0.00007) X 1 0 " 1 6 erg/deg] 
n = number of nonelectrolyte molecule [—] 
r = distance between ions [10~ 8 cm] 
S = preferential solvation number [ H 
T = Absolute temperature [°K] 
t = temperature [°C] 
v 
x 
y = vapor phase composition [mole fraction] 
z = electric charge number 
e 

molar volume [cc/mol] 
l i q u i d phase composition [mole fraction] 

= dielectric constant 
7r = ratio of the circumference to its diameter 

Superscript 

' = salt free 

Subscripts 

1 = first component 
2 = second component 
3 = th ird component 
a = free solvent molecule not solvated 
i = ion 
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Salt Effect on Isothermal Vapor-Liquid 
Equilibrium of 2-Propanol-Water 
Systems 

EIZO SADA, TETSUO MORISUE, and NORIO TSUBOI 

Department of Chemical Engineering, Nagoya University, Furo-cho, Chikusa-ku, 
Nagoya, 464 Japan 

Isothermal vapor-liquid equilibrium data at 75°,50° and 25°C 
for the system of 2-propanol-water-lithium perchlorate were 
obtained by using a modified Othmer still. In the 2-propanol-
rich region 2-propanol was salted out from the aqueous solu­
tion by addition of lithium perchlorate, but in the water-rich 
region 2-propanol was salted in. It is suggested from the ex­
perimental data that the simple electrostatic theory cannot ac­
count for the salt effect parameter of this system. 

Adissolved salt i n a m i x e d solvent consisting of water and a 
nonelectrolyte changes the phase e q u i l i b r i u m by causing preferential sol­

vation i n the l i q u i d phase. A c c o r d i n g to Johnson and Furter (I) the salt effect 
on the vapor- l iquid equi l ibr ium is defined by the relative change of the chemical 
potentials of both solvents by dissolution of salt i n the m i x e d solvent. If tem­
perature, pressure, and a mixed solvent composition are f ixed, the salt effect is 
a function of salt concentration only. Johnson and Furter assume a linear relation 
between the relative change of each chemical potential and the salt concentration 
as a first approximation. N o one so far has reported the results of testing the 
l inearity of the relationship under the original ly der ived conditions. 

The thermodynamic excess functions for the 2-propanol-water mixture and 
the effects of l i t h i u m chloride, l i t h i u m bromide, and c a l c i u m chloride on the 
phase e q u i l i b r i u m for this b inary system have been studied i n previous papers 
(2, 3). In this paper, the effects of l i t h i u m perchlorate on the v a p o r - l i q u i d 
e q u i l i b r i u m at 7 5 ° , 5 0 ° , and 2 5 ° C for the 2-propanol-water system have been 
obtained by using a dynamic method w i t h a modi f ied Othmer still. This system 
was selected because l i t h i u m perchlorate m a y be more soluble i n alcohol than 
i n water (4). 
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76 THERMODYNAMIC BEHAVIOR OF ELECTROLYTES 

Experimental 

M a t e r i a l s . Dis t i l led water was used; 2-propanol and trihydrous l i t h i u m 
perchlorate, of guaranteed reagent quality f rom Wako Pure Chemicals Co. , were 
used without further purif icat ion. The pur i ty of the 2-propanol was checked 
by gas chromatography, w i t h Porapak-Q as the co lumn packing, and found to 
be more than 99.9 m o l %. T h e physical properties of pure solvents were com­
pared w i t h the literature values i n a previous paper (2), and the agreement was 
satisfactory. 

Appara tus . A l l v a p o r - l i q u i d e q u i l i b r i u m measurements were made by 
using a modi f ied Othmer still provided w i t h an external electric heater. Total 
volume of the still was about 500 c m 3 , of w h i c h about 300 c m 3 was occupied by 
l i q u i d . The l i q u i d loaded in the condensate receiver was about 7 c m 3 . Details 
of the still are described in a previous paper (5). 

The boi l ing point temperature was maintained w i t h i n ± 0 . 0 2 ° C of the se­
lected temperature, and measured by using a mercury-in-glass thermometer. 
The e q u i l i b r i u m pressure was measured by means of a mercury-in-glass ma­
nometer, and was readable w i t h i n an accuracy of ± 0 . 1 m m . 

E q u i l i b r i u m vapor condensate was analyzed by means of density mea­
surement at 25.00° ± 0 . 0 2 ° C . A n Ostwald pycnometer (capacity ca. 5 c m 3 ) was 
used. L i q u i d phase composition was calculated by taking a material balance. 
In this case, the three moles of water present i n trihydrous l i t h i u m perchlorate 
were considered water component. The accuracies of both compositions were 
± 0 . 0 0 1 mole fraction. 

Thermodynamic Consideration 

To 2-propanol and water (designated by the subscripts 1 and 2 respectively) 
a nonvolatile salt (designated by subscript 3) is added. A t inf ini te d i lut ion this 
salt dissociates into an ion couple. 

The problem is to define the extent of the salt effect on a two-component 
solvent. If the salt has an equal effect on both components of the solvents, then 
it can be assumed 

a ) 

where is the formulary moles of salt. However, the salt effect on each solvent 
is not equal, that is, 

P P ^ I * 0 (2) 
L Otis J n i , n 2 

If the inequality is positive, solvent 1 (nonelectrolyte) is salted out; on the other 
hand, if it is negative, solvent 1 is salted in . Thus the extent of the salt effect on 
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6. SADA ET AL. Equilibrium of 2-Propanol-Water Systems 77 

the mixed solvent should be measured by the relative change of the chemical 
potential of each solvent in the addit ion of salt. Such an approach has been 
adopted by G r u n w a l d and Bacarella (6, 7, 8). It is convenient to express MI and 
1x2 as functions of the composition variables Z\ and N 3 , 

Z i = n\/(n\ + TI2) and Z\ + Z2 = 1 (3) 

N 3 = n 3 / ( n i + n 2 ) (4) 

Since the cross differential relation 

(r) a n d ( , ) - ( f 8 ) ( 5 ) 

\ O T l 3 / ni,n2 V m 1 / 112 ,113 \OTl 3 /n i , r i2 \ofl2/ ni,n3 
an analogous equation to Equat ion 2 can be obtained. 

L 6 W 3 JZl \<9ZI/N 3 

Here JU3 is completely defined by the variables Z i and N 3 . For any given values 
of Z i and N 3 , the reference of the activity coefficient w i l l be chosen as the ex­
tremely dilute state ( N 3 = 0) of the given solute i n a binary m i x e d solvent of the 
same composition Z\. B y the definition, the chemical potential of the reference 
state varies w i t h Z\. Hence, one obtains for the 1-1 salts 

/M\ = 2 / ^ ) + 2 R T / ^ p ) (7) 
VdZi / N a V d Z i / V 3Zi / N s 

where the superscript * denotes the inf inite d i lut ion of salt in the solvent, and 
the subscript ± denotes the mean value for the ions of a salt. Substituting 
Equat ion 7 into Equat ion 6 and integrating, we have 

A M = Ma+ 2 f N 7 ^ ^ ) d N 3 (8) 
J o \ 0Z1 / N 3 

where 

and the subscript 0 denotes the system without salt. If the salt is very dilute, the 
second term on the right side i n Equat ion 8 is proportional to N 3 3 / 2 (6, 7, 8), so 
this term may be neglected i n comparison w i t h the first term. Thus 

AM = *ON3 (11) 

Equat ion 11 is similar to the linear approximation by Johnson and Furter (J). 
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78 THERMODYNAMIC BEHAVIOR OF ELECTROLYTES 

Results and Discussion 

V a p o r - l i q u i d e q u i l i b r i u m data obtained for the 2-propanol-water binary 
system at 7 5 ° C agreed wel l w i t h the values calculated f r o m the total pressure 
data used in the numerical method of M i x o n et al. (9). Thus, the apparatus used 
in this work gives consistent data. 

The isothermal v a p o r - l i q u i d e q u i l i b r i u m data at 7 5 ° , 5 0 ° , and 2 5 ° C for 
the 2 -propanol -water - l i th ium perchlorate system are listed i n Tables I and II. 
It can be seen f r o m these tables that i n the alcohol-rich region the vapor phase 
composition of 2-propanol increases w i t h an increase i n salt concentration. 
However , in a mixed solvent of 10 m o l % alcohol the change of the vapor phase 
composition is small, and at a temperature of 50° and 2 5 ° C it even decreases a 

T a b l e I. V a p o r — L i q u i d E q u i l i b r i u m D a t a f o r 
2 - P r o p a n o l - W a t e r - L i C 1 0 4 S y s t e m at 7 5 . 0 8 ± 0 . 0 2 ° C 

N3 x 100 P (mmHg) <*2 

0.099 0.0 0.498 552.9 0.487 0.950 
0.100 0.51 0.498 546.6 0.482 0.939 
0.100 1.04 0.502 542.4 0.482 0.925 
0.096 1.57 0.501 537.0 0.477 0.917 
0.095 2.11 0.501 535.3 0.475 0.915 
0.095 3.23 0.499 531.4 0.470 0.912 

0.300 0.0 0.542 587.2 0.560 0.926 
0.296 0.51 0.550 584.8 0.568 0.899 
0.300 1.03 0.554 580.6 0.567 0.886 
0.296 1.58 0.563 578.0 0.575 0.863 
0.296 2.11 0.565 573.3 0.572 0.852 
0.296 3.25 0.565 563.7 0.563 0.839 

0.500 0.0 0.596 604.8 0.634 0.826 
0.498 0.52 0.613 600.8 0.649 0.795 
0.500 1.06 0.621 600.1 0.656 0.778 
0.498 1.59 0.625 595.4 0.656 0.764 
0.498 2.13 0.633 593.3 0.662 0.745 
0.497 3.27 0.647 582.3 0.665 0.703 

0.703 0.0 0.698 613.6 0.754 0.633 
0.700 0.52 0.703 608.8 0.754 0.618 
0.700 1.02 0.712 607.9 0.762 0.598 
0.701 1.58 0.726 601.7 0.769 0.564 
0.699 2.13 0.735 597.6 0.773 0.540 
0.699 3.26 0.750 588.1 0.778 0.502 

0.900 0.0 0.869 591.1 0.906 0.266 
0.901 0.52 0.873 588.4 0.906 0.256 
0.903 1.02 0.879 583.8 0.906 0.240 
0.900 1.59 0.889 581.4 0.912 0.221 
0.900 2.13 0.901 577.1 0.918 0.195 
0.900 3.26 0.913 571.3 0.921 0.169 
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T a b l e I I . V a p o r — L i q u i d E q u i l i b r i u m D a t a f o r 
2 - P r o p a n o l - W a t e r - L i C 1 0 4 S y s t e m at 5 0 ° a n d 2 5 ° C 

N3 x 100 P (mmHg) a 2 

50.01 ± 0.02°C 

0.097 0.0 0.489 175.7 0.477 0.970 
0.096 0.51 0.486 172.4 0.465 0.956 
0.099 1.01 0.480 172.5 0.460 0.969 
0.095 1.51 0.485 174.0 0.469 0.968 
0.096 2.03 0.484 169.3 0.455 0.943 
0.095 3.04 0.486 166.5 0.450 0.924 

25.13 ± 0.02°C 

0.098 0.0 0.456 43.0 0.430 0.977 
0.096 0.51 0.444 42.5 0.415 0.987 
0.096 1.01 0.441 41.8 0.405 0.976 
0.096 1.52 0.448 41.4 0.407 0.955 
0.097 2.03 0.443 40.9 0.398 0.951 
0.096 3.04 0.444 40.0 0.390 0.928 

little. O n the other hand, the total pressure decreases w i t h an increase in salt 
concentration over the whole region of the solvent composition. 

The activities of each solvent are shown i n columns f ive and six of Tables 
I and II and are plotted i n F igure 1 for 2-propanol. The standard state for the 
activities of each solvent was taken as the state for the pure component at the same 
temperature and pressure as that of the mixture. Assuming the vapor mixture 
obeys the ideal solution law, that is ^ i 2 = (j8n + 022)/2, the activities were cal­
culated by the fo l lowing equation 

fli = tfVPi°) e x p K A i - Vi)(P - Pi°)/RT] (12) 

where the superscript o denotes the pure component. The second v i r ia l coeffi­
cients and the molar volumes in the l iquid phase of each pure solvent used in these 
calculations are described in a previous paper (3). The activity of water decreases 
gradually, and then abruptly decreases wi th the salt concentration at a particular 
2-propanol concentration. However , i n the alcohol-rich region the activity of 
2-propanol increases w i t h the salt concentration, but i n the water-r ich region it 
decreases. 

The extent of the salt effect on a mixed solvent, however, should be measured 
not by the activity change of nonelectrolyte caused by the salt addit ion, but by 
the relative change of the chemical potentials of each solvent. As discussed i n 
the previous paper (10), Au may be evaluated at a constant temperature by the 
fo l lowing equation, 

(13) 
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80 THERMODYNAMIC BEHAVIOR OF ELECTROLYTES 

Figure 1. Activity of 2-
propanol as a function of 
salt concentration at the 
mixed solvent compositions: 
A=0.9;B = 0.7;C = 0.5;D 

= 0 . 3 ; E = 0.I. 

0.4 1 ' 1 1 1 
0 1 2 3 4 

N 3 XI00 
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T a b l e III . Sa l t E f f e c t P a r a m e t e r o f L i C 1 0 4 at 75°C 

zx k0 y 1 0 > c a l o 

0.1 0.17 0.499 0.291 
0.3 2.95 0.546 0.904 
0.5 6.16 0.602 0.979 
0.7 8.46 0.696 0.994 
0.9 15.0 0.865 0.990 

T a b l e I V . Sa l t E f f e c t P a r a m e t e r o f L i C 1 0 4 at Zt = 0.1 

T(°C) k0 y 1 0 > c a l o 

75 0.17 0.499 0.291 
50 - 0 . 2 4 0.486 - 0 . 2 1 7 
25 - 1 . 0 2 0.450 - 0 . 5 1 3 

20 

0.2 0.4 0.6 0.8 1.0 

Z, 

Figure 2. Salt effect parameters ko and q' at 
75°Casa function of mixed solvent 

composition 

vhere 

a = ai/a2 (14) 

The second term on the right side in Equat ion 13 is entirely negligible at low 
pressures in comparison wi th the activity term. Therefore f r o m Equations 11 
and 13, we can write 

In a = koNs + const. (15) 

 P
ub

lic
at

io
n 

D
at

e:
 J

un
e 

1,
 1

97
6 

| d
oi

: 1
0.

10
21

/b
a-

19
76

-0
15

5.
ch

00
6

In Thermodynamic Behavior of Electrolytes in Mixed Solvents; Furter, W.; 
Advances in Chemistry; American Chemical Society: Washington, DC, 1976. 



82 THERMODYNAMIC BEHAVIOR OF ELECTROLYTES 

The values of the two constants in Equation 15 were obtained by the least-squares 
method, the results of w h i c h are shown i n Tables III and IV . In these tables a 
is the correlation coefficient in the experimental values of l n a f r o m the fitted 
curve between l n a and N3. 

The salt effect parameter k0 is plotted i n F igure 2, and the data for l i th ium 
chloride and l i th ium bromide reported in the previous paper (3) are also plotted 
for the purposes of comparison. It can be seen f r o m F i g u r e 2 that k0 depends 
markedly on the solvent composition. T h e values of ko decrease and i n the ex­
tremely water-rich region k0 is negative at 50° and 2 5 ° C . In other words, 2-
propanol is salted in by the addition of l i thium perchlorate. The salting-in effect 
of 2-propanol increases w i t h reduction i n temperature. 

The chemical potential of ion at the reference state Mi* is conveniently sepa­
rated into an electrostatic part and other nonelectrostatic parts. If the Born 
approximation (11) is taken for the electrostatic part, the salt effect parameter 
for 1-1 salt may be given by the fo l lowing equation: 

where the subscript ne denotes the nonelectrostatic part, r± is the harmonic mean 
of the two ionic radi i , and 

H 2RT dZi 

If the first term on the right side in Equation 16 is negligible i n comparison with 
the second term, the salt effect parameter may be evaluated f r o m the dielectric 
constant of the solvent. This equation is similar to the D e b y e - M c A u l a y equation 
(12). The values of q' at 7 5 ° C are plotted i n F igure 2. T h e values of € 0 used in 
the calculation were interpolated f rom the experimental data by Akerlof (13). 
The values calculated using the harmonic mean of the crystal radi i of l i t h i u m 
ion and perchlorate ion do not agree wel l w i t h the measured values, especially 
in the negative region of ko and the isopropanol-rich region. The large dis­
crepancy indicates that the ions are solvated and f o r m a short-range ion pair. 

Conclusion 

Isothermal v a p o r - l i q u i d e q u i l i b r i u m data at 7 5 ° , 5 0 ° , and 2 5 ° C for the 
system of 2 -propanol -water - l i th ium perchlorate were obtained by using a 
modif ied Othmer still. In the 2-propanol-rich region 2-propanol was salted out 
from the aqueous solution by addition of l i th ium perchlorate, but in the water-rich 
region 2-propanol was salted in. The salt effect parameter of l i thium perchlorate 
was evaluated. 

(16) 
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Nomenclature 

d\ = activity of component i 
e = electronic charge 
ko = salt effect parameter def ined by Equat ion 10 
N A = Avogadro number 
N.3 = moles of salt per one mole of solvent 
n j = moles of component i 
P = pressure 
P i = partial pressure of solvent i 
q' = defined by Equat ion 17 
R = gas constant 
r = ionic radius 
T = temperature 
v\ = molar volume of pure solvent i in l i q u i d phase 
t/i = mole fraction of solvent i i n vapor phase 
Zj = mole fraction of solvent i in mixed solvent 

a = defined by Equat ion 14 
/J = second vi r ia l coefficient 
7 = activity coefficient 
All = defined by Equat ion 9 
eo = dielectric constant of mixed solvent 
Mi = chemical potential of component i 

Superscript 

o = pure state 
* = infinite di lut ion 

Subscript 

0 = without salt 
1 = 2-propanol 
2 = water 
3 = salt 
± = ionic mean value 
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Vapor-Liquid Equilibrium in the 
Ethanol-Water System Saturated with 
Chloride Salts 

M. A. GALAN, M. D. LABRADOR, and J. R. ALVAREZ 

Department of Chemistry (Technical), Faculty of Science, University of Salamanca, 
Salamanca, Spain 

Vapor-liquid equilibrium data at atmospheric pressure (690-
700 mmHg) for the systems consisting of ethyl alcohol-water 
saturated with copper(II) chloride, strontium chloride, and 
nickel(II) chloride are presented. Also provided are the solu­
bilities of each of these salts in the liquid binary mixture at the 
boiling point. Copper(II) chloride and nickel(II) chloride 
completely break the azeotrope, while strontium chloride 
moves the azeotrope up to richer compositions in ethyl alcohol. 
The equilibrium data are correlated by two separate methods, 
one based on modified mole fractions, and the other on devia­
tions from Raoult's Law. 

Many papers concerning salt effect on v a p o r - l i q u i d e q u i l i b r i u m 
have been published. The systems formed by alcohol-water mixtures 

saturated wi th various salts have been the most widely studied, w i t h those based 
on the ethyl alcohol-water b inary being of special interest (1-6,8,10,11). 
H o w e v e r , other alcohol mixtures have also been studied: methanol 
(10,16,17,20,21,22), 1-propanol (10,12,23,24), 2-propanol (12,23,25,26), butanol 
(27), phenol (28), and ethylene glycol (29,30). Other b inary solvents studied 
have inc luded acetic ac id-water (22), propionic ac id-water (31), ni tr ic a c i d -
water (32), acetone-methanol (33), ethanol-benzene (27), pyr idine-water (25), 
and dioxane-water (26). 

Although the third component of these systems is usually a single inorganic 
salt, mixtures of two or more salts have been studied, and some research has been 
done w i t h th ird components of low vapor pressure (18,19). Some qualitative 
studies have been done on salt effect in vapor- l iquid equi l ibr ium with salts which 
are either: soluble i n only one or both components, hygroscopic or non-hygro­
scopic, etc. 

85 
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The present work studies the vapor- l iquid equil ibrium of the ethanol-water 
system saturated w i t h copper(II) chloride, strontium chloride, and nickel(II) 
chloride. 

Salts soluble in ethanol as wel l as water have been found to break the azeo­
trope, while salts which are very soluble in water and only slightly soluble in the 
alcohol move the azeotrope to richer ethanol regions without breaking it. F u r ­
thermore, the salts or compounds w h i c h dissolve more i n one component are 
found to raise the volatility of the other component. This f inding is in conformity 
w i t h that of previous workers i n the f ie ld (8,11,12,13,18,19,23,24,27). In this 
work the equi l ibr ium diagrams were obtained at atmospheric pressure (690-700 
m m H g ) , and under saturation conditions. 

F r o m experimental data for the ethanol-water system without salt, obtained 
at 700 and 760 m m H g , it can be seen that w i t h i n this pressure range the effects 
of pressure on the e q u i l i b r i u m data are small enough to be w i t h i n the experi­
mental scatter. In fact, in previous works (8,11,12,13,18,19,23,24,27) there seems 
to be no clear difference between the equi l ibr ium data at 700 and at 760 m m H g . 
Errors obtained i n the determination of l i q u i d and vapor compositions are ap­
proximately ± 0 . 0 5 wt % for the systems without salt. For salt-saturated systems, 

»the same error prevails for the vapor phase, whi le the error is between 0.1 and 
0.2 wt % for l i q u i d phase compositions. T h e error for the boi l ing temperature 
is less than 0.1 °C for the systems without salt, but for saturated solutions the error 
is m u c h greater: f r o m 0 .2°C for nonconcentrated solutions to 3 ° C or more for 
highly concentrated solutions. 

Experimental Procedure 

The apparatus and experimental procedure used here are the same as those 
used in previous work (8,11,12,13,18,19,23,24,27). A n i m p r o v e d O t h m e r still 
is used. In the lower part of the still, at five c m f rom the base, there is a stopcock 
through w h i c h l i q u i d samples can be taken. The cock bore is larger than the 
standard bore, thus preventing sticking by the salt. A thermometer w h i c h 
measures the boi l ing temperature is introduced into the vessel through an inlet 
on either side of the still, wi th the bulb submerged in the solution. This solution 
is vigorously stirred magnetically. The still neck is covered with nichrome thread 
through which an electric current is passed. In this way, the temperature of the 
vapor can be kept higher than the boil ing point, thus avoiding any condensation. 
The recycling tube has a narrow bore section, w h i c h prevents mix ing of solution 
and vapor. 

The vapor composition was determined by picnometry. T h e l i q u i d phase 
was evaporated to dryness; the solubility of the salt and the composition of the 
l iqu id on a salt-free basis were determined f rom the salt and the l iqu id obtained 
by weighing and picnometry. 
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7. G A L A N E T AL. Ethanol-Water Saturated with Chloride Salts 87 

Results and Discussion 

Figure 1 shows the equil ibrium data for the ethanol-water systems saturated 
w i t h copper(II) chloride, strontium chloride, or nickel(II) chloride. F igure 2 
shows the temperature-compositions diagrams corrected to 700 m m H g . 

For the copper(II) chloride system, a m a x i m u m and m i n i m u m were ob­
served. M a x i m u m and m i n i m u m points have also been observed for the 1 -
propanol-water system saturated w i t h copper(II) chloride. T h e explanation 
for these singular points w i l l be made after demonstration of the solubility 
data. 

The temperature data for the ethanol-water-strontium chloride system show 
that the curve for the l i q u i d phase cuts the curve corresponding to the salt-free 
system. This tends to happen w i t h salts that are very soluble i n water and only 
slightly soluble or insoluble i n ethanol (8,12). This is because, for a binary 

Figure 1. Vapor-liquid equilibrium data for the ethanol-water systems sat­
urated with copper(U) chloride, nickel(II) chloride, and strontium chloride 
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20 40 60 80 100 

x , y % mole 

Figure 2. Temperature-composition diagrams, corrected to 700 mmHg, for 
the ethanol-water systems saturated with copper(II) chloride, nickel(II) chlo­

ride, and strontium chloride 

mixture of a determined composition and at a determined pressure, the boi l ing 
point is a f ixed temperature. 

If a salt w h i c h is somewhat soluble i n both water and ethanol is added to a 
binary mixture, the composition of the l i q u i d phase is m o d i f i e d such that the 
solution can be considered to consist of a binary mixture formed by free water 
and ethanol wi th a composition richer in ethanol than the init ial binary mixture 
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7. GALAN ET AL. Ethanol-Water Saturated with Chloride Salts 89 

(without salt), and the salt with fixed water; hence the salt effect is to fix the water, 
thus raising the alcohol volatility. The boi l ing temperature of the solution with 
salt w i l l be the sum of: the boil ing temperature of free water and ethanol (lower 
than the boi l ing temperature of the ini t ia l solution), and the temperature incre­
ment due to the salt. If this increment is small (as wi th ions of small activity such 
as Na+, K + , S r 2 + ) , the solution w i t h salt may have a lower boi l ing point than the 
same solution without salt. 

Figure 3. Salt solubility data for boiling ethanol-water mixtures saturated 
with copper(II) chloride 
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F r o m the equi l ibr ium composition and temperature, it can be deduced that 
copper(II) chloride and nickel(II) chloride break the azeotrope, while strontium 
chloride moves it toward a richer ethanol concentration. Figures 3 and 4 show 
solubility data for these systems, expressed in grams of salt per hundred grams 
of solvent, plotted against l i q u i d composition in wt % on a salt-free basis. Solu­
bi l i ty data for the copper(II) chloride system (see F igure 3) show a m a x i m u m 

Figure 4. Salt solubility data for boiling ethanol-water mixtures saturated 
with nickel(II) chloride and strontium chloride 
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7. G A L A N E T AL. Ethanol-Water Saturated with Chloride Salts 91 

and m i n i m u m for two different compositions of the binary mixture. This was 
also observed in the 1 -propanol-water-copper(II) chloride system (24). These 
singular points were also found in other systems: a m i n i m u m i n the solubility 
data was found i n the 1-propanol-water-cobalt(II) chloride system (24), and 
a m a x i m u m was found for the ethyl alcohol-water system saturated w i t h phen-
olphthalein (19). The solubility m a x i m u m and m i n i m u m for the ethanol -
water-copper(II) chloride system can account for the temperature m a x i m u m 
and m i n i m u m (see F igure 2). 

O n the other hand, the system shown i n F igure 1 breaks the azeotrope 
completely. This means that the vapor phase composition must always be larger 
than the l iqu id phase compositions over the entire range of compositions. F r o m 
this, the boi l ing point of the vapor must be lower and the composition of vapor 
must be higher than those of the l iquid . Therefore, the lines for the l i q u i d phase 
and the vapor phase in this diagram go through the m a x i m u m and m i n i m u m 
without crossing (cutting) over the entire range of concentrations. These singular 
points are not observed in the case of nickel(II) and strontium chlorides. 

Correlation 

Equations studied previously (19,27) have been used to correlate the equi­
l ibr ium data. Alvarez and Vega (27) correlate the equil ibrium data as a function 
of a modi f ied mole fraction X ' i , and the l i q u i d phase composition on a salt-free 
basis X + i . 

l o g X ,
i = fllogXi+ + logfe (1) 

In this equation, a and b are constants characteristic of the system. The modified 
mole fraction is the one def ined by L u (34) f r o m the compositions on a salt-free 
basis and from the vapor pressure of the pure components and of the salt plus pure 
l i q u i d solutions. Figures 5 and 6 show the values of X ' j and X + j corresponding, 
respectively, to ethanol and water for each of the three systems. F o r nickel(II) 
chloride and strontium chloride, the experimental data follow a straight line, while 
for copper(II) chloride the data f o r m three straight lines, as was expected (24) 
f r o m the m a x i m u m and m i n i m u m i n the temperature diagram. 

F o r nickel(II) and strontium chlorides the experimental data are i n good 
agreement w i t h data obtained by Alvarez Gonzalez and Vega Zea (27); that is, 
when the solubility of the salt i n one component increases, the value of X\ de­
creases for the pure component. Moreover, the decrease is proportional to the 
solubility of the salt i n this component. Accordingly , a salt that is insoluble in 
one component must pass through the point X ' j = 100, X+

{ = 100. The values 
obtained for constants a and b of Equat ion 1 are shown i n Table I. 

The equi l ibr ium data were also correlated by studying the deviations f rom 
Raoult's L a w . Since the salt-free system obeys this law when the concentration 
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92 THERMODYNAMIC BEHAVIOR OF ELECTROLYTES 

of a specified component is substituted by its activity, it follows that for the 
salt-free system: 

and for the system w i t h salt, 

*yi = F i ° ( X s i 7 i ) n 

where X S j is the real concentration of component i i n the salt solution, and the 
salt is considered a third component w i t h no vapor pressure. X j 0 is the concen­
tration of the salt-free system, and 7J° the activity coefficient of the salt-free 
system for the concentration Xi° corresponding to X s i . It is interesting to re­
member that Xi° = X i + . 

_L J_ 
0.10 0.20 0.30 0.40 0.50 1.00 

Figure 5. Modified molar fraction vs. salt-free base composition referred to 
ethanol for the systems saturated with copper(II) chloride, nickel(II) chloride, 

and strontium chloride 
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0.10 0.20 0.30 0.40 0.50 1.00 

Figure 6. Modified molar fraction vs. salt-free base composition referred to 
water for the systems saturated with copper(II) chloride, nickel(II) chloride, 

and strontium chloride 

T a b l e I. E x p e r i m e n t a l V a l u e s O b t a i n e d f o r C o n s t a n t s a a n d b 
i n E q u a t i o n 1 

Second 
Reference Component Component a b 

Ethanol-stront ium chloride water 0.717 3.553 
Water-strontium chloride ethanol 0.768 1.613 
Ethanol-nickel(II) chloride water 0.794 2.504 
Water-nickel(II) chloride ethanol 0.998 0.497 
Ethanol-copper(II) chloride water 0.877 1.407 
Ethanol-copper(II) chloride water - 0 . 5 3 7 547.4 
Ethanol-copper(II) chloride water 1.012 0.695 
Water-copper(II) chloride ethanol 1.164 0.240 
Water-copper(II) chloride ethanol 1.967 0.017 
Water-copper(II) chloride ethanol 1.193 0.256 
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• CuCl 2 

A N i C l 2 

o S r C l 2 

0.1 0.2 0.3 0.A 0.5 1.0 

ocsr° 

Figure 7. Alvarez-Bueno-Galan correlation for the ethanol-water systems 
saturated with copper(II) chloride, nickel(II) chloride, and strontium 

chloride 

The exponent n indicates the deviation of the system w i t h salt f r o m the 
salt-free system. Figure 7 shows the values of log iryjPp vs. log (X s i 7i°) for the 
ethanol-water system saturated w i t h copper(II) chloride, nickel(II) chloride, and 
strontium chloride respectively. The values for n obtained f rom the above system 
are shown in Table II. 

T a b l e II . E x p e r i m e n t a l V a l u e s O b t a i n e d f o r C o n s t a n t n i n E q u a t i o n 2 

System n 

Ethanol-water-s tront ium chloride 0.38 
Ethanol-water-nickel(II) chloride 0.53 
Ethanol-water-copper(II) chloride 0.67 
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Alvarez Gonzalez et al . (19) stated that those systems i n w h i c h the value of 
n is less than unity move the azeotrope to richer ethanol compositions, even to 
breaking the azeotrope. This was also observed for the systems presently under 
consideration. Reference 19 proposes a correlation of the e q u i l i b r i u m data by 
the empir ica l equation: 

^ = K ( X , V ) n (3) 
* R 

where F R is the vapor pressure of an ideal ethanol-water system w h i c h obeys 
Raoult's law, and K is a constant. The exponent n gives the deviation of the 
system, salt-free or not, wi th respect to the ideal system, w h i c h follows Raoult's 
law. The log iryjP^ vs. log ( X ^ 0 ) is presented in Figure 8 for the three systems 
studied. The values obtained for n are presented i n Table III. 

o ETHANOL - WATER 
• CuCl 2 

A N iC l 2 

10 20 30 40 50 100 

x ° r ° 

Figure 8. Empiric correlation of Alvarez-Bueno-Galan for the ethanol-water 
system and ethanol-water saturated with copper(II) chloride, nickel(II) chlo­

ride, and strontium chloride 
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T a b l e III. E x p e r i m e n t a l V a l u e s O b t a i n e d f o r C o n s t a n t n 
i n E q u a t i o n 3 

System n 

Ethanol-water 1.39 
Ethanol -water-s tront ium chloride 1.03 
Ethanol-water-nickel(II ) chloride 1.05 
Ethanol-water-copper(II) chloride 1.13 

F r o m these it can be deduced that the system w i t h a slope of less than 1.39 
moves the azeotrope toward richer ethanol composition, as was also deduced i n 
Reference 19. 

T o correlate the temperatures, these same authors (19) proposed the rep­
resentation of log T R J Y J O / T J V S . log ( T R i 7 i 0 ) , where T R i is the boi l ing temperature 

'R 1 

Figure 9. Temperature correlations of Alvarez-Bueno-Galan for the 
ethanol-water system and ethanol-water saturated with copper(II) chloride, 

nickel(II) chloride, and strontium chloride 
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of the ideal system and Tx is the boi l ing temperature of the real system without 
salt. F igure 9 shows that a straight l ine was obtained for each system. 

These correlations allow the predict ion of e q u i l i b r i u m data for systems 
saturated wi th salt f r o m only one or two experimental points. Nevertheless, in 
all work done on salt effect it seems that what was stated at the beginning of this 
paper is true, i.e., the effects on the volatilities of components and hence the 
variation in relative volati l i ty depend on the solubility of the salt in both com­
ponents. 
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Effects of Salts Having Large Organic 
Ions on Vapor-Liquid Equilibrium 

JOHN A. BURNS and WILLIAM F. FURTER1 

Department of Chemical Engineering, Royal Military College of Canada, Kingston, 
Ontario, Canada, K7L 2W3 

The salt effects of potassium bromide and a series of five sym­
metrical tetraalkylammonium bromides on vapor-liquid equi­
librium at constant pressure in various ethanol-water mixtures 
were determined. For these systems, the composition of the 
binary solvent was held constant while the dependence of the 
equilibrium vapor composition on salt concentration was in­
vestigated; these studies were done at various fixed composi­
tions of the mixed solvent. Good agreement with the equation 
of Furter and Johnson was observed for the salts exhibiting ei­
ther mainly electrostrictive or mainly hydrophobic behavior; 
however, the correlation was unsatisfactory in the case of the 
one salt (tetraethylammonium bromide) where these two types 
of solute-solvent interactions were in close competition. The 
transition from salting out of the ethanol to salting in, ob­
served as the tetraalkylammonium salt series is ascended, was 
interpreted in terms of the solute-solvent interactions as relat­
ed to physical properties of the system components, particular­
ly solubilities and surface tensions. 

n p h e addit ion of salts to a l i q u i d mixture to a id i n the separation 
A of the components of that mixture by fractional disti l lation has important 

implications in terms of theoretical studies and practical applications. The 
complexity of the salt effect in v a p o r - l i q u i d equil ibria and the sparse conclusive 
work in this field are largely responsible for the l imited applications it has received 
industrially, despite a potential for dramatical ly improved separation perfor­
mance in certain systems. Not only is the effect of the salt on a system complex, 
but variations occur f r o m system to system; that is, each system is unique. In 
addit ion, the nature of the effects, as wel l as their magnitudes, tends to be com-

1 To whom correspondence should be addressed. 

99 

 P
ub

lic
at

io
n 

D
at

e:
 J

un
e 

1,
 1

97
6 

| d
oi

: 1
0.

10
21

/b
a-

19
76

-0
15

5.
ch

00
8

In Thermodynamic Behavior of Electrolytes in Mixed Solvents; Furter, W.; 
Advances in Chemistry; American Chemical Society: Washington, DC, 1976. 



100 THERMODYNAMIC BEHAVIOR OF ELECTROLYTES 

position dependent, even wi th in a given system. Consequently, the scope of the 
salt effect even on binary, let alone mult icomponent , systems becomes astro­
nomical. Despite the many proposals submitted, no one theory has yet been able 
to predict satisfactorily the effects of salts on v a p o r - l i q u i d equi l ibr ia f r o m 
pure-component properties alone. If a treatment applies for a certain type of 
salt, e.g., inorganic, then it fails in the case of others, e.g., the tetraalkylammonium 
( T A A ) salts of the present investigation. Regardless, compensating factors a id 
in producing convenient behavioral trends for w h i c h plausible explanations can 
be tendered and empir ica l generalizations noted. In this way it is possible to 
s impl i fy an otherwise unmanageable situation. 

Applicat ions of salt effects to both v a p o r - l i q u i d and l i q u i d - l i q u i d phase 
equilibria were reviewed in 1958 by Prausnitz and Targovnik (1). More recently 
several authors (2, 3, 4) have offered comprehensive treatises of salt effects on 
nonelectrolytes in mixed-solvent solution; however, most studies have been 
confined to effects of salts on activity coefficients and solubilities of the non­
electrolyte in aqueous solution. In some cases, a detailed mathematical treatment 
has been appl ied to those salt effects (4,5, 6). A n extensive review of the liter­
ature of salt effect in v a p o r - l i q u i d e q u i l i b r i u m and disti l lation processes prior 
to 1966 has been compi led by Furter and Cook (8) who list over two hundred 
references. Previously, studies have concentrated on saturated solutions of mainly 
inorganic salts in binary solvent mixtures (9-15). S imilar experiments using a 
fixed salt concentration below saturation have been reported (16,17). L o n g and 
M c D e v i t (7), and more recently Gubbins and Tiepel (5), reviewed the salt effects 
of aqueous solutions of tetraalkylammonium ( T A A ) halides. These authors report 
that the T A A cations salt in most nonelectrolytes, and this effect becomes more 
pronounced as the size of the T A A cation increases, as opposed to salting-out of 
these solutes by most other electrolytes. This observed behavior has been ac­
counted for by either an influence on water structure (18) or association between 
the ion and the nonelectrolyte (18, 19, 20). This latter tendency of nonpolar 
groups to adhere to one another in an aqueous environment has become k n o w n 
as hydrophobic bonding (21). 

F r o m thermodynamic considerations and after a sequence of s i m p l i f y i n g 
assumptions has been appl ied, inc luding those of constant temperature and 
pressure, an equation for the salt effect in vapor- l iquid equilibria under conditions 
of constant mixed-solvent composition has been derived (22,23). The equation, 
in its simplest form, reduces to 

\n^ = kz. (1). 
a 

This equation relates a so-called "improvement factor/' the logarithm of the ratio 
of relative volati l i ty w i t h and without salt present, to the salt concentration in 
the l i q u i d phase under the condit ion of f ixed mixed-solvent composition, by a 
salt effect parameter k. Usually, the added salt lowers the volati l i ty of both 
components in the l i q u i d phase. If the extent of this lower ing is different for 

 P
ub

lic
at

io
n 

D
at

e:
 J

un
e 

1,
 1

97
6 

| d
oi

: 1
0.

10
21

/b
a-

19
76

-0
15

5.
ch

00
8

In Thermodynamic Behavior of Electrolytes in Mixed Solvents; Furter, W.; 
Advances in Chemistry; American Chemical Society: Washington, DC, 1976. 



8. BURNS A N D FURTER Salts Having Large Organic Ions 101 

the two volatile components, as is usually the case, there w i l l be an enhancement 
of one component and depletion of the other in the equil ibr ium vapor phase, that 
is, an alteration in vapor composition caused by the addition of the salt. Equation 
1 also appears to apply (8, 12, 24) to some ternary systems even if the l i q u i d 
composition is varied. (However, under such conditions Equat ion 1 w o u l d be­
come pr imar i ly empir ica l and lose m u c h of its theoretical significance.) Also, 
k has been found to vary w i t h the system and the temperature (23,25). O f the 
many systems investigated, few studies involved the simpler conditions of constant 
l i q u i d composition whi le vary ing the salt concentration. These are precisely 
the conditions to which Equation 1 should be applied, but there are other factors 
involved (for example, temperature, pressure, solute-solute interactions). 
Nevertheless, it is possible to explain certain salt effect trends in general terms 
by the physical nature of the components involved i n the mixture, although i n ­
consistencies with such generalities exist (15). Other relations have been devised 
to correlate more adequately the salt effects on v a p o r - l i q u i d equi l ibr ia under 
conditions of varying l i q u i d composition (26, 27), but either the complexity or 
the empirical nature of the resulting equations limits their usefulness. Recently 
Jaques and Furter (28) reported results under suitable conditions to w h i c h 
Equat ion 1 should apply rigorously, and they observed that the equation was 
indeed satisfactory for additions of sodium bromide, a m m o n i u m chloride, and 
sodium chloride to ethanol-water mixtures, and for the c a l c i u m c h l o r i d e -
methanol-water system. However, for these systems the solubilities and boi l ing 
point elevations at the l iqu id composition values used were not large. Burns and 
Furter (29) found similar results for the potassium b r o m i d e - , a m m o n i u m bro­
m i d e - , and potassium i o d i d e - ethanol-water systems, but the correlation was 
unsatisfactory for potassium and sodium acetates i n ethanol-water mixtures. 

Alcohols exhibit a bif unctional nature in aqueous solution. O n the one hand, 
there exists a hydrophobic hydrocarbon group w h i c h resists aqueous solvation; 
on the other, there is the hydrophil ic hydroxyl group w h i c h interacts intimately 
wi th the water molecules. Franks and Ives (30, 31) have reviewed experimen­
tation and theoretical treatises on the structure of water, the structure of l i q u i d 
alcohols, and the thermodynamic, spectroscopic, dielectric, and solvent properties 
and P - V - T relationships of alcohol-water mixtures. Sada et al . (27) reviewed, 
in particular, the salt effects of electrolytes in alcohol-water systems and discussed 
the various correlations of the salt effect applied to these systems. Inorganic salts 
were used almost universally in these salt effect studies. 

The present study investigates the effects of a series of salts while maintaining 
certain f ixed factors. The contribution of the cation to the salt effect by tetra­
a lky lammonium bromides (R4NBr) on the ethanol-water system w i t h the l i q u i d 
composition held constant is studied. These T A A cations exhibit an ambivalent 
nature in aqueous solution; the smaller cations display predominant ly electro-
strictive interactions (32), i.e., hydrophil ic bonding or net breaking of hydrogen 
bonds in water, whi le the larger ones display hydrophobic bonding (33), or the 
net making of hydrogen bonds in water when the salt is added. T h e salts of the 
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102 THERMODYNAMIC BEHAVIOR OF ELECTROLYTES 

present investigation were chosen to complement and extend studies by Jaques 
and Furter (28) and further work done by the present authors (29). They include 
potassium, a m m o n i u m , te tramethylammonium, tetraethylammonium, tetra-
n - p r o p y l a m m o n i u m , and te t ra -n-butylammonium bromides i n ethanol-water 
mixtures at f ixed l i q u i d composition. 

Experimental 

The data were obtained by means of an improved Othmer recirculation still 
(34), as modif ied for salt effect studies by Johnson and Furter (22,35). Thermal 
energy was appl ied to the still by means of a heating mantle controlled by a 
rheostat in order that the boi l ing rate could be adjusted effectively. Suppression 
of b u m p i n g of the solution and both thermal and physical homogeneity were 
maintained by means of a magnetic st irring mechanism. 

Analyses of salt-free aqueous ethanol mixtures were obtained using 10-ml 
W e l d - t y p e pycnometers. These calibrated specific gravity bottles were i m ­
mersed i n a 20-1. water bath thermostatted to 25.00° C , for two hr before being 
weighed. The mass of the bottles was obtained using a Becker Chainomat ic 
Balance accurate to four decimal places. Corrections for buoyancy were applied 
to the weights, and a tare was utilized. Alcohol concentrations were then obtained 
f r o m the experimental specific gravities by interpolation of literature data (36) 
w i t h the use of a five-coefficient nonlinear least squares program adapted to an 
X D S Sigma 3 computer. 

Salt concentrations were obtained by the addition of known weights of dried 
salt to the solvent mixture. The compositions of the condensed equi l ibr ium vapor 
samples and the previously prepared ethanol-water charges to the still were 
determined as previously outl ined. The mole fractions of the salt, ethanol, and 
water charged to the Othmer still were thus accurately determined by mass 
balance calculations. 

Anhydrous ethanol (99.9+ % purity) , conforming to the specifications of 
the Brit ish Pharmacopoeia, was obtained f r o m Gooderham and Worts L t d . , 
Toronto, Ontario. The potassium and a m m o n i u m bromides were British D r u g 
Houses Analar analytical reagent grade. The te t ramethylammonium and tet­
raethylammonium bromides were reagent grade f rom J. T. Baker C h e m i c a l Co . , 
Phil l ipsburg, N . J. The tetra-n-propylammonium and tetra-n-butylammonium 
bromides were purchased f rom Eastman Kodak Company, Rochester, N . Y. A l l 
salts were dr ied for at least 72 hr immediate ly prior to use i n a vacuum d r y i n g 
oven; the temperature during drying depended on the thermal stability and fusion 
point of the salt. The d r y i n g temperature was adjusted to 120° C for the am­
m o n i u m and potassium bromides, 1 0 0 ° C for te t ramethylammonium bromide, 
9 0 ° C for tetraethylammonium bromide, 7 5 ° C for te t ra -n -propylammonium 
bromide and 6 5 ° C for tetra-n-butylammonium bromide. The dried salts were 
stored under vacuum over P2O5. Laboratory distilled water was further purif ied 
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8. BURNS A N D FURTER Salts Having Large Organic Ions 103 

by distillation over basic permanganate fol lowed by an ion exchange treatment 
through a 38-cm C o r n i n g column. 

The surface tension measurements were obtained w i t h a Precision Cenco-
d u - N o u y Tensiometer, N o . 70540. The solvents and saturated solutions were 
prethermostatted to 25 .0°C prior to each measurement. The temperature of 
the solutions was determined subsequent to the measurements, and adjustments 
were made to coincide wi th a temperature deviation f r o m 25 .0°C. O n l y re­
producible values were retained. R/r and L for the p la t inum r i n g used for the 
surface tension measurements were 53.6 and 5.997 cm, respectively. The factor 
F , w h i c h corrects for l i q u i d elevated above the free surface of the l i q u i d by the 
r ing in the relationship y = M g / 2 L X F , was determined (37) for each particular 
solvent. 

The solubility studies were conducted gravimetr ical ly after the solutions 
were frequently shaken vigorously and maintained at 2 5 ° C for 24 hr. 

Results 

The data in Tables I - X V I (see A p p e n d i x for all tables) show the isobaric 
vapor - l iqu id equi l ibr ium results at the boil ing point for potassium, ammonium, 
tetramethylammonium, tetraethylammonium, te t ra -n-propylammonium, and 
te t ra-n-butylammonium bromides in various ethanol-water mixtures at f ixed 
l i q u i d composition ratios. T h e temperature, t, is the boi l ing temperature for 
all solutions in these tables. In al l cases, the ethanol-water composition was held 
constant between 0.20 and 0.35 mole fraction ethanol since it is in this range that 
the most dramatic salt effects on v a p o r - l i q u i d e q u i l i b r i u m in this particular 
system should be observed. That is, previous data (12-15,38) have demonstrated 
that a m a x i m u m displacement of the v a p o r - l i q u i d e q u i l i b r i u m curve by salts 
frequently occurs in this region. In the results presented here, it should be noted 
that Equat ion 1 has been modi f ied to 

\ogw* = k'z (2) 
CX 

where k' = it/2.303. 

Tables I V - X V I show that the tetraalkylammonium salts have a large effect 
on both solvents in the binary solvent mixture, especially the larger tetraalkyl­
a m m o n i u m bromides, i.e., ( n - C s H ^ N B r and (n-C4H9)4NBr. This can be seen 
f r o m consideration of the boi l ing temperature alone. This observation is also 
borne out by the surface tensions and solubilities at 25 °C of the i n d i v i d u a l salts 
studied, the results of w h i c h are tabulated in Table X V I I i n water, i n ethanol, 
and in an ethanol-water mixture at x = 0.206. F o r the higher homologs of the 
R 4 N B r series, these salts exert a large effect on the surface tensions of the solvent 
systems studied and show a marked increase in their solubility i n ethanol. 
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By analyzing the results shown i n Table X V I I I and perusing Figures 1-12, 
the val idi ty of apply ing Equat ion 2 to the predict ion of the salt effects of the 
R 4 N B r salts at various f ixed values of x for the ethanol-water system can be as­
sessed. Figures 1-12 indicate the smoothed curves through the experimental 
points for the salt effects. F r o m these graphs a value for the salt effect parameter, 
k\ could be obtained; however, in some instances it is d i f f i cu l t to justify a linear 
plot of logio OLJOL VS. Z (Figures 7, 8, 9). The values of k' i n Table X V I I I were 
determined by means of a linear least squares calculation and i n some cases, as 
noted in Figures 2, 5 -8 ,11 , the intercept does not pass through the origin. Also 
in Figures 1-5, 9 the salt additions were made to saturation and the results are 
denoted by the sharp fal l off of the graphical plot, or depicted by the dotted line 
in some instances. The relative average absolute deviation listed i n Table X V I I I 
is a numerical assessment of the feasibility of applying Equat ion 2 to the systems 
studied. 

As previously mentioned, the values of kf for the ternary systems were cal­
culated wi th a linear least squares plot of the experimental data. The average 
absolute deviation of log aja was then calculated by averaging the absolute 
deviations of the smoothed curve passing through the experimental points f r o m 
the linear least squares calculation, at f ixed intervals of z. T a k i n g this average 
absolute deviation of log <xja and f i n d i n g its relative magnitude by d i v i d i n g it 
by the value of the experimental log as/a at the mean z for each system and 
converting to a percentage w i l l give the R. A . A . D . values listed i n Table X V I I I . 
The above procedure was devised in order to el iminate the random errors for 
k' (which are listed in this table for each system) when assessing the val idi ty of 
using Equat ion 2 to predict the salt effects. 

For the system ( C 2 H 5 ) 4 N B r - e t h a n o l - w a t e r at x = 0.305, the actual kf and 
R . A . A . D . values observed were 1.07 ± 0.03 and 3.5, respectively; however, the 
shape of the smoothed line passing through the points almost duplicated that for 
the system wi th the same components at x = 0.316. (Compare Figures 8 and 
9.) This provided a means to obtain values of kf and R. A . A . D . for the system at 
x = 0.305 (see Table X V I I I ) that could be used for comparison w i t h the other 
systems. This procedure was necessary only for the ^ H s ^ N B r - e t h a n o l - w a t e r 
system since it is impossible to conceive of l inear plots of log a J a vs. z for this 
system (Figures 7, 8, 9). The problem could have been avoided by carrying out 
the measurements to a higher concentration of salt for the system at x = 0.305 
(see footnote to Table XVI I I ) . 

In Table X V I I I , there are several trends that can be noted i n kf if one pro­
ceeds through the R 4 N B r series. First of a l l , k' tends to decrease as the size of 
the T A A cation increases and, i n fact, t e t ra -n-buty lammonium bromide shows 
a large salting-in effect. This trend is emphatically demonstrated by F igure 13, 
w h i c h shows the smoothed salt effects of the various salts studied i n the etha­
nol-water system at x = 0.206. Secondly, it appears that there is a larger salt­
ing-out effect as the mole fraction of ethanol increases i n the binary solvent 
mixture. 
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0.28r-

Figure 1. Salt effect of KBr in the ethanol-water system at x 
= 0.206 

0.28h 

0.20 
Z 

Figure 2. Salt effect of NH4Br in the ethanol-water system at 
x = 0.206 
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Figure 3. Salt effect of NH4Br in the ethanol-water system at x 
= 0.309 

0.20 

0.08 

0.04 

Figure 4. Salt effect of (CH3)4NBr in the 
ethanol-water system at x = 0.206 
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0.24 H 

Figure 5. Salt effect of (CH3)4NBr in 
the ethanol-water system at x = 0.305 

0 . 2 5 r 

Figure 6. Salt effect of (CH^)4NBr in the ethanol-water system at 
x = 0.311 
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0.06 h 

Figure 7. Salt effect of (C2H5)4NBr in the ethanol-water system 
atx = 0.206 

Figure 8. Salt effect of (C2H5)4NBr in the 
ethanol-water system at x = 0.305 
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Figure 10. Salt effect of (n-C^Hj)4NBr in the eth­
anol-water system at x = 0.206 
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8. BURNS A N D FURTER Salts Having Large Organic Ions 111 

Table X I X lists the approximate contributions of the various ions of the salts 
studied to the salt effect parameter. Included in this table are the results of similar 
salt effect studies by other authors (28) as wel l as the present ones (29) i n other 
work. Justification for these i n d i v i d u a l assignments w i l l be discussed later. 

Establishment of the error analysis and deviation of the experimentally 
measured values resulting f r o m random and systematic errors i n the present i n ­
vestigation has been made previously by Jaques and Furter (28). The fluctuations 
in the barometric pressure are indicated in Tables I - X V I for each system, and 

0.28 

0.24 

0.20 

0.16 

0.12 

0.08 

^ 0.04 

•2 0.00 

-0.04 

-0.08 

-0.12 

-0.16 

0 0.04 0.08 0.12 0.16 
Z 

Figure IS. Salt effects of KBr and R4NBr salts 
in the ethanol-water system at x = 0.206 

the random error in the temperature readings was ±0 .1 °C. In all cases, the mole 
fraction of ethanol in the binary solvent mixture was determined to be w i t h i n 
±0 .001 . The values of z, y, and logio a J a are reliable to three significant figures 
based on deviations in the atmospheric pressure, temperature, and composition 
change due to evaporation of the more volatile component. The surface tension 
results are val id to ± 2 X 10~ 4 Pa m , and the solubility errors are indicated for 
each result in Table X V I I . The error i n determining the i n d i v i d u a l kf values is 
indicated i n Table X V I I I and was assessed f r o m the linear least squares plot by 
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considering the standard deviations of the individual points f rom the best straight 
line. 

Comparisons of some of the results obtained by the present authors (Table 
X V I I ) for the surface tensions and solubilities can be made w i t h those i n the lit­
erature to assess the accuracy of the data. T h e surface tensions of water and of 
ethanol at 25 ° C agree wi th in experimental error wi th those i n the literature (39, 
40), i.e., 71.97 X 1 0 " 3 and 22.33 X 1 0 " 3 Pa m , respectively, and 30.45 X 1 0 " 3 

Pa m for ethanol-water at x = 0.206, interpolated f rom values found i n Reference 
41. The values for the solubilities of K B r , N H 4 B r , and (C2Hs ) 4 NBr i n water at 
2 5 ° C obtained by other authors (42, pp. 612, 617) are 5.69m, 7.99m, and 14.74m, 
respectively; and, i n ethanol at 2 5 ° C , they are 0.011m, 0.354m, respectively. 
These values compare favorably w i t h those listed in Table X V I I . 

Discussion 

A n examination of Figures 1-6 indicates that Equat ion 1 is va l id under 
conditions of constant x for potassium, a m m o n i u m , and tetramethylammonium 
bromides in ethanol-water mixtures. A l l three salts show an abi l i ty to salt out 
ethanol f r o m these mixtures (i.e., increase its concentration i n the e q u i l i b r i u m 
vapor) which is verified by their kf values shown in Table X V I I I . Also, the results 
for te t ra -n-propylammonium bromide and te t ra -n-buty lammonium bromide 
i n ethanol-water mixtures reveal that Equat ion 1 can be used to predict the salt 
effects of these systems; however, these two salts demonstrate a propensity to salt 
in ethanol (i.e., decrease its vapor concentration) i n ethanol-water mixtures. O n 
the other hand, Figures 7-9 and the data i n Table X V I I I reveal that Equat ion 
1 cannot be used to correlate the salt effects of te traethylammonium bromide 
i n ethanol-water. F o r this system, a linear dependence of log aja vs. z is ob­
served ini t ia l ly ; however, a gradual level l ing off occurs at higher concentra­
tions. 

The above results are not completely unexpected since the tetraalkylammo­
n i u m cations can be considered as prov id ing a bridge between the typical 
structure-breaking, electrostrictive a lkal i and halide ions, and the large organic 
ions which have been shown to promote structure or increase hydrogen bonding 
of water (43,44, 45). Studies (46,47,48) on the structural interactions in aqueous 
solutions have been interpreted as showing that solvent-induced attractive forces 
exist between two hydrophobic solutes and repulsive forces between a hydro­
phobic solute and a hydrophi l i c one. These interpretations w o u l d suggest that 
structural interactions are involved in salting-out of nonelectrolytes, e.g., ethanol, 
capable of hydrophobic interactions, by hydrophi l i c salts, e.g., N H 4 B r and 
( C H 3 ) 4 N B r ; and salting-in by hydrophobic salts, e.g., (n-CsH7) 4 NBr and (n-
C 4 H 9 ) 4 N B r . 

The results of the salt effect studies undertaken by A v e y a r d and Heselden 
(49) agree w i t h those obtained by the present authors. A v e y a r d and Heselden 
measured the changes in free energy, enthalpy, and entropy associated wi th the 
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8. BURNS A N D FURTER Salts Having Large Organic Ions 113 

transfer of several alkanols at h igh di lut ion f r o m water to aqueous solutions of 
R 4 N B r salts. They concluded that butanol was salted i n more effectively as the 
R group increased i n size. This observation and that demonstrated i n F igure 
13 comply w i t h another result found by these authors; that (n-C4Hg)4NBr was 
more effective i n salting i n alcohols as the a l k y l chain becomes longer. These 
results tend to conf i rm that, i n fact, two hydrophobic solutes exhibit solvent-
induced attractive forces. 

The solubility and surface tension results i temized i n Table X V I I c o n f i r m 
that there is a larger interaction between ethanol and the T A A salts as the size 
of the cation or organic portion increases. The data show that i n spite of the 
R 4 N B r salts becoming more soluble i n water as the cation size increases, their 
solubility increases much more rapidly in ethanol, in fact by a factor of 10 greater 
i n ethanol than i n water as the salt series of the present investigation is ascended. 
As a result, the two highest members of the series, the tetrapropyl and tetrabutyl 
salts, are actually more soluble i n ethanol than i n water, whi le the reverse is true 
for the lower three. Consequently, on the basis of relative solubilities of the salts 
studied i n both ethanol and water, trends i n the salt effect parameters similar 
to those of this work, based on the vapor-equilibrium studies listed in Table X V I I I 
w o u l d be observed. 

Bockris, Bowler-Reed, and Kitchener (50), i n their study of the effect of 
electrolytes on the solubility of benzoic ac id i n water at 25 °C, found that the 
salting-in action increases w i t h an increase i n the radius of the cation. In this 
study, the salt effect was measured by the value of ks in the relationship, log So/S 
= fcscs, where So is the solubility of benzoic ac id i n water and S is its solubility 
i n aqueous electrolyte solution. F o r a series of R4NI salts, they observed ks to 
be 0.021, -0 .256 , -0 .633 , -0 .970 , and - 1 . 3 2 for these electrolytes where R is 
H , C H 3 , C 2 H 5 , n - C s H 7 , and n - C 4 H 9 , respectively. Gross (51) assigned individual 
salting-out constants for benzoic acid in water, and to I - he gave a value of —0.02. 
Consider ing this value of k\ for I " and the above results of Bockris et al . , it is 
apparent that the T A A cations show a salting-in behavior w h i c h becomes more 
pronounced as the cation size increases. 

As previously stated, Gross (51) and Larsson (52) suggested that the salt effect 
is an additive funct ion of two constants characteristic of the cation kc, and the 
anion, k&; i.e., log So/S = kscs = (fcA + kc)cs. In these studies Larsson assumed 
&K+ = Individual ion contributions have also been devised i n volume studies 
with the additivity often extending to moderate concentrations (53) and enthalpy 
studies (54). 

In Table X I X the i n d i v i d u a l ion contributions to the salt effect parameters 
obtained by v a p o r - l i q u i d equi l ibr ia are listed. The values are based on the 
convention that the contributions of the K+ and B r ~ ions to the total salt effect 
are equal; this assumption is similar to that made by Larsson. This choice appears 
to be a suitable one, since it seems to y ie ld reasonable relative values for kc and 
k\, but it must be remembered that it is only a convenient convention used mainly 
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114 T H E R M O D Y N A M I C BEHAVIOR O F E L E C T R O L Y T E S 

for purposes of comparison w i t h i n the results obtained by the authors. Table 
X I X shows that to a large degree the data are self-consistent; that is, the kc for 
N H 4 + was calculated to be 0.21, 0.22, and 0.20 for the solutions at x = 0.20, 0.25, 
and 0.31, respectively. Also, at 0.25 the kc for N H 4

+ was found to be 0.21 and 
0.22 using two independent routes to obtain these values. T h e effectiveness of 
the cations to salt out is i n the order K+ > N a + > N H 4 + ( C H 3 ) 4 N + > 
( C 2 H 5 ) 4 N + > ( n - C 3 H 7 ) 4 N + > ( n - C 4 H 9 ) 4 N + . F o r the anions, the order is C l " 
> B r ~ > I~ > ~ O A c . These sequences show that the salting out decreases w i t h 
ion size (compare Table X X ) and increasing ability of the ion to alter the degree 
of structure in water (hydrophobic bonding). The ionic radius for - O A c which 
appears i n Table X X was calculated by means of the method of C o n w a y et al . 
(57), accounting for the dead air space, and a partial mola l volume at inf ini te 
dilution of 46.46 c m 3 m o l e - 1 (53). The two inconsistent results in the above series 
for cations are: (a) that kK+ > fcNa+ which may be due to the ability of the water 
molecules to form solvent co-spheres about the K + ion more easily than the N a + 

ion; and (b) that &NH 4+ — ^ ( C H 3 ) 4 N + w h i c h may be a result of the dissipation of 
charge on the nitrogen because of electron donation by the hydrogens on the 
N H 4

+ ion or the abil i ty of water molecules to f o r m clathrate structures around 
the ( C H 3 ) 4 N + ion; nevertheless, the inconsistency is slight, and possibly the ex­
planation lies i n subtle ion-solvent interactions. 

Another noteworthy observation to be gleaned from the results in Table X I X 
is the consistency of kc for ( C 2 H 5 ) 4 N + at the three values of x for the e thanol -
water mixtures, whereas those for ( C H 3 ) 4 N + and ( n - C 3 H 7 ) 4 N + increase as x i n ­
creases. This could be interpreted f r o m the point of v iew that for ( C 2 H 5 ) 4 N + 

there is a balance between the electrostrictive nitrogen charge center and the 
hydrophobic a lkyl groups, but there is not the same balance existing for the other 
two cations (54, 58, 59). The remaining ions in the table do not pose the same 
problem because they are p r i m a r i l y electrostrictive in nature. 

Conclusion 

In this study it was found that K B r , N H 4 B r , and ( C H 3 ) 4 N B r were effective 
i n salting out ethanol f r o m an aqueous ethanol solution and hence increasing its 
concentration in the e q u i l i b r i u m vapor, and that Equat ion 1 could be appl ied 
i n order to predict the salt effects of these systems. ( n - C 3 H 7 ) 4 N B r and (n-
C 4 H 9 ) 4 N B r were effective in salting in ethanol, i.e., decreasing its concentration 
i n the e q u i l i b r i u m vapor i n ethanol-water mixtures, and again Equat ion 1 was 
found to hold. However , for the systems consisting of ( C 2 H s ) 4 N B r - e t h a n o l -
water, Equat ion 1 was unsatisfactory, and the salt was a borderl ine case w i t h 
respect to its salt effects in ethanol-water mixtures. 

F r o m the results, it can be concluded that large perturbations of phase 
equi l ibr ia may be obtained w i t h relatively small salt concentrations in certain 
systems, and that the salt effect is specific. Salt effects can become important 
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8. B U R N S A N D F U R T E R Salts Having Large Organic Ions 115 

in a variety of separation processes and biological processes. Hence , no doubt, 
further applications w i l l be found. 

Nomenclature 

k = salt effect parameter when natural logarithms are used, determined 
f r o m v a p o r - l i q u i d e q u i l i b r i u m studies 

k' = salt effect parameter when logio is used, = fc/2.303 
t = temperature, °C 
X = mole fraction of ethanol in the l i q u i d phase, calculated on a salt-free 

basis 

y = mole fraction of ethanol in the vapor phase 
z = mole fraction of salt in the l i q u i d phase 
a = relative volati l i ty in the absence of salt 

= relative volatil i ty i n the presence of salt, calculated using l i q u i d 
compositions on a salt-free basis 

So = solubility of a substance in water 
S = solubility of the same substance in an aqueous electrolyte solution 
ks = salt effect of an electrolyte determined f r o m solubil ity studies 
kA = salt effect of the anion 
kc = salt effect of the cation 
Cs 

= the concentration of the electrolyte i n the aqueous solution 
R = mean radius of the tensiometer r ing used in the surface tension studies, 

r = 
c m 
radius of p la t inum wire in the r ing, c m 

L = mean circumference of the p la t inum tensiometer r ing , c m 

y = surface tension, Pa m , = 1 0 + 3 dyne c m - 1 

M = mass, g 

g = gravitational force 
F = correction factor for l iquid elevated above the free surface of the l iquid 

by the r ing 
l T o r r = 133.3 N m " 2 = 133.3 Pa 
T A A = te traa lkylammonium 
P2O5 = phosphoric pentoxide 
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Appendix 

Table I. Isobaric Vapor—Liquid Equil ibrium Data for the 
Potassium Bromide—Ethanol—Water System at 

x = 0.206 ± 0.001 (760 ± 5 Torr) 

* y t i o g 1 0 — 
a 

0 0.5346 83.0 0.0000 
0 0.5352 83.1 0.0002 
0.0085 0.5484 83.4 0.0241 
0.0086 0.5492 83.4 0.0286 
0.0252 0.5774 83.6 0.0753 
0.0500 0.6166 83.4 0.1429 
0.0505 0.6180 83.5 0.1486 
0.0732 0.6519 83.3 0.2123 
0.0885 0.6625 83.2 0.2321 
0.0915 0.6614 83.1 0.2305 
0.0915 0.6640 83.1 0.2355 

Table II. Isobaric Vapor—Liquid Equilibrium Data for the 
Potassium Bromide—Ethanol—Water System at 

x = 0.309 (758 ± 3 Torr) 

* y t l o g m ­
en 

0 0.5837 82.0 0.0000 
0 0.5844 82.0 0.0005 
0.0100 0.5983 82.1 0.0263 
0.0113 0.6044 82.2 0.0373 
0.0218 0.6158 82.2 0.0581 
0.0275 0.6233 82.2 0.0719 
0.0344 0.6316 82.3 0.0873 
0.0438 0.6437 82.6 0.1100 
0.0488 0.6508 82.7 0.1235 
0.0608 0.6634 82.9 0.1479 
0.0687 0.6732 82.9 0.1670 
0.0768 0.6839 83.0 0.1885 
0.0823 0.6882 83.2 0.1971 
0.0881 0.6943 83.5 0.2094 
0.0992 0.7013 83.6 0.2238 
0.1033 0.7112 83.8 0.2446 
0.1187 0.7213 84.0 0.2662 
(sat'd.) 
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BURNS A N D F U R T E R Salts Having Large Organic Ions 

T a b l e III . I s o b a r i c V a p o r — L i q u i d E q u i l i b r i u m D a t a f o r the 
P o t a s s i u m B r o m i d e — E t h a n o l — W a t e r S y s t e m at 

x = 0.311 (758 ± 3 T o r r ) 

z y t l o g 1 0 — 
a 

0 0.5839 82.0 0.0000 
0.0045 0.5913 82.0 0.0134 
0.0128 0.6084 81.9 0.0442 
0.0199 0.6204 81.9 0.0662 
0.0230 0.6228 82.0 0.0707 
0.0339 0.6405 81.8 0.1038 
0.0436 0.6571 81.6 0.1354 
0.0484 0.6618 81.7 0.1445 
0.0577 0.6755 81.5 0.1713 
0.0710 0.6761 81.5 0.1724 
(sat'd.) 
0.0804 0.6792 81.6 0.1784 
(sat'd.) 
0.1375 0.6782 81.4 0.1768 
(sat'd.) 

T a b l e I V . I s o b a r i c V a p o r — L i q u i d E q u i l i b r i u m D a t a f o r the 
A m m o n i u m B r o m i d e — E t h a n o l — W a t e r S y s t e m at 

x = 0.206 (755 ± 4 T o r r ) 

z y t i o g 1 0 — 
a 

0 0.5351 83.6 0.0000 
0 0.5353 83.7 0.0000 
0.0083 0.5439 83.8 0.0153 
0.0110 0.5458 83.9 0.0188 
0.0222 0.5605 84.0 0.0445 
0.0312 0.5707 84.0 0.0625 
0.0472 0.5877 84.0 0.0929 
0.0600 0.6003 84.1 0.1155 
0.0765 0.6102 84.3 0.1336 
0.0892 0.6293 84.4 0.1688 
0.1065 0.6394 84.5 0.1877 
0.1144 0.6477 84.6 0.2044 
0.1363 0.6674 84.9 0.2414 
0.1403 0.6684 85.0 0.2434 
0.1581 0.6770 85.2 0.2604 
0.1588 0.6766 85.2 0.2595 
0.1761 0.6773 85.1 0.2610 
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T H E R M O D Y N A M I C B E H A V I O R O F E L E C T R O L Y T E S 

Table V . Isobaric Vapor—Liquid Equilibrium Data for the 
A m m o n i u m Bromide—Ethanol—Water System at 

x = 0.305 (765 ± 4 Torr) 

z y t 
a 

0 0.5791 83.0 0.0000 
0.0129 0.5961 83.1 0.0303 
0.0179 0.6107 83.2 0.0568 
0.0421 0.6304 83.5 0.0932 
0.0464 0.6339 83.9 0.0998 
0.0691 0.6537 84.0 0.1372 
0.0746 0.6584 84.2 0.1463 
0.0947 0.6775 83.9 0.1838 
0.0999 0.6832 84.3 0.1950 
0.1189 0.6943 84.5 0.2177 
0.1243 0.6990 84.9 0.2273 
0.1428 0.7023 85.2 0.2361 
(sat'd.) 
0.1478 0.7025 85.5 0.2361 
(sat'd.) 

Table V I . Isobaric Vapor—Liquid Equilibrium Data for the 
A m m o n i u m Bromide—Ethanol—Water System at 

x = 0.309 (758 ± 3 Torr) 

z y t l o g l 0 -a 
0 0.5819 82.5 0.0000 
0.0125 0.5962 82.7 0.0256 
0.0231 0.6117 82.7 0.0537 
0.0252 0.6147 82.9 0.0594 
0.0413 0.6322 82.9 0.0917 
0.0503 0.6400 82.9 0.1062 
0.0588 0.6477 83.1 0.1210 
0.0778 0.6654 83.4 0.1549 
0.0865 0.6725 83.6 0.1690 
0.1034 0.6883 83.9 0.2005 
0.1162 0.6970 84.1 0.2183 
0.1305 0.7011 84.4 0.2268 
(sat'd.) 
0.1407 0.7013 84.5 0.2273 
(sat'd.) 
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T a b l e V I I . I s o b a r i c V a p o r — L i q u i d E q u i l i b r i u m D a t a f o r the 
T e t r a m e t h y l a m m o n i u m B r o m i d e — E t h a n o l — W a t e r S y s t e m at 

x = 0.206 (757 ± 3 T o r r ) 

* y t i o g l 0 - -
a 

0 0.5346 83.8 0.0000 
0 0.5347 83.9 0.0000 
0.0069 0.5416 83.8 0.0122 
0.0086 0.5426 83.8 0.0139 
0.0201 0.5529 84.0 0.0321 
0.0203 0.5551 84.0 0.0359 
0.0365 0.5683 84.1 0.0592 
0.0389 0.5699 84.1 0.0621 
0.0517 0.5824 84.1 0.0842 
0.0566 0.5838 84.2 0.0867 
0.0666 0.5882 84.2 0.0947 
0.0742 0.5978 84.3 0.1119 
0.0797 0.6000 84.3 0.1159 
0.0912 0.6112 84.5 0.1363 
0.0973 0.6128 84.5 0.1391 
0.1108 0.6250 84.7 0.1616 
0.1109 0.6256 84.8 0.1628 
0.1109 0.6251 84.8 0.1619 
0.1249 0.6346 85.2 0.1795 
0.1384 0.6422 85.2 0.1938 
0.1515 0.6416 85.0 0.1926 
(sat'd.) 

T a b l e V I I I . I s o b a r i c V a p o r — L i q u i d E q u i l i b r i u m D a t a f o r t h e 
T e t r a m e t h y l a m m o n i u m B r o m i d e — E t h a n o l — W a t e r S y s t e m at 

x = 0.305 (758 ± 3 T o r r ) 

z y t i o g 1 0 — 
a 

0 0.5791 83.0 0.0000 
0.0078 0.5928 83.5 0.0244 
0.0079 0.5926 83.6 0.0240 
0.0232 0.6123 83.5 0.0599 
0.0277 0.6169 83.7 0.0683 
0.0428 0.6321 83.8 0.0964 
0.0461 0.6348 83.9 0.1014 
0.0652 0.6538 83.7 0.1375 
0.0710 0.6635 83.9 0.1562 
0.0836 0.6727 83.7 0.1742 
0.0934 0.6819 83.8 0.1926 
0.1037 0.6900 83.9 0.2088 
0.1117 0.6995 84.0 0.2283 
0.1190 0.7012 84.2 0.2318 
(sat'd.) 
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T a b l e I X . I s o b a r i c V a p o r — L i q u i d E q u i l i b r i u m D a t a f o r the 
T e t r a m e t h y l a m m o n i u m B r o m i d e — E t h a n o l — W a t e r S y s t e m at 

x = 0.309 (760 ± 4 T o r r ) 

0 
0 
0.0079 
0.0160 
0.0300 
0.0341 
0.0607 
0.0614 
0.0868 
0.0924 
0.1112 
0.1123 
0.1253 
(sat'd.) 
0.1257 
(sat'd.) 

0.5819 
0.5820 
0.5947 
0.6055 
0.6217 
0.6268 
0.6547 
0.6542 
0.6790 
0.6858 
0.6994 
0.6999 
0.7089 

0.7056 

t 

82.0 
82.0 
82.2 
82.3 
82.3 
82.3 
82.6 
82.7 
82.8 
83.3 
83.5 
83.5 
83.6 

83.8 

l o g 1 0 -
a 

0.0000 
0.0004 
0.0229 
0.0426 
0.0723 
0.0817 
0.1342 
0.1334 
0.1817 
0.1955 
0.2231 
0.2242 
0.2430 

0.2361 

T a b l e X . I s o b a r i c V a p o r — L i q u i d E q u i l i b r i u m D a t a f o r t h e 
T e t r a e t h y l a m m o n i u m B r o m i d e — E t h a n o l — W a t e r S y s t e m at 

x = 0.206 (758 ± 3 T o r r ) 

* y t i o g 1 0 -
a 

0 0.5346 84.0 0.0000 
0 0.5345 84.0 0.0000 
0.0049 0.5378 84.1 0.0055 
0.0050 0.5387 84.2 0.0071 
0.0126 0.5406 84.5 0.0105 
0.0147 0.5436 84.6 0.0158 
0.0240 0.5457 84.9 0.0194 
0.0293 0.5475 85.1 0.0225 
0.0377 0.5495 85.5 0.0261 
0.0441 0.5497 85.8 0.0264 
0.0511 0.5532 86.2 0.0325 
0.0590 0.5549 86.2 0.0355 
0.0642 0.5563 86.3 0.0380 
0.0735 0.5573 86.8 0.0397 
0.0788 0.5580 87.2 0.0410 
0.0869 0.5586 88.0 0.0421 
0.0933 0.5592 88.2 0.0431 
0.1029 0.5596 89.0 0.0438 
0.1071 0.5601 89.2 0.0447 
0.1089 0.5599 89.3 0.0444 
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BURNS A N D FURTER Salts Having Large Organic Ions 

T a b l e X I . I s o b a r i c V a p o r — L i q u i d E q u i l i b r i u m D a t a f o r the 
T e t r a e t h y l a m m o n i u m B r o m i d e — E t h a n o l — W a t e r S y s t e m at 

x = 0.245 (758 ± 3 T o r r ) 

z y t i o g 1 0 — 
a 

0 0.5797 83.0 0.0000 
0.0066 0.5810 83.0 0.0023 
0.0159 0.5873 83.3 0.0136 
0.0270 0.5923 83.6 0.0225 
0.0296 0.5934 83.8 0.0246 
0.0513 0.6013 84.0 0.0388 
0.0523 0.6045 84.3 0.0446 
0.0764 0.6140 85.6 0.0620 
0.0986 0.6211 86.8 0.0750 
0.1409 0.6293 89.8 0.0903 
0.1796 0.6389 93.5 0.1082 
0.2148 0.6438 96.3 0.1173 
0.2273 0.6480 97.7 0.1254 

T a b l e X I I . I s o b a r i c V a p o r — L i q u i d E q u i l i b r i u m D a t a f o r the 
T e t r a e t h y l a m m o n i u m B r o m i d e — E t h a n o l — W a t e r S y s t e m at 

x= 0.305 (755 ± 4 T o r r ) 

z y t i o g 1 0 -
a 

0 0.5791 82.5 0.0000 
0.0072 0.5878 82.6 0.0156 
0.0074 0.5855 82.7 0.0114 
0.0212 0.5972 83.0 0.0323 
0.0217 0.5962 83.0 0.0305 
0.0348 0.6059 83.2 0.0481 
0.0354 0.6048 83.5 0.0462 
0.0481 0.6116 83.9 0.0586 
0.0485 0.6128 84.0 0.0607 
0.0613 0.6195 84.1 0.0731 
0.0618 0.6194 84.3 0.0728 
0.0738 0.6267 84.7 0.0864 
0.0745 0.6256 84.8 0.0844 
0.0859 0.6322 85.2 0.0966 
0.0922 0.6355 85.7 0.1067 
0.0979 0.6376 86.1 0.1067 
0.1090 0.6409 86.7 0.1130 
0.1097 0.6424 86.8 0.1157 
0.1213 0.6455 87.0 0.1216 
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122 T H E R M O D Y N A M I C B E H A V I O R O F E L E C T R O L Y T E S 

T a b l e X I I I . I s o b a r i c V a p o r — L i q u i d E q u i l i b r i u m D a t a f o r t h e 
T e t r a e t h y l a m m o n i u m B r o m i d e — E t h a n o l — W a t e r S y s t e m at 

x = 0 . 3 1 6 ( 7 5 8 ± 3 T o r r ) 

z y t i o g 1 0 - -
a 

0 0.5987 82.0 0.0000 
0.0094 0.6007 82.3 0.0036 
0.0294 0.6112 83.0 0.0227 
0.0460 0.6246 83.7 0.0474 
0.0581 0.6287 83.9 0.0550 
0.0676 0.6293 84.0 0.0562 
0.0762 0.6383 84.2 0.0729 
0.0834 0.6383 84.5 0.0729 
0.1075 0.6473 85.8 0.0900 
0.1073 0.6509 86.1 0.0968 
0.1159 0.6532 87.5 0.1013 
0.1636 0.6671 90.0 0.1281 
0.2062 0.6777 94.8 0.1491 
0.2313 0.6797 98.5 0.1530 
0.2588 0.6842 101.0 0.1620 
0.2804 0.6892 103.4 0.1722 

T a b l e X I V . I s o b a r i c V a p o r — L i q u i d E q u i l i b r i u m D a t a f o r t h e 
T e t r a - n - p r o p y l a m m o n i u m B r o m i d e — E t h a n o l — W a t e r S y s t e m at 

x = 0 . 2 0 6 ( 7 5 8 ± 3 T o r r ) 

z y t 
a , 

a 
0 0.5346 83.7 0 
0 0.5347 83.8 0 
0.0034 0.5310 84.0 - 0 . 0 0 6 2 
0.0040 0.5317 84.0 - 0 . 0 0 5 0 
0.0092 0.5293 84.7 - 0 . 0 0 6 3 
0.0115 0.5251 84.9 - 0 . 0 1 6 6 
0.0164 0.5252 85.3 - 0 . 0 1 5 3 
0.0227 0.5187 85.9 - 0 . 0 2 5 4 
0.0229 0.5182 86.0 - 0 . 0 2 8 5 
0.0301 0.5173 86.6 - 0 . 0 2 7 7 
0.0338 0.5088 86.8 - 0 . 0 4 4 9 
0.0381 0.5060 87.4 - 0 . 0 4 9 8 
0.0443 0.5012 88.0 - 0 . 0 5 8 2 
0.0450 0.5001 88.1 - 0 . 0 6 0 0 
0.0485 0.4995 88.5 - 0 . 0 6 1 0 
0.0485 0.4961 88.6 - 0 . 0 6 7 0 
0.0550 0.4922 89.1 - 0 . 0 7 3 8 
0.0658 0.4865 89.9 - 0 . 0 8 3 7 
0.0754 0.4752 90.9 - 0 . 1 0 3 4 
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BURNS A N D FURTER Salts Having Large Organic Ions 

T a b l e X V . I s o b a r i c V a p o r — L i q u i d E q u i l i b r i u m D a t a f o r the 
T e t r a - n - p r o p y l a m m o n i u m K r o m i d e — E t h a n o l — W a t e r S y s t e m at 

x = 0 . 3 0 5 ( 7 5 8 ± 3 T o r r ) 

z y t i o g 1 0 -
a 

0 0.5791 82.8 0.0000 
0.0046 0.5809 83.0 0.0032 
0.0050 0.5792 83.1 0.0001 
0.0057 0.5791 83.3 - 0 . 0 0 0 1 
0.0112 0.5793 83.5 0.0003 
0.0139 0.5800 83.6 0.0017 
0.0143 0.5793 83.6 0.0003 
0.0222 0.5768 83.9 - 0 . 0 0 4 2 
0.0228 0.5760 83.9 - 0 . 0 0 5 5 
0.0252 0.5750 84.0 - 0 . 0 0 7 2 
0.0335 0.5742 84.2 - 0 . 0 0 8 6 
0.0335 0.5753 84.2 - 0 . 0 0 6 9 
0.0357 0.5728 84.3 - 0 . 0 1 1 1 
0.0427 0.5721 84.8 - 0 . 0 1 2 5 
0.0441 0.5677 84.9 - 0 . 0 2 0 3 
0.0459 0.5682 85.1 - 0 . 0 1 9 3 
0.0532 0.5648 85.4 - 0 . 0 2 5 5 
0.0545 0.5665 85.4 - 0 . 0 2 2 4 
0.0556 0.5651 85.7 - 0 . 0 2 4 8 
0.0636 0.5632 85.9 - 0 . 0 2 8 2 
0.0666 0.5619 86.0 - 0 . 0 3 0 4 
0.0669 0.5616 86.3 - 0 . 0 3 1 0 
0.0815 0.5567 87.0 - 0 . 0 3 9 7 
0.0815 0.5578 87.0 - 0 . 0 3 7 7 

T a b l e X V I . I s o b a r i c V a p o r — L i q u i d E q u i l i b r i u m D a t a f o r the 
T e t r a - n - b u t y l a m m o n i u m B r o m i d e — E t h a n o l — W a t e r S y s t e m at 

x = 0 . 2 0 0 ( 7 6 2 ± 2 T o r r ) 

z y t 
a 

0 0.5253 83.9 0.0000 
0.0017 0.5263 84.0 0.0018 
0.0048 0.5170 84.2 - 0 . 0 1 4 5 
0.0116 0.5040 84.8 - 0 . 0 3 7 0 
0.0197 0.4937 85.3 - 0 . 0 5 4 9 
0.0283 0.4752 86.5 - 0 . 0 8 7 2 
0.0344 0.4547 87.7 - 0 . 1 2 2 9 
0.0453 0.4403 88.3 - 0 . 1 4 8 2 
0.0522 0.4281 89.1 - 0 . 1 6 9 7 
0.0522 0.4291 89.0 - 0 . 1 6 7 9 
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124 T H E R M O D Y N A M I C B E H A V I O R O F E L E C T R O L Y T E S 

T a b l e X V I I . P h y s i c a l P r o p e r t i e s o f S a t u r a t e d S o l u t i o n s o f 
P o t a s s i u m B r o m i d e a n d V a r i o u s T e t r a a l k y l a m m o n i u m B r o m i d e s 

i n W a t e r , E t h a n o l , a n d 0 . 2 0 6 M o l e F r a c t i o n E t h a n o l - W a t e r at 2 5 ° C . 

Solvent 
H 2 0 

C , r L O H 

0.206 m.f . a 

Surface 
Tension 

Solubility 

Pa m x i O 3 m 
Salt (±0.2) (mol kg'1) z 

72.0 
K B r 73.4 5.6 ± 0.1 0.092 
N H 4 B r 60.7 8.0 ± 0.2 0.126 
( C H 3 ) 4 N B r 56.0 6.3 ± 0.2 0.102 
( C 2 H 5 ) 4 N B r 54.6 15.0 ± 0.2 0.213 
( n - C 3 H 7 ) 4 N B r 51.2 10.4 ± 0.2 0.158 
(rc -C 4 H 9 ) 4 NBr 42.2 >15 0.213 

22.3 
K B r 22.3 0.01 0.0004 
N H 4 B r 22.4 0.33 ± 0.02 0.015 
( C H 3 ) 4 N B r 22.3 0.02 ± 0.01 0.0009 
( C 2 H 5 ) 4 N B r 25.6 2.8 ± 0.1 0.114 
( n - C 3 H 7 ) 4 N B r 27.2 5.0 ± 0.1 0.187 
( n - C 4 H 9 ) 4 N B r 29.2 10.5 ± 0.3 0.326 ( n - C 4 H 9 ) 4 N B r 

30.5 
K B r 29.5 1.9 ± 0.1 0.043 
N H 4 B r 31.3 3.5 ± 0.2 0.076 
( C H 3 ) 4 N B r 30.3 2.3 ± 0.2 0.052 
( C 2 H s ) 4 N B r 36.7 10.3 ± 0.2 0.196 
( n - C 3 H 7 ) 4 N B r 36.6 8.3 ± 0.2 0.164 
( n - C 4 H 9 ) 4 N B r 41.0 13.5 ± 0.3 0.242 

a 0.206 mole fraction C 2 H s 0 H - H 2 0 is 44.8% C 2 H 5 0 H by volume. 

T a b l e X V I I I . Sa l t E f f e c t P a r a m e t e r s a n d R e l i a b i l i t y o f E q u a t i o n 1 
t o P r e d i c t the Sa l t E f f e c t f o r P o t a s s i u m B r o m i d e a n d 

T e t r a a l k y l a m m o n i u m B r o m i d e s i n E t h a n o l — W a t e r M i x t u r e s 
at V a r i o u s V a l u e s o f x 

R.A.A.D* 
Salt X k' (%) 

K B r 0.206 2.89 ± 0.04 1.3 
0.311 3.02 ± 0.09 2.5 

N H 4 B r 0.206 1.61 ± 0.07 3.9 
0.246 1.67 ± 0.06 3.0 
0.305 1.83 ± 0.10 5.8 
0.309 1.94 ± 0.11 4.5 

( C H 3 ) 4 N B r 0.206 1.44 ± 0.03 1.3 ( C H 3 ) 4 N B r 
0.305 1.97 ± 0.06 2.4 
0.309 1.98 ± 0.10 5.9 
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8. BURNS A N D FURTER Salts Having Large Organic Ions 125 

T a b l e X V I I I . (Continued) 

Salt X k' R.A.A.D." 
(%) 

( C 2 H s ) 4 N B r 0.206 0.41 ± 0.07 10.6 
0.245 0.58 ± 0.07 11.1 
0.305 0.75 ± 0.10* 11.5* 
0.316 0.65 ± 0.08 11.5 

( rc -C 3 H 7 ) 4 NBr 0.206 - 1 . 3 4 ± 0.03 1.3 
0.305 - 0 . 5 3 ± 0.03 9.3 

( n - C 4 H 9 ) 4 N B r 0.200 - 3 . 3 3 ± 0.10 1.6 
0 R.A.A.D. is the relative average absolute deviation (see Results). 
* These values are approximated for purposes of comparison since this system was 

investigated only to z = 0.12 as compared with 0.27 for the other (C 2 H 5 ) 4 NBr-Ethanol-
Water systems (see Results). 

T a b l e X I X . C o n t r i b u t i o n s o f V a r i o u s Ions 
t o the Sa l t E f f e c t P a r a m e t e r 

Ion Contributions0 

Salt k' kc kA 

K B r 2.89 1.50 1.39 
N H 4 C 1 2.30* 0.21 2.17 
N H 4 B r 
( C H 3 ) 4 N B r 

1.61 0.21 1.39 N H 4 B r 
( C H 3 ) 4 N B r 1.44 0.05 1.39 
( C 2 H 5 ) 4 N B r 0.41 - 0 . 9 8 1.39 
( n - C 3 H 7 ) 4 N B r - 1 . 3 4 - 2 . 7 3 1.39 
(>i-C 4 H 9 ) 4 NBr - 3 . 3 3 - 4 . 7 2 1.39 
NaCl 3.54^ 1.45 2.09 
NaBr 2.90^ 1.45 1.45 
K B r 2.95^ 1.50 1.45 
K O A c 2.11 1.50 0.61 
N H 4 C 1 2.30* 0.21 2.09 
N H 4 B r 1.67 0.22 1.45 
( C H 3 ) 4 N B r 1.70 0.25 1.45 
( C 2 H 5 ) 4 N B r 0.58 - 0 . 9 7 1.45 
K B r 3.02 1.50 1.52 
K I 2.33 1.50 0.83 
N a O A c 2.05 1.30 0.75 
K O A c 2.25 1.50 0.75 
N H 4 C 1 2.20 0.20 2.00 
N H 4 B r 1.90 0.20 1.52 
( C H 3 ) 4 N B r 1.98 0.46 1.52 
( C 2 H s ) 4 N B r 0.65 - 0 . 9 7 1.52 
( n - C 3 H 7 ) 4 N B r - 0 . 5 3 - 2 . 0 5 1.52 

a Based on the convention that &c = k/Jor KBr; that is ky+ = 1.50. 
* Interpolated from work presented in Reference 28. 
c Averaged from work presented in Reference 28. 
^Interpolated from present work. 
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126 T H E R M O D Y N A M I C B E H A V I O R O F E L E C T R O L Y T E S 

T a b l e X X . F o r m a l R a d i i o f V a r i o u s Ions at 2 5 ° C i n A 
Ion Radii Reference 

N a + 0.96 55,56 
K + 1.33 55,56 
N H 4 + 1.45 55,56 
( C H 3 ) 4 N + 2.85 57 
( C 2 H 5 ) 4 N + 3.48 57 
( n - C 3 H 7 ) 4 N + 3.98 57 
( n - C 4 H 9 ) 4 N + 4.37 57 
c r 1.79 55,57 
B r 1.96 55,57 
r 2.20 55,57 
O A c 2.25 (see Discussic 
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The Extractive Distillation Process 
for Nitric Acid Concentration 
Using Magnesium Nitrate 

J. G. SLOAN 

Imperial Chemical Industries Ltd., Organics Division, Stevenston, Ayrshire, Scotland, 
KA20, 3 LN 

Enhancement of relative volatility in the nitric acid-water sys­
tem by the presence of magnesium nitrate as dissolved salt 
component makes possible an economic and reliable process 
for making high strength nitric acid. The process has a con­
tinuous extractive distillation stage producing 90% HNO3 

vapor which is further rectified to nearly 100% concentration. 
Diluted magnesium nitrate solution from the still base is read­
ily reconcentrated to the preferred feed strength of 72% 
Mg(NO3)2 by vacuum evaporation. Steam provides process 
heat supply for the distillation and evaporation sections, some 
2.5 parts being needed to concentrate one part HNO3 from 
60% to 99.5% concentration. Extended commercial opera­
tion has confirmed that this is a robust and satisfactory pro­
cess. 

Though there are commerc ia l processes for the production of h igh 
strength nitr ic ac id (98-100 w t % HNO3) direct ly f r o m a m m o n i a using 

oxygen, the bulk of such acid is made f r o m the weaker aqueous solutions, ca. 60 
w t % H N O 3 , w h i c h are produced by conventional air oxidation plants. Since 
the nitric acid-water system has an azeotrope of 68.2 wt% H N O 3 at 760 m m H g , 
concentration of weaker acids by direct disti l lation is not possible. F o r many 
years, when ammonia oxidation plants operated at atmospheric pressure and 
produced acid containing 45-55 wt% H N O 3 , the high strength product required 
by the explosives and dyestuffs industries was made by extractive distillation with 
sulfuric acid as the th ird component. T h e ammonia oxidation plant was thus 
associated wi th a sulfuric acid concentration plant in w h i c h essentially the water 
present in the original aqueous nitric acid was removed, using such commercial 
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acid concentrating units as the Paul ing Pot, G a i l l a r d tower, d r u m concentrator, 
or Mantius concentrator. Such processes still f i n d commerc ia l acceptance. 

As ammonia oxidation technology developed, it became possible to produce 
aqueous weak nitric acid of super-azeotropic composition, typica l ly 69-73 w t % 
H N O 3 . Such acid is theoretically distillable to higher concentration in one step. 
At the same time, acid of azeotropic composition is returned to the plant absorbers; 
the higher the weak acid concentration, the lower is the recycle of azeotrope. 

Extractive distil lation processes are still wide ly used for nitr ic acid con­
centration. Because the operational and maintenance problems associated wi th 
sulfuric acid concentration plants are considerable, and their capital cost sub­
stantial, attention has been directed periodical ly to the use of extractive agents 
other than sulfuric acid. Phosphoric acid (I) acts l ike sulfuric acid but poses 
similar problems of reconcentration. Solutions of certain metal l ic salts, i n par­
ticular metallic nitrates, permit similar enhancement of relative volati l i ty and 
are readily reconcentrated in straightforward evaporation equipment, of fer ing 
the possibility of a compact integrated concentration process. 

Extractive Dis t i l l a t ion of N i t r i c A c i d i n the Presence of M e t a l Salts. The 
nitrates of magnesium (2,3, 4), l i th ium (4,5), potassium, ca lc ium (3, 4), sodium, 
a luminum, iron (3), bar ium (4), and zinc (6) have been studied for this purpose, 
and in general terms it has been found that: 

1. Potassium, sodium and b a r i u m nitrate produce very little alteration i n 
the relative volatil i ty of nitr ic ac id-water . 

2. Magnesium, zinc and l i th ium nitrates have a much greater effect on the 
equi l ibr ium. 

3. Ca lc ium nitrate has less effect, at a given concentration, than magnesium, 
zinc, or l i t h i u m but, being more soluble, it can have greater overall effect. 

Table I summarizes the effect of such nitrates on the azeotropic composition 
i n the nitric ac id-water system. A d d i t i o n of potassium nitrate increases the 
azeotropic composition, but other nitrates decrease it, the amount by w h i c h the 
azeotrope is displaced being proportional to the amount of nitrate added. The 
azeotrope is el iminated completely at salt concentrations of 45, 48, 54, or 64% 
by weight for addit ion of magnesium, zinc, l i t h i u m , or c a l c i u m nitrates respec­
tively. 

F o r a continuous extractive distil lation process to be possible there must be 
adequate enhancement of the nitric acid-water relative volatility, and a system 
e q u i l i b r i u m w h i c h permits vir tual ly complete separation of ni tr ic ac id f r o m 
magnesium nitrate, the latter taking up the water content of the weak acid 
feedstock. This requires addit ion to the weak nitr ic acid of solutions of mag­
nesium nitrate usually containing 60 w t % or more of Mg(NOs )2 . U n d e r these 
conditions a nitr ic ac id-water relative volati l i ty of greater than 2.0 is obtained 
at the low end of the l i q u i d phase concentration at a nitr ic ac id mole fraction 
below 0.05 {4, 7). 
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Weight of 
metal nitrate 

in liquid phase 
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Table I. Effect of Nitrates on Azeotropic 

Wt % ofHN03 in the azeotrope 

KN03 

68 
75 
78 
81 

85 

NaN03 

68 
67 
63 
57 

45 

Fe(N03)3 

68 
60 

Al(N03)3 

68 
61 
52 

Other 
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48 

I80H 
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—I l _ 
6 0 70 d O d O IOO 

Figure 1 Magnesium nitrate-water solubility diagram 
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C o m p o s i t i o n i n H N 0 3 — H 2 0 

in the presence of: 

LiN03 Ca(N03)2 ZnN03 Mg(N03)2 

68 68 68 68 
58 60 52 58 
47 52 45 44 
37 42 30 32 

25 32 10 14 

8 20 0 0 
0 8 

0 

M a g n e s i u m N i t r a t e Solut ions. A number of hydrates exist i n the mag­
nesium nitrate-water system. F igure 1 is a solubility d iagram showing, for i n ­
stance, a hexahydrate melting at 89.9°C and a dihydrate melting at 130.9°C with 
intervening eutectic mixtures (8). Progressive thermal dehydration by melt ing 
and evaporation of water forms lower hydrates but at temperatures far above 
120°C, and if the t ime of heating is prolonged, hydrolysis takes place w i t h loss 
of nitrogen oxides and the formation of basic compounds. 

Aqueous solutions of magnesium nitrate are appreciably denser and more 
viscous than water. Table II illustrates data (9) on the densities (in g/ml) of 
concentrated solutions at high temperatures. F igure 2 illustrates the viscosity 
variations i n concentrated solutions (9). 

Freezing points of aqueous solutions may be obtained f r o m the solubility 
diagram, F igure 1. The boi l ing point at 760 m m H g is shown i n F igure 3. It 
w i l l be seen f r o m these graphs that at solution concentrations above 70 w t % 
Mg(NC>3)2, the freezing point rises rapidly (more rapidly than the boi l ing point) 
and the viscosity rises rapidly also. F o r ease of handl ing therefore, solution 

T a b l e I I . V i s c o s i t y V a r i a t i o n s i n C o n c e n t r a t e d S o l u t i o n s (9) 

% by weight MgfNO,)^ 
Temp 
(°C) 60 62 64 66 68 70 72 

100 1.564 1.588 1.612 1.636 1.660 1.684 1.708 
120 1.553 1.575 1.601 1.624 1.648 1.672 1.696 
140 1.564 1.588 1.612 1.637 1.662 1.686 
150 1.631 1.657 1.680 

Zhurnal Priktal Khimie 
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SO 5 5 GO 6 5 7o "75 

Figure 2. Viscosity of magnesium nitrate solutions 

concentrations used in the extractive distillation process do not normally exceed 
72-74 w t % M g ( N 0 3 ) 2 . 

The specific heat of solid anhydrous Mg(NOs )2 may be calculated f rom the 
equation: 

Cp (cal/g mole) = 10.68 + 71.2 X 1 0 " 3 T + 1.79 X MftT~2 

( T i n ° K ) (JO) 

The equivalent values i n cal/g are found i n Table III. 

T a b l e I I I . S p e c i f i c H e a t o f A n h y d r o u s M g ( N 0 3 ) 2 

Temperature (°C) Cp (Cal/g) 

25 0.229 
100 0.260 
120 0.269 
140 0.278 
160 0.287 
180 0.296 
200 0.304 
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Figure 4. Integral heat of solution of magnesium nitrate 
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The hydrat ion of anhydrous magnesium nitrate evolves heat, 25,730 cal/g 
mole M g ( N 0 3 ) 2 M g ( N 0 3 ) 2 • 6 H 2 0 ( I I ) . L ikewise , the dissolution of 
M g ( N 0 3 ) 2 or the hydrates in water or the addit ion of further water to these so­
lutions also evolves heat (12 ,13,14,15) . F igure 4 illustrates the molar integral 
heat of solution of M g ( N 0 3 ) 2 , the value for inf ini te d i lut ion being 21,575 cal/g 
mole. F r o m these figures, the enthalpies of magnesium nitrate solutions may 
be computed. 

The Ternary System Nitric Acid-Water-Magnesium Nitrate 

The displacement of the azeotropic composition by progressive addit ion 
of magnesium nitrate has been shown in Table I above. V a p o r - l i q u i d equil ibria 
have been determined (3, 4). F igure 5 depicts equi l ibr ium vapor compositions 
i n the ternary system at the boi l ing point, whi le F igure 6 shows boi l ing points 
i n the system at 760 m m H g . 
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HNOj 

m 

20 A * 0 5 1 

/ \ / \ \ /\ V/ \ J / 
< 

/ \ > 

ae -ro 

Figure 6. Magnesium nitrate-nitric acid-water boiling points (760 mm) 

Since in an extractive disti l lation process based on this ternary system the 
extractive agent is nonvolatile and remains in the l iqu id phase, and since because 
of the s imilari ty of the molar latent heats of nitr ic ac id and water there is sub­
stantially constant molar l iquid overflow, the mole fraction of magnesium nitrate 
remains almost constant throughout the process. It is appropriate to represent 
the equi l ibr ium situation as a pseudo-binary system for each magnesium nitrate 
concentration, and Figure 7 shows v a p o r - l i q u i d equil ibria on a nitric acid-water 
basis at a series of magnesium nitrate concentrations f r o m zero to 0.25 mole 
fraction in the l i q u i d phase. 

F igure 5 shows that when nitric acid solutions containing 50-60 w t % H N O 3 

are mixed w i t h magnesium nitrate solutions containing 60-70 w t % Mg(NOa)2, 

the e q u i l i b r i u m vapor composition at the boi l ing point does not exceed 85-90 
w t % H N O 3 . Thus, to achieve concentrations higher than this the process must 
provide for rectification of the top vapor. 

Thermal data for the ternary system have not been widely reported, but may 
be evaluated as required for process calculations f rom available data for the nitric 
ac id-water and magnesium nitrate-water binary systems. 
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l o -

O .| -a -3 -4- -5 -C -7 

M O L E F R A C T I O N H N O ^ tN l-lQPtfc> ( ~ Ha.O B I N A R Y ) 

Figure 7. System magnesium nitrate-nitric acid-water, liquid-vapor 
equilibrium, pseudo binary basis 

Process Conditions for Extractive Distillation 

Consider the concentration of 60 w t % nitr ic acid by extractive disti l lation 
w i t h 70-75 wt% solutions of magnesium nitrate. It may be seen f r o m F igure 
5 that the vapor composition above boi l ing solutions is at the level 85-90 w t % 
H N O 3 over a wide range of mixtures, f rom 3.5 parts of magnesium nitrate solution 
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per part of weak nitric acid up to about 8 parts. In the particular case of 5 parts 
of 72 w t % Mg(NC>3)2 solution and 1 part of 60 w t % nitr ic acid, the mixture has 
the composition 60 w t % M g ( N 0 3 ) 2 , 10 w t % H N 0 3 , and 30 w t % H 2 0 w i t h an 
e q u i l i b r i u m vapor composition of 88 w t % H N 0 3 at the bo i l ing point. A rec­
t i fy ing section of the column gives a top product of nearly 100 w t % H N 0 3 , whi le 
the nitric acid content at the base of the distillation column may be taken as zero. 
A suitable reflux ratio may be determined by tr ial and error. F o r the case of a 
3:1 ratio wi th the heat requirement supplied by an external reboiler, the reboiler 
outlet l iquor composition is 66.6 w t % M g ( N 0 3 ) 2 . Assuming constant molar 
overflow, the vapor rate is 1.15 parts per part of H N 0 3 dist i l led, m a k i n g the 
column base composition 59 wt% M g ( N 0 3 ) 2 . This molar composition (0.15 mole 
fraction) applies throughout the str ipping section of the co lumn, and the ap­
propriate equi l ibr ium curve is selected f rom Figure 7. Graphica l methods (16, 
17) may be used to calculate the number of theoretical plates required for the 
separation. 

A variety of feed compositions and reflux ratios may be thus examined, 
preferably by carrying out detailed plate-to-plate equi l ibr ium calculations wi th 
check heat balances, as the thermal effects are substantial, a imed at o p t i m i z i n g 
the reflux ratio (representing operating cost) against the number of theoretical 
plates (representing capital cost). In particular terms, I C I has found that feed 
ratios between 4:1 and 7:1 (parts of magnesium nitrate solution per part of weak 
nitr ic ac id feed) are possible, w i t h reflux ratios i n the range 2:1 to 4:1. The 
theoretical plate requirement for the complete co lumn is between 15 and 20. 
W i t h i n this range the process w i l l concentrate 60 w t % H N 0 3 to 99.5 w t % using 
72 w t % M g ( N 0 3 ) 2 as extractive agent and denitrat ing it to less than 0.1 w t % 
H N O s . 

H e a t R e q u i r e m e n t of the Process. Heat is required for vaporization i n 
the extractive distil lation co lumn, and for the reconcentration of magnesium 
nitrate solution. Overall thermal effects caused by the magnesium nitrate cancel 
out, and the heat demand for the complete process depends on the amount of 
water being removed, the reflux ratio employed, and the terminal (condenser) 
conditions i n distil lation and evaporation. The composition and temperature 
of the mixed feed to the still influence the relative heat demands of the evapo­
ration and distillation sections. F o r the concentration of 60 w t % H N 0 3 to 99.5 
w t % H N 0 3 using a still reflux ratio of 3:1, a still pressure of 760 m m H g , and an 
evaporator pressure of 100 m m H g , the theoretical overall heat requirement is 
1,034 kcal/kg H N 0 3 . 

I d ' s C o m m e r c i a l Process. In 1960 ICI constructed a concentration plant 
using this extractive distil lation process (18) w i t h a capacity of 16,000 tonnes/ 
annum of product acid (99.5 wt% H N 0 3 ) which has subsequently been extended. 
A flowsheet is given i n F igure 8, and the process description is as follows. 

Weak nitric acid (normally 60 w t % H N 0 3 ) and concentrated magnesium 
nitrate solution (72 w t % M g ( N 0 3 ) 2 ) enter at the feed point of an extractive dis­
tillation column. The rectifying section above the feed point has a water-cooled 
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condenser and reflux supply and gives concentrated top product, normally 99.5 
wt% HNO3. The str ipping section below the feed point has an external steam-
heated reboiler, and its bottom product is di luted magnesium nitrate solution, 
normal ly 65-67 w t % M g ( N 0 3 ) 2 , containing less than 0.1 w t % HNO3. This 
weaker magnesium nitrate solution is reconcentrated to the feed strength in a 
steam-heated vacuum evaporator. 

The original plant had the faci l i ty to fractionate the vapors f r o m this 
evaporator to recover nitric acid present in the magnesium nitrate stream, but 
the high degree of denitration obtainable i n the extractive disti l lation co lumn 
made this recovery operation unnecessary and it is no longer used. 

Water vapor f r o m the evaporator passes to a water-cooled condenser, and 
the weakly acidic condensate is discharged as l i q u i d effluent. T h e extractive 
distillation section of the plant is maintained under slight negative pressure, and 
the condenser off-gases are scrubbed w i t h water and discharged as gaseous ef­
fluent. 

In the disti l lation system used i n the I C I plants, the s tr ipping section is de­
signed as a packed co lumn, constructed as a t i le- l ined shell w i t h silicon iron i n ­
ternal fittings, end cover, and ring packing. The feed point temperature is 120° C 
and the bottom, 160°C; operating pressure is atmospheric or just below. T h e 
separate rectifying section is a silicon iron bubblecap column. The columns were 
sized by conventional fractionator design methods, and both types of construction 
have given good service i n practice. 

Concentrated nitric acid vapor f rom the top of the rect i fying section passes 
to vertical silicon iron condensers with water-cooled U-tube bundles in high purity 
a l u m i n u m . Condensed acid is refluxed through a div ider system, the product 
fraction being cooled in t i tanium coolers. Off-gases are scrubbed w i t h water 
in a tail gas absorber wi th f inal discharge to atmosphere through a steam ejector. 
The magnesium nitrate concentrator is a vertical long-tube natural c irculat ion 
vacuum evaporator of standard design having a water-cooled shell and tube 
condenser, vacuum being maintained by a water r ing p u m p . 

Materials of Construction 

The handling of boil ing saturated salt solutions and concentrated nitric acid 
l i q u i d and vapor, in the presence of nitrous gases, restricts the choice of con­
structional materials and places constraints on the chemical engineering of the 
process. High-s i l i con iron is an exceptionally corrosion-resistant material used 
successfully for column stills, packing, lines, and ducting, but it is relatively brittle 
and has a high coefficient of thermal expansion so that adequate thought must 
be given to the supporting and jointing of equipment, w i t h expansion bellows 
where appropriate. 

W h e n the process is used to make nitric acid of over 98.5 wt% concentration, 
particular care is necessary in the selection of materials for handl ing the l i q u i d 
product. Unstabil ized stainless steels w i t h extra low carbon content (<0.03% 
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C ) gave reasonable service at normal temperature, but for severe jobs it may be 
appropriate to use the more exotic metals such as tantalum. Z i r c o n i u m or tita­
n i u m may also be used, though in high strength acids with an appreciable content 
of dissolved nitrogen oxides these metals can develop unstable, potentially haz­
ardous oxide films. The newer varieties of high silicon austenitic stainless steels 
may be of service. 

Process Operation 

Successful operation of this concentration process demands adequate and 
consistent denitration in the stripping section of the extractive distillation column. 
If this is not achieved, instability develops, as evidenced by fluctuating flows and 
pressure drops in the column. The design value for HNO3 content in the bottoms 
(magnesium nitrate stream) is 0.1 wt% and this is readily achievable. H i g h e r 
values, besides causing instability, promote corrosion i n the reboiler and the 
magnesium nitrate system. 

Stable operation of the process is assisted greatly by attention to the mag­
nesium nitrate solution. Its concentration is important and should not fa l l sig­
nificantly below 70 wt% Mg(NC>3)2 i n the evaporator for good denitration in the 
stripping column. Over-concentration can lead to handling difficulties associated 
with 'h igh freezing points, w i t h reduced heat transfer i n the evaporator because 
of increased viscosity, or w i t h foaming or l i q u i d carryover f r o m the str ipping 
column. Extraneous impurit ies such as iron salts, siliceous matter, or chlorides 
can adversely affect the e q u i l i b r i u m pattern and give rise to handl ing and 
measurement problems. These can be avoided by selecting h igh qual i ty mag­
nesium salts. 

Process performance is straightforward and predictable. W h i l e commercial 
plants are comprehensively instrumented, operating features are readily rec­
ognizable from simple measurements, particularly of temperatures. Conditions, 
for instance, around the base of the column and the reboiler al low interpretation 
of process parameters, reasoning as follows: 

F o r the concentration of 60-100 w t % HNO3: 

let C = wt fraction of Mg(NOs)2 in feed to column, 
let R1 = ratio of feeds (parts magnesium nitrate solution per part of weak 

acid), and 
let R2 = co lumn reflux ratio, 

then the weight fraction of Mg(NOs)2 is the magnesium nitrate solution leaving 
the reboiler = CR1/R1 + 0.4 

For constant molar vapor f low in the co lumn system, the vapor f low rate 
leaving the reboiler, per part of weak acid feed, is 0.6 (1 + R2) 18/63 and the 
weight fraction of Mg(NOs)2 i n the magnesium nitrate solution leaving the col­
u m n base 

= CRi CRX 

Ri + 0.4 + 0.6 (1 + R 2 ) 18/63 ~~ R i + 0 .17R 2 + 0.57 
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Figure 9. Column base and reboiler temperatures 

Figure 9 presents the equivalent boi l ing solution temperatures at the reboiler 
and the co lumn base calculated for a series of feed ratios and reflux ratios, f r o m 
w h i c h the appropriate process conditions and temperatures may be related. 

Conclusions 

This concentration process has been operated on a commercial scale for some 
fifteen years and has proved robust and reliable. W e a k nitr ic ac id feedstocks 
w i t h concentrations varying f r o m 55 to 70 w t % H N 0 3 have been handled satis­
factorily wi th product strengths of 98-99.6 w t % H N 0 3 according to demand. 
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Losses of nitric acid and magnesium salts are t r iv ia l , and the process can be run 
in a straightforward manner w i t h m i n i m u m manning. T h e major operational 
cost is for the steam required for the process heat supply; this depends on the 
concentration range required but w i l l be ca. 2.0—2.5 parts per part of product 
acid. The capital cost of a commerc ia l plant compares favorably w i t h that for 
alternative concentration processes. 
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Use of Magnesium Nitrate in the 
Extractive Distillation of Nitric Acid 

JOSEPH A. VAILLANCOURT 
Hercules Inc., 910 Market St., Wilmington, Del. 19899 

The maximum boiling azeotrope of nitric acid and water (68 % 
nitric acid) requires extractive distillation to produce concen­
trated nitric acid when starting with acid that is weaker than 
the azeotrope. Sulfuric acid has been used for this extractive 
distillation, but its use requires high investment and mainte­
nance costs. Magnesium nitrate is being used in several com­
mercial plants in the extractive distillation of nitric acid. 
Magnesium nitrate was selected rather than other nitrate salts 
because it has the most favorable combination of physical 
properties. Although magnesium nitrate requires slightly 
more steam than sulfuric acid in the extractive distillation of 
nitric acid, this disadvantage is offset by the lower capital and 
maintenance costs associated with the magnesium nitrate pro­
cess. 

The demand for concentrated nitr ic ac id 98+% strength, p r i m a r i l y 
for use in nitration, led to the use of sulfuric acid in the extractive distillation 

of nitr ic acid. The m a x i m u m boi l ing azeotrope of 68 wt % nitr ic ac id prevents 
dist i l l ing the 55-60 wt % nitr ic acid produced i n an ammonia oxidation plant 
( A O P ) to a strength greater than 68 wt % unless extractive disti l lation is used. 

The Sulfuric Acid Process 

In the process using sulfuric ac id {see F igure 1) this ac id was, and i n many 
instances still is, added to the weak nitr ic ac id produced by an A O P before the 
mixed acid was fed to the top of a disti l lation column. T h e feed has been pre­
heated i n some processes to m i n i m i z e the vapor load i n the disti l lation co lumn. 
E n o u g h sulfuric ac id was added to the feed so that the vapor leaving the top of 
the column was at least 98% nitric acid. L i v e steam was added to the base of the 
co lumn to provide the heat for the co lumn and the str ipping vapor required to 
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Feed Acid 
55-60% HN03_ 
+ 93% H2S04 

Live Steam 
Sparge 

Cooling H20 

Condenser 

98% HN03 

2% H20 
Trace H2S04 

HNO3 STILL 

65-68% H2S04 

Cooling H20 

Cooling HoO 

H2S04 

Concentration 

Condenser \ 
Weak H2S04 & HNO3 

in H20 

H2S04 

Cooler 

93% H2S04 

Figure 1. HNO3 concentration using sulfuric acid 

m i n i m i z e the nitr ic acid content of the sulfuric acid leaving the base of the dis­
ti l lation column. A n y nitric ac id leaving the base of the c o l u m n represented a 
loss of desirable product. Most of the sulfuric acid and water, inc luding the live 
steam, that was fed to the distillation column left the base of the co lumn as 65-68 
wt % sulfuric acid. This sulfuric acid was then concentrated via v a c u u m or 
submerged combustion evaporation to a strength of about 93% sulfuric acid. The 
sulfuric acid was then cooled and recycled to make up the feed for the distillation 
column. A n y nitric acid present in the bottoms f rom the distillation co lumn was 
lost w i t h the water removed in the sulfuric ac id concentrator. A small amount 
of the sulfuric acid fed to the distillation co lumn was entrained wi th the product 
98 wt % nitric acid. The entrained sulfuric ac id was not a problem for most of 
the captive uses of the concentrated nitr ic ac id i n nitration. However , the en­
trained sulfuric acid was a problem in meeting some specifications of concentrated 
nitr ic acid for sale on the open market/ 

The Magnesium Nitrate Process 

In 1957 Hercules Inc. started the first unit that produced concentrated nitric 
ac id for commercia l sales using magnesium nitrate as the extractive agent. In 
this process (see F igure 2) the weak nitric ac id product f r o m an A O P is fed to 
the appropriate tray of a distil lation column. A concentrated solution of mag­
nesium nitrate and water is fed to the proper tray in sufficient quantity to enrich 
the vapors to a concentration greater than 68 wt % nitr ic ac id. The overhead 
product f rom the co lumn is concentrated (98-99.5 wt %) nitr ic acid. A portion 
of the concentrated nitric acid is returned as reflux to a id i n rectification. The 
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bulk of the water entering wi th the A O P feed acid is removed f r o m the base of 
the column in the 65-68 wt % magnesium nitrate solution. This quantity of water 
is then removed in the magnesium nitrate evaporator w h i c h operates under 
vacuum. The concentrated (72 wt %) magnesium nitrate solution produced in 
the magnesium nitrate evaporator is returned to the disti l lation co lumn. N o 
stripping steam is used in the co lumn since water evaporated i n the co lumn re­
boiler serves as stripping vapor. The overhead product f rom the column is a high 
purity distillate free of sulfates and very low in metal content, chlorides, and other 
impurities. 

Cooling H20 

Feed Acid 
55-60% HN03 

Steam 

Column 
Reboiler 

98 % HNO3 

2"% HoO 

Cooling H20 

H20 

1% HNO3 

Mg|N03)2 

Evaporator 
Reboiler 

Figure 2. HNO3 concentration using magnesium nitrate 

Vapor-Liquid Equilibrium 

The magnesium nitrate, as wel l as other nitrate salts, enhances the volatility 
of the nitric acid while suppressing the volatility of water. This effect is similar 
to that achieved w i t h sulfuric acid. Contrary to most commerc ia l extractive 
distillations in w h i c h the extractive agent enhances the volati l i ty of the more 
volatile component in the feed, extractive agents for nitric acid distillation must 
enhance the volati l i ty of the less volatile component in the feed (nitric acid). 
Magnesium nitrate was selected f r o m among several nitrate salts since it had a 
large, favorable effect on the relative volati l i ty of nitric ac id as wel l as for its 
thermal stability and good physical properties i n water solution. 

The effect of the magnesium nitrate on the v a p o r - l i q u i d e q u i l i b r i u m of 
nitric acid and water can be seen in Figure 3. As the concentration of magnesium 
nitrate in the l i q u i d increases, the volati l i ty of nitr ic ac id also increases. 
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0 10 20 30 40 50 60 70 80 90 100 
WEIGHT % HN03 IN LIQUID (TOTAL BASIS) 

Figure 3. Vapor-liquid equilibria. Values 
shown are at constant wt % MgiNO^ in the 

liquid—on an acid-free basis. 

Figure 4. Weight fraction of HNO3 in vapor vs. liquid 
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Therefore, the vapors emitted f r o m the l i q u i d of a given composition are richer 
in nitr ic acid as the concentration of the magnesium nitrate increases. Though 
this might suggest that the highest possible concentration of magnesium nitrate 
should be used, consideration of the distillation column conditions shows that this 
is not the case. In a distillation column, as the magnesium nitrate concentration 
is increased, the l iqu id rate increases more rapidly than the vapor rate; therefore, 
the slope of the operating l ine ( l iquid rate/vapor rate) increases. Since the 
number of theoretical stages i n a distil lation co lumn is a funct ion of the degree 
of separation between the vapor- l iquid equil ibrium curve and the operating line, 
as well as the steepness of the vapor- l iquid equil ibrium curve, there is an opt imum 
range for the magnesium nitrate concentration in the l iquid . If the magnesium 
nitrate concentration is too low, the v a p o r - l i q u i d e q u i l i b r i u m curve is not steep 
enough, and too many stages are required to effect the disti l lation. If the mag­
nesium nitrate concentration is too high, the separation between the vapor- l iquid 
equi l ibr ium curve and the operating line is too small; therefore, too many stages 
are required. The effect of a 1% increase i n the magnesium nitrate content of 
the l iqu id in the distillation column is shown in Figure 4. Since the magnesium 
nitrate is not a volatile component, the weight fraction H N O 3 is plotted on a 
magnesium nitrate-free basis. The concentration of magnesium nitrate i n the 
l i q u i d does not vary appreciably between the feed tray and the base of the 
str ipping section. 

The design of a distillation column for the concentration of nitric acid using 
magnesium nitrate as the extractive agent is rather specific to the strength of the 
feed acid produced i n the A O P . As the feed acid concentration changes, a dif­
ferent number of theoretical stages is required to produce the desired overhead 
and bottoms purity. In the in i t ia l design the reflux ratio and the concentration 
of magnesium nitrate are adjusted to min imize the number of theoretical stages 
in the column. Since the cost of the equipment and the cost of energy both i n ­
crease as the vapor rate i n the co lumn is increased, the o p t i m u m design is a 
compromise that must consider economics as wel l as v a p o r - l i q u i d equi l ibr ia . 
Also some allowance must be made for changes i n the feed acid concentration, 
as these changes do occur to some extent in the operation of the A O P . The f inal 
design is one that tolerates changes i n feed composition, reflux rate, and mag­
nesium nitrate concentration in a column containing a fixed number of theoretical 
stages. 

Economics 

Magnesium nitrate has been used instead of sulfuric acid in new commercial 
plants since it requires lower capital investment and has lower overall operating 
costs. The lower capital investment results f rom the use of metal equipment for 
al l the components as wel l as f r o m a more compact plant layout. The upper 
portion of the distillation column and the condenser and pip ing for handling the 
concentrated nitric acid are fabricated f rom the same materials whether sulfuric 
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acid or magnesium nitrate is used as the extractive agent. The savings i n 
equipment costs are realized i n the base of the co lumn, the c o l u m n reboiler, the 
extractive agent concentrator, and the piping that handles the hot extractive agent. 
W h e n magnesium nitrate is the extractive agent, a l l of this equipment can be 
fabricated f rom conventional stainless steel. W h e n sulfuric acid is the extractive 
agent, a l l of this equipment must be fabricated f r o m l ined steel equipment that 
utilizes glass, teflon, or brick as the corrosion resistant barrier. T h e difference 
i n the cost of this portion of the plant results i n a sizeable capital saving whe n 
magnesium nitrate is used as the extractive agent. Some savings i n structural 
steel and foundation costs are also realized f r o m reductions i n the equipment 
weights. A single stage vacuum evaporator can be used to remove the water f rom 
the magnesium nitrate compared w i t h the two or more v a c u u m or submerged 
combustion stages required for sulfuric acid. T h e more compact layout results 
in reduction of costs for b u i l d i n g steel, foundations, and shorter runs of process 
and uti l i ty p ip ing . 

The lower operating costs of the magnesium nitrate-ni tr ic ac id-water ex­
tractive disti l lation process are caused p r i m a r i l y by lower maintenance costs 
compared wi th the sulfuric a c i d - n i t r i c ac id-water extractive disti l lation. The 
hot magnesium nitrate solutions are less corrosive to the equipment than the hot 
sulfuric ac id solutions despite the more exotic materials of construction used to 
handle the sulfuric acid. In addit ion, when repairs or changes are required i n 
the equipment and piping, they are easier and cheaper to make in the magnesium 
nitrate process than in the sulfuric acid process. W h e n magnesium nitrate is used, 
the stainless steel equipment requires no special skills and less advanced planning 
compared wi th the l ined equipment required when sulfuric acid is used. Fewer 
and less complicated equipment and p i p i n g spare parts are required for mag­
nesium nitrate compared to sulfuric acid. 

A n addit ional operating saving can be realized by reusing a portion of or 
al l of the water evaporated i n the magnesium nitrate concentrator. This water 
can generally be reused as absorption water i n the A O P or as wash water i n a 
nitration process. The sulfuric acid content of the water evaporated f r o m the 
sulfuric acid concentrators or the corrosivity of this stream generally negates its 
reuse in other portions of the plant. This ability to reuse water when magnesium 
nitrate is the extractive agent generally results i n savings i n the waste treatment 
costs compared w i t h the use of sulfuric ac id as the extractive agent. 

The use of magnesium nitrate as the extractive agent does, however, have 
some disadvantages in comparison wi th sulfuric acid. Since magnesium nitrate 
is a less efficient extractive agent than sulfuric acid, the disti l lation co lumn 
generally requires more theoretical stages and a slightly higher reflux ratio when 
magnesium nitrate is used as the extractive agent. The higher reflux ratio for 
magnesium nitrate use means a higher steam consumption in the column reboiler. 
However, this is offset partially by a lower steam consumption i n the equipment 
used to evaporate water f r o m the extractive agent. The slightly higher steam 
consumption when magnesium nitrate is used requires a correspondingly higher 

 P
ub

lic
at

io
n 

D
at

e:
 J

un
e 

1,
 1

97
6 

| d
oi

: 1
0.

10
21

/b
a-

19
76

-0
15

5.
ch

01
0

In Thermodynamic Behavior of Electrolytes in Mixed Solvents; Furter, W.; 
Advances in Chemistry; American Chemical Society: Washington, DC, 1976. 
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electrical consumption i n operating the cooling tower if used, or higher con­
sumption of electricity to p u m p cooling water if it is used on a once-through 
basis. 

Future Outlook 

Another disadvantage of using magnesium nitrate instead of sulfuric acid 
would be the disposal of the evaporated water if all of it cannot be reused in other 
processes. W h e n the evaporated water is neutralized prior to disposal, the 
magnesium nitrate process results in nitrate salts, whereas the sulfuric acid process 
results in sulfate salts being discharged. In the past, sulfate salts have been more 
acceptable i n plant effluents than nitrate salts. Future environmental consid­
erations may prohibit the disposal of either of these salts, thereby negating this 
advantage of the use of sulfuric acid. 

In the recent past new commerc ia l facilities have been buil t using magne­
s ium nitrate in extractive distil lation to produce concentrated ni tr ic acid f r o m 
A O P acid. T o the author's knowledge no new commerc ia l facilities have been 
built using sulfuric acid as the extractive agent for concentrating A O P acid. N e w 
facilities generally use sulfuric ac id to concentrate spent nitration acids only if 
they already contain sulfuric acid. 

Conclusions 

The preference for magnesium nitrate i n commerc ia l operations indicates 
that the advantages of using magnesium nitrate outweigh the disadvantages. 
That is, the lower investment and maintenance costs inherent in the use of 
magnesium nitrate more than offset the increased steam consumption, even in 
areas of the w o r l d where energy costs have been high historically. 

R E C E I V E D June 23, 1975. 
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Thermodynamics of Preferential 
Solvation of Electrolytes in Binary 
Solvent Mixtures 

A. K. COVINGTON 

Department of Physical Chemistry, University of Newcastle, Newcastle-upon-Tyne, 
NE1 7RU, U.K. 

Κ. E. NEWMAN 

Department of Chemistry, University of Keele, Keele, Staffs, ST5 5BG, U.K. 

The solvation changes of an ion, as the composition of a binary 
solvent is varied, can be treated on the basis of n successive 
equilibria where n is the solvation number. From a detailed 
consideration of the thermodynamics of preferential solvation, 
it is possible to define a free energy of preferential solvation 

∆Gps

ө and relate it to the more familiar free energy of trans­
fer, ∆Gps

ө determinable for a neutral combination of ions 
from emf measurements. The treatment can be modified to 
include a case of change of solvation number and to non-statis­
tical distribution of the solvated species. When separate sol­
vent NMR signals from solvation shells can be detected or 
mixed solvates isolated, a further development enables a satis­
factory explanation to be given for the observed distribution of 
solvated species. 

The problem of understanding the processes w h i c h occur 
when a gaseous ion is put into a solvent such as water has c o m m a n d e d the 

attention of chemists for more than 80 years. It is a key to the understanding 
of the properties of solutions and is of far reaching technological and theoretical 
importance. If the solvent is made u p of two or more components, preference 
may be shown for one of these components by the cations, anions, or both. This 
is the problem of preferential solvation or of solvent-sorting i n the immediate 
vic ini ty , the co-spheres (I ), of the ions. 

T h e r m o d y n a m i c methods, per se, are of l imi ted use, although they have 
been used extensively to unravel problems as complex as these. Nevertheless, 
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studies must be made on a sound thermodynamic, or statistical thermodynamic, 
framework. It is the purpose of this review to provide first the thermodynamic 
basis for such studies and then to indicate how progress can be made i n under­
standing ion-solvent interactions (2, 3, 4, 5, 6) using spectroscopic methods, 
part icularly N M R in combination w i t h classical thermodynamic studies. 

Basic Thermodynamic Treatment 

G r u n w a l d , Baughman and Kohnstam ( G B K ) , in an appendix to a classic 
paper on vapor pressure studies of solvation in dioxane and water mixtures (7), 
presented an outline of a thermodynamic treatment of the solvation of ions in 
a mixed solvent. It is convenient to start f rom their general treatment but to adopt 
a different nomenclature, used previously (3). 

Consider a homogeneous solution of w° moles of water, p° moles of a co-
solvent P and a moles of a solute X . The Gibbs free energy of the system at 
constant temperature and pressure is given formal ly by 

G = au\ + w > w + P > p (1) 

and is independent of whether the solute is considered solvated or not. However, 
this is not true of the solute chemical potential. If the solvation number of X is 
n w for pure water and np for pure P , the general solvated species can be written 
as X W j P j where 0 ^ j ^ n w and 0 ^ i ^ np. The fraction of X existing as this 
general ij species is denoted by so that average solvation numbers for water 
and P can be def ined 

nw np 
hw = E E j<t>n (2) 

;=0 i=0 

nw np 

h? = E E i<t>ij (3) 
;=0 i=0 

and = 1. 
A general treatment based on different solvation numbers for water and 

P, although physically very plausible, becomes impossibly diff icult to handle later 
and some simplification is necessary. It w i l l be assumed that the solvation number 
is the same in both pure solvents, i . e . , n w = n p = n . The general species now 
referred to as the i t h species, can be writ ten as X W n _ i P j and 0 < i < n . 

Also the average solvation number = h = E *0t (4) 

and E 4>i = 1 (5) 

Considering now the variously solvated species i wi th chemical potentials ft, the 
free energy of the system G , can now be expressed as 
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G = a^faui + pjup + w/iw (6) 

where JLIW, MP are the chemical potentials of W and P respectively. 

But 

w = w ° - a 2 ( n -i)(t>i (7) 

p = p ° ( 8 ) 

since the solvent has lost molecules w h i c h are considered part of the solute 
species. 

Substituting Equations 7 and 8 into 6 gives 

G = a^iUi + (p° — a S i ^ i W + (w° — a Z ( n — i)0<)/*w (9) 

w h i c h is equivalent to G B K ' s Equat ion 49. 
A d o p t i n g the mole fraction scale and introducing standard chemical po­

tentials and activity coefficients as follows 

M* = M i e + flTln (t>ifi 

Mw = M w e + RT In X w / w 

Mp = M p e + flrlnxP/p (10) 

Equat ions 9 and 1 for the Gibbs free energy of the system can be equated (7) to 
give 

Mx = M x e + RT In xxfx 

= 20,/i< e + ZfaRT In 0t-/t- - 2 i < M M p e + R T L N * P / P ] ~~ S ( N " O0< 

X [ ^ w e + RT In xw/w] (11) 

N o w nx is the conventionally def ined chemical potential of X (disregarding 
solvation) and the standard (conventional) chemical potential is given by 

M x 0 = l i m ( M x - RT l n x x ) (12) 
a-*0 

N o t i n g that as a -* 0, ft 1 a n d / w ~ * / w ° , /p ~~* /P° (activity coefficients for 
the binary mixture in the absence of solute) also fa —* 0* ° (the solvated species 
mole fraction when the solute concentration is vanishingly small), and so the 
solvent mole fractions can be equated to the stoichiometric mole fractions, i.e. 
x w = w°/(w° + p°) and x? = p°/(w° + p°) , then 

M x 0 = 2 0 i > i e + RTZfa0 ln fa0 - 2 ( n - i )0 i ° [Mw e + RT l n w ° / w ° ] 

- 2ty,°[/xp e + H T l n p°/p°] + nRT l n (w° + p° ) (13) 

Equation 13 is Equation 4 of the previously given treatment (3) and derived there 
by an alternative but equivalent method (noting that w° + p° = 55.5 if an 
aquamolality scale is adopted as henceforth). It is also similar to G B K ' s Equation 
53. 
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In pure solvent P, since a l l </>,° = 0 except </>n° w h i c h is unity, 

M x ( P ) E = Mn(P) E - n u F
e (14) 

and in pure water, since a l l <j>° = 0 except 0 O ° w h i c h is unity, 

Mx(w) e = Mo(w) e - nuw° (15) 

F r o m Equations 14 and 15 the free energy of transfer of X f r o m pure water 
to pure solvent P is given by 

A G t ( X ) e = MX (P) E - M x ( W ) E = Mn(P)e - Mo (W) E - n ( M p G ~ M w e ) (16) 

However, for the free energy of transfer (aquamolality standard state) of X f rom 
water to a mixed solvent of P mole fraction Xp, f r o m Equations 13 and 15 

A G t ( X ) e m i x = ux6 - /xx(w)e = 2 0 , o / n e + RTZfr0 ln 0 , ° - M O ( W ) G 

- 240 i° (Mp e - M w e ) - RT2i<t>i0 ln xp/p 

- R T 2 ( n - O 0 i o l n ( l - X p ) / w (17) 

Both A G t ( x ) e and A G t ( x ) e m i x refer to a neutral solute species or a neutral 
combination of ions X . These quantities may be determined thermodynamically 
f r o m emf measurements on suitable cells or f r o m solubility studies i n the m i x e d 
or pure solvents. The splitt ing of these quantities into separate contributions 
f r o m the ions has been the subject of m u c h speculation (8). W e m a y regard 
Equations 16 and 17 as va l id if the species X bears a charge, provided the ionic 
contributions are added to obtain the values for a neutral combinat ion of ions. 

The free energy of transfer A G t ( x ) e refers to the removal of X f r o m pure 
water wi th the breaking of al l ion-water interactions, and its transfer to the pure 
solvent w i t h the formation of a new set of ion-solvent interactions. However , 
a simpler process can be envisaged i n w h i c h the solvation shell of X containing 
n molecules of water of solvation is progressively, step by step, changed unt i l it 
contains n molecules of P of solvation. T h e general step i n such a process oc­
curr ing in a given solvent mixture can be wri t ten as (2, 3) 

X W B + H P H + P ^ X W N _ , P , + W (18) 

where K , is an equil ibrium constant for the formation of the i t h species X W n _ i P t 

in solvent of mole fraction xp. A similar approach has been used by other workers 
(9,10). 

The free energy change for this general step is 

A G * = m + M W - M i - i - MP = M i G + RT In mji - M i - i e - RT l n m ^ i / i - i 

+ M w e + RT l n (1 - x P )/w " M P 0 - RT In x P / P (19) 

A t e q u i l i b r i u m A G , = 0, hence 

A G * 0 = M i e - M i - i e + M w e " M P 0 = -RT ln (mJmi-iAJilfi-i) 
- RT ln [(1 - x P)/x P](/w//p) = —RT In K , (20) 
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where K , takes values between K i and K n . The e q u i l i b r i u m constant for the 
overall process, K , i n a solvent mixture of mole fraction Xp, 

X W n + n P ^ X P n + n W (21) 

n 
is related to the values by K = n K * a n d t n e f r e e energy change for the process 

i = i 

represented by Equat ion 21, w h i c h w i l l be def ined as the free energy of prefer­
ential solvation, A G p s

e is given by 

A G p s
e = E A G * 0 (22) 

T o obtain 0,-° values, Equat ion 20 is used, i n the f o r m 

mi/rrii-i = K , Y where Y = X p / p / x w / w , 

and assuming that/* = which is true at infinite dilution. Thus m , / m 0 = Y , 

i 
m2/mi = K 2 Y , etc., so that m j / m 0 = Y i n K , for 1 ^ i ^ n 

l 

/
n 

E m* for 0 ^ i < n 
o 

m o Y ^ n K i Y ^ I I K i 
for 1 < i ^ n (23) 

m 0 + m 0 E Y ' l I I Q 1 + E Y » n K t 

n terms n terms 

and 0o° = (24) 

i + E Y'IIIQ 
n terms 

T o proceed further it is necessary to make some assumptions about the i n ­
terrelations of the Uie terms. Such assumptions w i l l be extrathermodynamic 
in nature. It w i l l be assumed that each Ui term can be split into an intrinsic 
contribution f r o m the bare ion and a term f r o m the solvation process. Thus 

M i G = M i n t e + M t e s o l v (25) 

It is immediate ly apparent that because only differences i n chemical potential 
between states can be measured, the intrinsic term w i l l always disappear. It w i l l 
be further assumed that long-range and short-range contributions to the solvation 
process may be separated out. Thus 

Ui0 s o l v = Ui0 e l e c + Ui0 c h e m (26) 

where Ui° e l e c represents the long range interactions (which are assumed to be 
electrostatic in or igin and are normal ly treated by Born theory involv ing the 
radius of the solvated ion and the dielectric constant of the solvent) and Uie c h e m 

represents the short range interactions w h i c h w i l l be referred to as chemical , 
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although no particular inference as to the type of short-range interaction is i m ­
pl ied. 

The term ^ , e c h e m defines the effect on the chemical potential of the solvated 
ion of i molecules of P and (n—i) molecules of W in the solvation shell of the ion 
X . It may then be treated as a free energy of mix ing , w i t h the important dif­
ference that the statistical contribution, the number of ways of mixing i molecules 
of P and (n — i) molecules of W , is given by RT ln n!/(n — and not by the 
more fami l iar RTx l n x f o r m w h i c h is va l id only when n and i are very large. 

Thus 

Ui0 c h e m = (n - i ) M w e c h e m + i u ?
e c h e m + (n - i)RT l n / w ' + iRT ln / P ' 

— RT l n [n!/(n — (27) 

where upe C H E M , M W g c h e m are chemical potentials of P and W respectively i n the 
solvation shell i n pure P or pure W and /p' and / w ' are activity coefficients per­
taining to the solvation shell, w h i c h go to unity in their respective pure solvents 
and are introduced i n an attempt to take into account possible non-ideality in 
the solvation shell. Substituting Equations 25, 26, and 27 into Equat ion 17 
gives 

A G t ( X ) G m i x = 2 0 < ° M < e e I e c - M o ( w ) G e l e c + 2 i < / > t ° ( M p e c h e m - M w e c h e m ) 

- RT2i<t>i0[ln x P + l n / p 7 / p ' ] - R T 2 ( n - i )0 i° [ ln (1 - x P ) + l n / w V / w l 

- 2i<t>i°(uP
e - u w

e ) - R T 2 0 , ° ln n!/(n - + R T 2 0 , ° In 0 , ° (28) 

L ikewise f r o m Equat ion 16, referring to transfer between pure solvents, 

A G t ( X ) 0 = Mn(p)e e l e c - Mo(w) e e l e c + n ( M p e c h e m - M w e c h e m ) 
- n ( M P

e - M w e ) (29) 

Assuming that the electrostatic contributions are given by Born theory and that 
the solvated ions, irrespective of the composition of the solvation shell, have the 
same radi i , then Equat ion 19, ut i l iz ing the assumptions embodied i n Equations 
25, 26, and 27, simplifies to 

A G , - 0 = M P G C H E M - M W G C H E M - ( M P G - M W G ) ~ RT ln [(n + 1 - i)/i] 

- R T l n / w ' / p ' (30) 

and Equat ion 22 w i t h Equat ion 30 yields 

A G P
 0 = n ^ p 0 c h e m - r i M w 6 c h e m ~ n (A* P

G - M W g ) - R T ln ft (n + 1 - i)/i 
i=i 

- nRT ln fW/fv = n(u?
e C H E M - M W G C H E M ) - n(uF

e - M W G ) 

-nRT l n / w V / p ' (31) 

Therefore, compar ing Equations 31 and 30, 

A G , - 0 = A G p s
0 / n - RT ln [(n + 1 - i)/i] (32) 

or in the form of e q u i l i b r i u m constants 

(33) 
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Equat ion 33 is the famil iar statistical relation between the equi l ibr ium constants 
in a series of stepwise equilibria as derived by N . Bjerrum (11) for polyprotic acids 
and applied by J. B jerrum (12) to complex ion equil ibria. Substituting Equat ion 
33 for K , into Equations 23 and 24 for 0 , ° and 0o° gives 

( K 1 / n Y ) ^ n ( n + 

0 i ° = ——; ( l ^ i ^ n ) (34) 

1 + £ [ ( K 1 / n Y ) i f l (n + l-i)/i] 
n terms i = l 

4>o° • — (35) 

1 + Z [ ( K 1 / n Y ) * f l (n + 1 - i)/i] 
n terms i= 1 

but the denominator of Equations 34 and 35 is a b inomial expression. Thus 

0 , ° = (K^YY ft [(n + 1 - + K ^ n Y ) ' (36) 
i = l 

and 

0o° = 1/(1 + K 1 / n Y ) n (37) 

U t i l i z i n g Equations 36 and 37, and noting the identity 

n\/[(n-i)\i\] = f l ( n + l - i ) / i (38) 
l 

and also Equat ion 5, one can s impl i fy Equat ion 28 to 

A G t ( x )
e m i x = 2 0 i ° A i i

e e , e c - M o ( w ) e e , e c + 2 ( i 0 i
o / n ) ( A G p s

e -

nRT l n / p W ) ~ B T Z i ^ 0 ln x?fF°/fF
f - R T 2 ( n - i)</>i° 

X ln[( l - x P ) / w 7 / w ' ] + R T 2 i 0 i ° ln K 1 /»Y - n R T ln (1 + K 1 / n Y ) (39) 

where al l summations are between i = 0 and n . 

Relation with Experiment 

N M R Solute Ion Shif t . T h e N M R chemical shift, a measure of changed 
magnetic field at the resonating nucleus, is caused by perturbations of the electron 
c loud around that nucleus. F o r organic molecules such effects may extend 
through several chemical bonds, part icularly for conjugated systems where the 
7r electron orbitals are fair ly polarizable. However , for ionic solutes, the effects 
of solvent on the solute nuclei chemical shift are unl ike ly to extend beyond the 
first layer of solvent. A n y given arrangement of solvent persists for only a very 
short t ime ( 1 0 ~ n sec for a lkal i metal halides) so the observed chemical shift can 
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be formulated as the weighted average of the chemical shifts arising f r o m al l 
possible arrangements of solvent around the ion (13). Hence , if the i t h species 
has an intrinsic shift of 6 t, the observed shift 6 is g iven by 

5 = t (40) 
t=l 

T o proceed further it is necessary to make assumptions about how the various 
5i terms are interrelated. It w i l l be assumed (2, 3) that the contribution to the 
shift f r o m each P or W molecule is additive. T h e chemical shift 5 may be ex­
pressed in terms of the shielding constants (14) 

6 = a - <rref (41) 

where a is the shielding constant of the nucleus of interest and are{ that of the 
reference. Thus 

ox = i o y + (n — i)<Tw' (42) 

where oV, ow' respectively are the contributions f r o m each P or W molecule. 
If the chemical shift is measured relative to an aqueous solution then 

<rxe{ = n o w ' (43) 

C o m b i n i n g Equations 41, 42, and 43, 

6t = i ( * P ' - aW) (44) 

In pure P, d p = n o? and hence 

dp = n(c7P
/ — owO (45) 

and thus, f r o m Equations 44 and 45, 

5i = i5p/n (46) 

V a n Geet has used a similar approach to estimate the chemical shifts of 
solvated ions (15). H e argues that if the repulsive overlap mechanism, shown 
by Richards et al. (16) to work for i o n - i o n interactions, also works for ion-solvent 
interactions, then the repulsive overlap mechanism used by Kondo and Yamashita 
(17) for a lkal i metal halide crystals justifies the above assumptions. 

C o m b i n i n g Equations 46 and 40 gives 

Y=ti<t>i/n (47) 
Op i 

The quantity 2 i 0 t is the average solvation number of the ion by solvent P 
and hence the quantity n — is the average solvation number of the ion by 
W . Thus f r o m solute N M R data, the average solvation number of an ion as a 
funct ion of solvent composition can be obtained. The first attempt to do this 
was made by Frankel , Stengle, and L a n g f o r d (18) i n 1965. 
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Ultravio le t Spectral Shifts. Smith and Symons (19) i n 1957 were the first 
to propose the use of uv C T T S spectral shifts i n mixed solvents to obtain infor­
mation about preferential solvation of ions. This has been fo l lowed up by the 
Stengle-Langford group (20, 21). Al though the theoretical interpretation of 
uv spectral shifts has been the object of many papers, most attention has been 
directed towards large polar organic solvents. T o the knowledge of the present 
authors, no equation analogous to Equat ion 47 for N M R shifts has been der ived 
for ionic solutes. However, Mazurenko (22), using arguments somewhat related 
to those presented above, has derived such a relation for a polar organic solvent. 
It is worthwhile developing this here, using the nomenclature adopted above. 

O n the basis of an Onsager cavity (23) model of dielectrics applied to a polar 
solute with an intrinsic dipole movement ur° in its r th electronic state, Mazurenko 
gives an equation for the orientational free energy of the solute molecule in a pure 
polar solvent environment, w h i c h can be ident i f ied as equivalent to nupe c h e m , 
thus 2 

n M p 0 chem = - [ 0 ( D P
r ) - 0 ( n P

2 ) ] — (48) 
2 

where 0 ( D r ) is a funct ion of the effective relative dielectric permit t iv i ty , w h i c h 
is assumed to depend on the number of molecules of polar solvent close to the 
solute and 0 (n 2 ) is a funct ion of the refractive index. Further , the shift i n uv 
peak m a x i m u m (relative to the same transition i n a non-polar solvent Q) , corre­
sponding to a species w i t h n molecules of P i n its solvation shell is 

*P - P Q = ~ I M D r r ) " 0 ( " P 2 ) l M r A M (49) 
n 

where Au is the change i n dipole moment between the upper and lower states 
of the transition. F o r a species w i t h i molecules of P i n its solvation shell and (n 
— i) molecules of nonpolar Q , 

i M p e chem = - w o , ' ) - 0(nt
2)] ^ (50) 

and 

»i " * Q = jr [0flV) - <t>(ni2)]urAu (51) 

assuming wi th Mazurenko, a linear variation of orientational free energy w i t h 
the number of polar molecules i n the solvation shell. 

Substituting Equat ion 48 into Equat ion 49, Equat ion 50 into Equat ion 51 
and combining, gives 

i 
h — VQ = ~ (v? — VQ) (52) 

n 

Since 

v — ^faVi 
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then for the shift corresponding to a mixed solvent containing a distribution of 
solvated species 

Q - = £ * 0 , / n (53) 
J ' P - J ' Q i = l 

Whether this treatment is va l id for a dipolar solute i n a mixture of polar 
solvents is doubtful , but it would not appear to be val id for ions without intrinsic 
dipole moments. Nevertheless, Equation 53, as a ratio of wavelength shifts, has 
been appl ied to the analysis of C T T S spectra (19, 20, 21). 

Further Thermodynamic Relations 

The theory w i l l be developed further using Equation 47 because, Equat ion 
53 being basically similar in form, the resultant equations can be readily obtained 
if experimental information is available f r o m electronic instead of N M R spec­
troscopy. 

Substituting Equat ion 36 into Equat ion 47 gives 

7- = - S 0 , ° 
dp n 

= E (L) ( K V n y y ( f l (n + 1 - / ( I + K 1 / n Y ) n (54) 
n termsVn/ \i=\ J I 

= K 1 / n Y / ( l + K 1 / n Y ) (55) 

observing again the identity of Equat ion 38, w h i c h identifies the numerator of 
Equat ion 54 as a b inomia l expression i n (n — 1). Rearranging Equat ion 55 
gives 

A G p s
e = -RT ln K = -nRT l n [5/(5? - 5)] 

- nRT ln [(1 - xF)/xF]fw°//P° (56) 

F r o m Equations 39, 47, 55, and 56, after considerable s impli f icat ion, it follows 
for the free energy of transfer to a mixed solvent that 

A G t ( x )
e m i x = 2 0 i ° / i i e e , e c - M o ( w ) e e l e c - nRT l n (1 - x P ) / w 7 / w ' 

- nRT ln [5F/(5F - 5)} (57) 

Rearranging Equat ion 31 i n the f o r m 

A G p s
e - nRT l n / P V / W 7 = n(uF

e c h e m - M w e c h e m ) " n ( M p e " M w e ) (58) 

shows that, since the right-hand side is solvent composition independent, the 
left-hand side also should be. Hence, using Equat ion 56, 

A G p s
e - nRT l n / p V / w ' = - nRT \n[5/(5F - 5)}[(l - xF)/xF] 

-nRT\J-f;Jf-o (59) 
/ w /p 
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It w i l l be shown later that for the two solvent systems most thoroughly studied 
(and others besides), even though these show pronounced deviations from ideality, 
that the first term on the right-hand side of Equation 59 is a constant independent 
of solvent composition. Thus the second term of Equation 59 must be effectively 
zero, and compensation of activity coefficient factors must occur. 

It is pertinent at this stage to inquire the meaning of / w ' and fF. Equations 
19 and 20 refer to a free energy change i n a given solvent mixture. Redef in ing 
to a new standard state i n W denoted by a p r i m e ('), 

A G , = me' + RT ln m,/,// - m-ie - RT ln ro«-i/<-i/,-i' 

+ M w e + RT ln (1 — x P )/w - M P 0 - RT In x P / P (60) 

and noting that i n proceeding to zero solute concentration /w//p approaches 

/ W V / P ° , 

AGt
e' = m** - Hi-ie' + M w e - M P S 

= - R T l n - ^ - . - ^ 7 - R T l n i ^ . ^ = - R T l n K / (61) 
fi-1 *P / P ° 

where are activity coefficients for the solvated solute species w h i c h go 
separately to unity at inf inite d i lut ion i n a given solvent mixture and their ratio 
is unity by usual D e b y e - H u c k e l considerations, a n d / / , / * - / are medium-effect 
activity coefficients for the solvated ion species. 

Thus, 

K - ' = m * . 1 ~ X p . J™° = m i , 1 " X p . ^ . ^ w ° (62) 
rrii-i xF fi-i' /P° rrii-i xF fW f?° 

if it is assumed consistent w i t h the assumption of Equat ion 27 that 

ln // = (n - i) l n / w ' + i In fF' (63) 

Equat ion 62 for K / applies to a l l solvent mixtures a n d / p V / w ' is ident i f ied 
as synonymous (from Equat ion 63) w i t h the ratio of medium-effect activity 
coefficients / t 7 / i - 1 So, 

A G p s
0 , = —RT ln K r = S A G , 0 , = A G p s

e - nRT l n / P 7 / w
r 

= -nRT ln [(5/(«P " 8)][(1 " xP)/xP] (64) 

A G p s 0 , (and K / ) are solvent independent quantities by def ini t ion, and the 
right-hand side of Equat ion 64 is solvent independent by experimental deter­
mination. Therefore, it remains to be considered whether there is any physical 
explanation for fF/fW = fF° / / w ° . Al though some m i r r o r i n g of solvent non-
ideality i n the solvation shell might be expected, al l that can be said at this stage 
is that the exact compensation is surprising. 
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It is immediate ly obvious that i n Equat ion 55 

K 1 / n Y = ( K ' ) 1 / n y 

where y = xp/(l — Xp). In the interests of s impli f ied nomenclature, ( K 7 ) 1 ^ 
w i l l be replaced by K , w h i c h is identical w i t h the constant def ined by Franke l , 
L a n g f o r d and Stengle (20) in their Equations 12 and 13 der ived on the basis of 
analogy between preferential adsorption phenomena and preferential solvation. 
The experimental results w i l l therefore be discussed in terms of the equations 

5/5p = Ky/(1 + K y ) (65) 

A G ^ = -nRT ln K = -nRT l n {(5/(5p - 6)][(1 - xp)/xp] (66) 

A G t ( x )
e m i x = 2<t>i°UieELEC - M O ( W ) 0 E L E C -

nRT ln [« p ( l - x p ) / ( « p - 5)} (67) 

C o m p a r i s o n w i t h E x p e r i m e n t . D E U T E R I U M O X I D E A N D W A T E R M I X ­
T U R E S . F o r a solute showing no preferential solvation (K = 1, A G p s

e / = 0), then 
dp = xp f r o m Equat ion 65, and a plot of 5 against x p is a straight line. Such be­
havior has been found for the f luoride ion i n D 2 O - H 2 O mixtures (24). T h e free 
energy of transfer f r o m Equat ion 67 for an ion w h i c h shows no preferential sol­
vation w i l l be given by 

A G t ( X ) e m i x = 2 0 , ° / i , e e f c c - M 0 ( w ) e e l e c 

and w i l l be zero for an isodielectric solvent system. F r i e d m a n and Krishnan (25) 
have discussed the available free energy of transfer data for this system. For simple 
spherical ion salts, the values do not exceed 1 k j m o l - 1 . 

H Y D R O G E N P E R O X I D E A N D W A T E R . In the work of Covington , L i l l e y , 
Porthouse, and N e w m a n (2), hydrogen peroxide was chosen as co-solvent because 
it forms almost isodielectric mixtures w i t h water. Hence the electrical terms i n 
Equat ion 57 disappear. Measurements of A G t ( x ) e m i x were made w i t h ion-se­
lective electrodes (26,27) in these solvent mixtures to effect a comparison through 
Equat ion 57 and N M R measurements w i t h thermodynamic data. Studies were 
made of 7 L i , 2 3 N a , 8 7 R b , 1 3 3 C s , 1 9 F , and 3 5 C 1 shifts i n solvents containing up to 
85 wt% peroxide. W h e n the solute shift was found to be concentration dependent, 
values were extrapolated to zero solute concentration (aquamolality) (Figure 1). 
These infinite di lution shifts (Figure 2) are a measure of ion-solvent interactions 
only and are free f r o m i o n - i o n interaction effects. It is not possible to extend 
measurements to very high peroxide compositions because of solvent instability. 
It is necessary therefore to make a short extrapolation to obtain a value for 5 p , 
the shift w i t h respect to the value i n water, of the solute resonance i n pure per­
oxide. This can be done conveniently by a rearrangement of Equat ion 65 to 
give 

(68) 
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C O V I N G T O N A N D N E W M A N Preferential Solvation of Electrolytes 

0% peroxide 

0 2 U 
aquamolality of RbCI 

Figure 1. Extrapolation of 8 7 Rb chemical 
shifts for rubidium chloride in hydrogen 
peroxide solutions as a function of solute 
aquamolality. Curves (reading down­
wards): 73.1, 44.0, 23.6,12.8 and 0 mole 

% peroxide 

0-2 (K 06 0-8 1-0 

mol fraction hydrogen peroxide 

Figure 2. Infinite dilution shifts for 
87Rb derived from Figure 1 
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mol fraction peroxide 

Figure 3. Normalized chemical shift data (8/Sp) for ions in hydrogen 
peroxide-water mixtures 

Thus a plot of 1/5 against 1/y w i l l yield 1 /bp f rom the intercept and (1/K5 P) f rom 
the slope. 

N o r m a l i z e d plots of 6/dp against Xp for a l l available data for this solvent 
system are shown in F igure 3. It is immediately clear f r o m the curvature of the 
lines in F igure 3 that R b + , C s + , and F ~ are preferentially solvated by peroxide, 
that L i + is preferentially solvated by water, and hardly any preferential solvation 
exists for N a + and C l ~ . 

Values are shown i n Table I of A G p s
e 7 n . In order to compare these w i t h 

emf data of Covington and T h a i n (27), it is necessary to assume a value of n . It 

T a b l e I. N M R S o l v a t i o n P a r a m e t e r s f o r H y d r o g e n 
P e r o x i d e — W a t e r M i x t u r e s (2) 

T c . IkJmol"1 

Ion o p/ppm n 
7 L i + 0.50 1.78 ± 0.13 

2 3 N a + 14.20 0.06 ± 0.04 
8 7 R b + 56.18 - 1 . 6 7 ± 0.08 

1 3 3 C s + 87.75 - 2 . 5 6 ± 0.01 
1 9 F - 25.62 - 2 . 1 5 ± 0.02 
3 5 C 1 - 22 0 
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11. C O V I N G T O N A N D N E W M A N Preferential Solvation of Electrolytes 167 

seems reasonable that n , the average number of solvent molecules around a solute 
ion, would take values between 4 and 12. Comparison of values assuming n = 
4 is given in F igure 4 using Equat ion 67, where spectroscopic values for both 
cation and anion have been combined to effect comparison w i t h the thermody­
namic values. The data for l i th ium fluoride provide a particularly stringent test 
of the theory because F ~ is preferentially solvated by peroxide but L i + is solvated 
by water. This leads to a subtraction of the ionic contributions and a small 
negative free energy of transfer as shown i n F igure 4. 

O 0-2 0-4 0-6 0 8 IO 

Journal of the Chemical Society, Faraday I 

Figure 4. Free energies of transfer of sodium, lithium and cesium fluoride 
from water to hydrogen peroxide derived from measurements with ion-

selective glass and fluoride electrodes (27) 

M E T H A N O L A N D W A T E R . Methanol and water mixtures have been a 
popular choice for workers interested i n free energies of transfer of ions f r o m 
water into a mixed solvent. Such mixtures exhibit a drop i n dielectric constant 
wi th increasing methanol content. Hence the electrical term must be estimated 
in order to compare spectroscopic and thermodynamic quantities. Feakins and 
Voice (28) have presented new data and revised earlier data for the alkali metal 
chlorides. In advance of carefully determined and extrapolated emf data for 
fluorides, using the solid state f luoride selective electrode based on lanthanum 
fluoride, some data of moderate accuracy have been presented (27). O n the 
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O Q.2 0-4 O-o O * 
mo I fraction methanol 

Figure 5. Infinite dilution 1 9 F chemical shifts in metha­
nol-water solutions with respect to a 4.4 molal KF solution 
in water. • (32), O (29). Insets show extrapolations 
against molality of KFat various methanol mole fractions. 

spectroscopic side, 1 9 F ( K F ) , 3 5 C l ( L i C l ) , 8 1 B r ( L i B r ) , 1 3 3 C s ( C s C l ) shift data are 
available (16,29,30) principal ly f rom the work of Richards, and these have been 
supplemented by studies (3, 31) of 2 3 N a ( N a I ) , 8 9 R b ( R b I ) and confirmatory 
measurements on 1 9 F ( K F ) shown i n F igure 5 (32). Table II shows values of 

T a b l e I I . N M R S o l v a t i o n P a r a m e t e r s f o r S o m e Ions i n 
M e t h a n o l - W a t e r M i x t u r e s (3, 32) 

Ion dp/ppm 
2 3 Na+ 4.16 ± 0.18 
8 7 R b + 22.9 ± 2.4 

1 3 3 C s + 45.92 ± 0 . 0 5 
1 9 F - 33.0 ± 0.5 
3 5 C 1 - 37.0 ± 2.0 

IkJmor1 

n 
1.28 ± 0.05 
0.89 ± 0.05 (32) 
0.66 ± 0.06 

- 0 . 1 5 ± 0.05 
0.96 ± 0.06 
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11. C O V I N G T O N A N D N E W M A N Preferential Solvation of Electrolytes 169 

A G p s e y n derived from these data. To use Equation 67 it is necessary to estimate 
the electrostatic contributions. A first approximation to these w i l l be given by 
the Born treatment (8). Thus for a molar standard state, 

M i O e l e c = L z 2 ^ 2 / 8 7 r r i 6 0 6 r (69) 

where rj is the radius of the i t h solvated species of charge ze, e r the dielectric 
constant (relative permitt ivi ty) , €o the permit t iv i ty of free space and L , the A v -
ogadro number. If the radii of all solvated species are assumed equal to the radius 
of the water-solvated species, r 0 , then, for the first term i n Equat ion 67, 

H>t tH f M K W J 8 7 r e 0 r o U m i X € r
WJ MwPmix 

where the last term takes into account standard state differences and p m i x , p w 
are densities and M m i x = (1 — X p ) M w + * p M P , w i t h M w , M P be ing molecular 
weights of W and P. Previously (3), this last term was overlooked. 

The solvation number n remains an adjustable parameter i n the comparison 
of spectroscopic and thermodynamic data. T a k i n g n = 4 for N a + , and n = 8 
for C I " (for w h i c h there is strong evidence f r o m x-ray scattering investigations 
(33, 34) and Gourary and A d r i a n crystal radi i (35), (to w h i c h half the O - O dis­
tance i n ice and solid methanol (1.38 A) is added for given fo) allows Equat ion 
70 to be used to calculate the electrostatic contribution for each ion. Such at-

Figure 6. Free energy of transfer of sodium chloride 
from water to methanol-water mixtures. O emf derived 
values (28); — predicted values including electrostatic 
contribution estimated from the Born equation (69) with 
n = 4(Na + ),8 (CI"); •••• NMR contribution for Na + ion; 

NMR contribution for Cl~ ion 
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tempts to fit the data for methanol and water mixtures (Figure 6) correlate wel l 
w i t h transfers between the two pure solvents but exhibit the wrong curvature 
for transfer to mixtures. A l l o w i n g r, to vary w o u l d not affect the curvature; 
reducing r*o w o u l d raise the predicted curve. The deficiencies of the Born 
treatment are wel l known (8) and alternative approaches to improve on the Born 
treatment have been attempted. Padova (36) has attempted to employ a treat­
ment of Frank (37) to explain al l solvent-sorting as arising f r o m electrostatic 
contributions. It is clear that strong electrostatic fields could lead to reinforce­
ment, or reduction, by electrostatic effects of the chemical explanation considered 
above. A modif ied electrostatic treatment w i l l be presented elsewhere (38), but 
as shown in Figure 7 it does not lead to the required curvature in accord with emf 
determinations. The cause may therefore be in what Feakins (39) has called 
second order structural effects. 

O 0 2 04 0-6 0-8 IO 

x p 

Figure 7. Work done (w) in charging a 4 A ra­
dius ion in methanol-water mixtures. — Born 
equation (69); • Solvent-sorting treatment as­
suming ideal mixture (47); O Solvent-sorting 

treatment with non-ideal mixture (47) 

P R O P Y L E N E C A R B O N A T E (PC) A N D W A T E R . Data f rom both spectroscopic 
and thermodynamic studies for other solvent systems are sparse and some of it 
is of doubtful quality. For propylene carbonate, Salomon (40) has obtained emf 
data using l i t h i u m metal and tha l l ium amalgam-thal lous chloride or bromide 
electrodes. 

The only N M R study of P C - w a t e r mixtures is a proton resonance study by 
Cogley, Butler, and G r u n w a l d (41) who obtained an apparent e q u i l i b r i u m 
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11. C O V I N G T O N A N D N E W M A N Preferential Solvation of Electrolytes 171 

- 6 0 -

Figure 8. Comparison of observed and cal­
culated values for AG t ° (molar standard state) 
for the transfer of salts from water to propyl­
ene carbonate. The electrostatic contribution 
was estimated from Equation 69 with n = 4 
( L i + , N a + , K + ), n = 8 ( C / - , ^>AB~\andthe 
following solvated radii in A: 3.6 (Li +), 3.9 

(Na + ), 4.2 (K +), 4.3 (Cl~), and 6.9 ( 0 4 B ~ ) 

constant (essentially a measure of 1 / K n ) for the formation of a monohydrate, 
obtained by keeping the salt concentration constant and vary ing the water con­
centration in P C - r i c h solutions. E v e n in the absence of salt, the water shifts are 
dependent on the water concentration because of dimerizat ion of water, and 
consequently the salt shifts must be referred relative to the water shift at the 
appropriate water concentration. Identifying Cogley and co-workers' constant 
as n/K[P] enables A G p s

0 , to be calculated f rom Equat ion 66. A di f f icul ty is the 
separation of cation and anion effects. Perchlorates and tetraphenylborates 
showed similar effects which , it was argued, w o u l d only happen if the effect of 
each indiv idual ly was small. O n this basis, a separation was made. F igure 8 
shows a comparison of experimental values for A G t ° (molar standard state) for 
some salts derived largely f rom the work of Salomon (40) wi th calculated values 
based on the proton resonance data and electrostatic contributions combined for 
pairs of ions. The agreement is quite remarkable, particularly when it is realized 
that the values range through 100 k j m o l - 1 . Whereas Cogley and co-workers 
(41) concluded that the chloride ion was anomalous, this is now seen not to be 
so. 

A C E T O N I T R I L E ( A N ) A N D W A T E R . Free energy of transfer data have been 
reviewed for this system by Kolthoff and Chantooni (42) although they were 
apparently unaware of some work of Coetzee and C a m p i o n (43) on l i th ium salts. 
Spectroscopic data are available f rom three sources. Stengle and co-workers (44) 
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T a b l e III . C o m p a r i s o n o f C a l c u l a t e d a n d O b s e r v e d A G t ° 
f o r A N - W a t e r 

V a l u e s 

Salt AGt° AGt°(caic)//j>j mori 

L i C l 71.8 90.6 
NaCl 55.9 61.1 72.6 60.7 
NaBr 45.6 50.3 63.8 51.9 
N a l 32.7 37.2 54.9 43.0 
Li t . ref. 43 42 44, 45 46 

have studied ^ C l , 3 1 B r , and 1 2 7 I chemical shifts i n A N - w a t e r as wel l as uv C T T S 
iodide and bromide bands. Bloor and K i d d (45) have obtained 2 3 N a shifts, and 
Stockton and M a r t i n (46) have used a proton N M R technique similar to that of 
Cogley and co-workers to obtain apparent association constants for an ion i n 
A N - r i c h solutions. Comparison of observed and calculated values of A G t ° is 
shown in Table III. Agreement is good in spite of the experimental uncertainties 
in the data der ived f r o m both thermodynamic and spectroscopic sources. It is 
encouraging that solvation trends w i t h changing ion size are predicted wel l . 

D I O X A N E A N D W A T E R . G r u n w a l d and co-workers ( G B K ) (7) used a vapor 
pressure method to obtain the differential of the free energy of transfer of a solute 
w i t h respect to solvent mole fraction at 50 w t % dioxane. O n the basis of what 
has now become k n o w n as the large-ion assumption (8), they separated cation 
and anion effects by equating the free energies of transfer for tetraphenylborate 
and tetraphenylphosphonium ions. They concluded that N a + was preferentially 
solvated by dioxane, a surprising result then, but less unexpected now that 
complexes of the alkal i metals w i t h polyethers have been discovered (dioxane 

0-2 0-4 0-6 

mol fraction dioxan 

Figure 9. Infinite dilution 2SNa shifts 
in dioxane and water mixtures (47). 
Vertical bars indicate the experimental 

uncertainty 
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11. C O V I N G T O N A N D N E W M A N Preferential Solvation of Electrolytes 173 

is a cyclic diether). Figure 9 shows ^ N a chemical shifts of N a l in dioxane-water 
mixtures (47). Solubility problems restrict the studies to X? = 0.3. The data are 
limited and experimental uncertainties are large, but the evidence clearly supports 
the preferential solvation of N a + by dioxane not water. A n approximate value 
for the chemical contribution to the free energy of transfer can be estimated as 
—18 ± 9 k j m o l - 1 (assuming n = 4). 

N O N A Q U E O U S SYSTEMS . A fa ir ly large number of solvents of such puri ty 
as to make reasonably precise physicochemical measurements possible are now 
available (48). Knowledge of the physical properties of mixtures of these is often 
lacking except where one component is water. Gradual ly , however, more i n ­
formation is being accumulated. Greenberg and Popov (49) have made the first 
systematic study of the solvation of N a + ions using 2 3 N a shift measurements i n 
al l b inary mixtures of seven solvents (nitromethane ( N M ) , acetonitrile, hexa-
methylphosphoramide, dimethylsulfoxide, pyridine (Py), and tetramethylurea). 
Results were analyzed i n terms of Equat ion 66 to obtain the free energies of 
preferential solvation and by the location of the equi- or iso-solvation point (20). 
This is the point at which both solvents participate equally i n the solvation shell. 
It occurs at the composition at w h i c h the chemical shift lies m i d w a y between the 
values for the pure solvents, hence at 5/5 P = 1/2 in Equat ion 65. However , the 
5 values do not relate to inf ini te d i lut ion but to a f inite concentration (0.5 M ) of 
sodium tetraphenylborate. The concentration dependence m a y be slight, but 
in view of the low dielectric constant of many of these solvents ion pairs w i l l be 
present and the dependence w i l l then be non-linear. The observation that di f ­
ferent salts apparently do not extrapolate to the same infinite di lut ion value (50) 
causes concern. N o r m a l i z e d results (5/5p) for acetonitrile as c o m m o n solvent 
are shown in Figure 10. F r o m the values of free energy of preferential solvation, 
addit ivi ty checks are possible. F o r example, 

N M A N A G p s © > - 4 . 4 1 =*= ° - 2 3 k J m ° r l 

Py ««— N M = -5.51 ± 0.13 k J mol" 1 

Py « — A N =-2.10 ± 0.47 k J mol" 1 

Py AN(calc) =-1.10 ± 036 k J moF 1 

Although just outside the estimated errors, this addit ivi ty check is encour­
aging (bearing i n m i n d the reservations mentioned above). Some systems do 
not give very good straight line plots with Equation 68. Hence, additivity checks 
involv ing these are suspect. Fur ther work of the comprehensive, systematic 
nature of Greenberg and Popov is necessary. 

Nonstatistical Distribution of Solvated Species 

The introduction of the last term i n Equat ion 27, the statistical factor for 
the number of ways of arranging i P molecules and (n — i ) W molecules i n the 
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Figure 10. Normalized 2SNa chemical shifts in some binary solvent mix­
tures involving transfer from acetonitrile (49). DMSO = Dimethylsulfoxide; 
HMPT = Hexamethylphosphotriamide; TMU = Tetramethylurea; MeN02 

= Nitromethane; Py = Pyridine 

solvation shell, leads to Equat ion 33 relating values to the constant for the 
overall process and hence to a statistical distribution of the solvated species, as 
shown i n F igure 11. However , the process of substituting solvent molecules P 
for W i n the solvation shell may not take place w i t h equal faci l i ty for each step. 
Thus the solvent exchange process may become more or less energetically fa­
vorable as the shell becomes richer in P. In the general case, some simplif ication 
is necessary. The constant for the first step could be assumed to be very m u c h 
larger than those remaining (9), w h i c h may then be related statistically. A 
modi f i ed model has been adopted (5), i n w h i c h the free energy change for sub­
stitution of one W by one P changes by RT ln k for each successive step. A related 
approach has been used i n another connection by Stokes and Robinson (51) and 
the treatment is also similar to Bjerrum s spreading factor (x) introduced to explain 
variation in the ratios of successive constants i n complex- ion equi l ibr ia (12). It 
may be noted that x = k~1/2; B jerrum applied x to each step but here k is applied 
to the second and subsequent steps only. 
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11. COVINGTON AND NEWMAN Preferential Solvation of Electrolytes 175 

Figure 11. Statistical distribution of solvated species for K = 1.0 and n 
= 4 

The ratio 

and for the i t h step 

K/+! ki(n — i) 

K/ (i+ l ) ( n - i + l) 

K_ = i + 1^ J t < _ 1 _ ( n . 1 ) / 2 K l / n 

U t i l i z i n g Equations 47, 23, 24, and 38 gives 

(71) 

(72) 

K y £ (Kyy-HiMW-M-l"'1)'2 U(n + 1 - i)/i 
d n terms 1 

6 P 1 + L ( K y ) ' ) ^ ' - 1 ) / 2 - * " - 1 ) / 2 f l ( n + 1 -
n terms 1 

(73) 

K y Z ( K y ) * - ^ 4 " - 1 ) / 2 - * " - 1 ' / 2 • (n - l)!/(n - i)!(i - 1)! 
n terms 

1 + L (KyYk^-V/z-to-WZ-nl/in - i)W 
n terms 

w h i c h does not s impl i fy . 

(74) 
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176 THERMODYNAMIC BEHAVIOR OF ELECTROLYTES 

However, for n = 4, expanding the summations and selecting values for the 
parameters K and k, the functional dependence of 5/5? on xp can be calculated. 
T y p i c a l curves are shown i n F igure 12 for two arbitrari ly selected values of k = 
0.833 and 1.2 and two values of K = 0.5 and 2.0. A n il lustration of the effect of 
introducing the factor k into the treatment for n = 4 is shown diagrammatical ly 
in F igure 13. 

T w o examples of shift data with nonuniform curvature (unsymmetrical shift 
data) which can be fitted by this approach are shown in Figures 14 and 15. The 
study of iodide solvation by uv C T T S and 1 2 7 I chemical shifts is the only one where 
both approaches have been used on the same ion (44). The accuracy of the results 
is questionable but 1 2 7 I peaks are very broad and measurement of shifts dif f icult 
(5). The treatment leading to Equat ion 53 is not val id for a C T T S transition, 
and its application is intuitive, but a difference in wave number shifts rather than 
wavelengths should be plotted. However , the discrepancy resulting is numer i ­
cal ly tr ivial . 

Figure 12. Effect on normalized chemical shift curves 
(5/dp) of introduction of factor k. Curve A: K = 2.0, k 
= 1.2;B: K = 2.0, k = 0.833; C: K = 0.5, k = 1.2; D: K 

= 0.5, k = 0.833 
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K-O-5, k»0-833 K « l-O, k-O-833 K - 2 0 , k-O-833 

U 

K.-0-5, k- 1-2 I K - I Q 

el* 

K-O'5, k='l-0 / K m l-O, /k-l-O" |K -2 -0 , k. I-O 

' ! ' ' I I 

' K - 2 0 . Ik- 1-2 

0 5 0-5 0-5 
x p 

Figure 13. Schematic representation of the 
effect of introduction of the factor k on the 
positions and maximum obtainable mole 
fractions for the solvated species (n = 4), i = 

1X3. 

O 02 OA Ot 0-8 l-O 

mol fraction cthylcncdlomlnc 

Canadian Journal of Chemistry 

Figure 14. 23Na chemical shift data for Nal in H^O-ethyl-
enediamine (en) (45). — theoretical curve (Equation 74) with 
n = 4, K = 2.3, k = 0.8. The asymmetry occurs at the wrong 

end to account for by bidentate solvate formation by 
ethylenediamine 
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0 2 CM O6 0 8 10 

mol fraction AN 

Journal of the American Chemical Society 

Figure 15. 3 5 C / shift data for tetraethylammonium chloride 
in H20-acetonitrile (44). • 0.225 mol l~l; O 0.42 mol l~l; — 
theoretical curve (Equation 74) with n = 4, K = 0.07, k = 

0.9 

It is interesting to note that the one s igmoid 6/8? curve found for 1 2 7 I shifts 
in D M S O - H 2 O mixtures by Stengle, Pan and Langford (44) can be fitted (Figure 
16) by this treatment (5) w i t h K = 2.5, k = 0.5. In contrast, 3 5 C 1 shifts in this 
solvent mixture analyze well wi th K = 1.0, k = 1.0, i.e., non-preferential solvation 
of chloride ion (44). 

Change of Solvation Number 

In the previous section, a possible explanation was advanced for the obser­
vation of an unsymmetrical curve joining the ionic nucleus chemical shifts in the 
pure solvents. A possible alternative, and physically plausible, explanation is 
that the solvation number is not constant. The general case of variable n is i n ­
tractable, but it is possible to treat the simple case of a change in n f rom an even 
integral value in one solvent to half its value in the other pure solvent. This 
corresponds to monodentate for bidentate competition for a transition metal ion 
in solution (52). 

Corresponding to Equation 18, the equi l ibr ium for the formation of the i t h 
solvated species X W n _ 2 i P t (where 0 < i < n/2) can be writ ten 

X W ^ - D P , - ! + P * X W N - A P < + 2 W (75) 
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11. COVINGTON AND NEWMAN Preferential Solvation of Electrolytes 

Journal of the American Chemical Society 

Figure 16. 1271 shift data for Nal in H20-DMSO mixtures 
(44). — theoretical curve (Equation 74) with n = 4, K = 2.5, 

k = 0.5 

and Equations 5, 61, and 27 are then m o d i f i e d to 

i=n/2 

A G , * = -RT l n K / = -RT\n — RT ln 

n i i - i *p / P 

= M i e - M t - i e + 2Mw e - M P e 

where K / takes the values K\ • • • K / • • • Kn/2. Also, 

M . e chem = ( n _ 2i)uw° c h e m + * M p e c h e m + (n - 2 i ) R T l n / w ' 
+ i R T ln / P ' + statistical term. 
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The form of the statistical term required in Equation 78 is complex in the general 
case. It should presumably take account of symmetry both of the mixed solvates 
formed and of the solvating molecules as ligands themselves. In a previous paper 
(4), an approximate general treatment was attempted by treating pairs of sites 
in the solvation sphere. Since its limitations were not made fu l ly clear, the 
problems w i l l be discussed further here. 

The statistical term i n Equat ion 78 w i l l be given by the number of ways of 
arranging (n — 2i) molecules of W and i P bidentate molecules on n sites. If it 
is assumed that a molecule of P can occupy any pair of sites (this w i l l be true for 
n = 4 but not generally so), then the number of arrangements is n!/(n — 2i ) ! i ! 
if P is unsymmetrical , w i t h an addit ional factor of (2)* to be inc luded i n the de­
nominator if P is symmetrical . Introduction of this f o r m into Equat ion 78 and 
its subsequent substitution into Equation 77, requires taking the ratio of two such 
terms for the i t h and (i — l ) t h species leading to (n — 2i + 2)(n — 2i + l ) / 2 i for 
symmetrical P compared with (n + 1 — i)/i in Equation 30. The first term arises 
f rom the number of ways of adding one end of a P molecule to n — 2(i — 1) sites, 
and the second term identifies the ways of p lac ing the other end. The term 
derived previously (4) was (n — 2i + 2)/2i, f r o m w h i c h it is seen that the model 
assumed there al lowed the other end of the P molecule to be placed i n only one 
way, and that the P molecule must be symmetrical. For n = 4, this model would 
correspond to a tetrahedron with unequal edge lengths. For n = 6, or octahedral 
coordination, the situation is complex because there exist both geometric and 
optical isomeric solvates (53). F o r an exact treatment, each case w o u l d have to 
be considered separately. A treatment i n terms of symmetry numbers (54,55) 
w o u l d also lead to the same results. 

Equat ion 23, assuming that P is a symmetr ica l molecule w h i c h can occupy 
any pair of sites, takes the f o r m 

( K y ' ) ' f l (n - 2i + 2)(n - 2i + l)/2i 

4>i ° = — ; (79) 

1 + E ( * / ) ' f l (n - 2i + 2)(n - 2i + l)/2i 
n/2 terms i = l 

where y ' = z p / x w 2 and K = ( K ' ) 2 / n . 

It is now necessary to relate c/>f° to the chemical shift through Equat ion 47. 
This requires an assumption about du the intrinsic shift of the i t h solvation species. 
It w i l l be assumed (cf. Equat ion 47) that 

5f = d w ^ n — 2i) + o-p'i — o w ' n (80) 

where aw' and a? are shielding constants. W h e n X is solvated by P molecules 
only 
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11. COVINGTON AND NEWMAN Preferential Solvation of Electrolytes 

Op = op a w n , so 
2 

d 2*/2 

5 P n i 

£ ( K y ' ) ' (-) f l 
n/2 terms \n/ i=l 

, w / 2 i \ ^ (n - 2 i + 2)(n - 2t + 1) 

i 2 i 

1 + E ( K y / ) < ^ ( n - a + 2 X » - a + i ) 

n/2 terms 1 2i 

with some reservations about whether Equat ion 81 is va l id if n > 4. 

Figure 17. Predicted variation of normalized shift (5/dP) 
from Equation 83 for various values of K and P a symmetrical 

ligand (n = 4) 
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T a k i n g n = 4 for P symmetrical , Equat ion 81 gives 

d _ K / ( l + K y Q 

dF 1 + 6 K y ' + 3 ( K y ' ) 2 

The form of variation of 5/dp for various values of K is shown in F i g u r e 17. 
The curves are markedly less asymmetric than those produced using the equation 
derived previously (4), and none of the data discussed there is of the right f o r m 
to be fitted w i t h Equat ion 82. 

A g a i n tor n = 4 and w i t h P an unsymmetr ical l igand, gives 

d _ 6 K y ' ( l + 2 K y Q 

dp 1 + 1 2 K y ' + 12 (Ky ' ) 2 

and curves generated for various values of K are shown i n F igure 18. The effect 

Figure 18. Predicted variation of normalized shift (d/dP) from 
Equation 82 for various values of K and P an unsymmetrical 

ligand (n = 4) 
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11. COVINGTON AND NEWMAN Preferential Solvation of Electrolytes 183 

of an unsymmetrical P at a given value of K is to increase the curvature of the 
plots in the negative sense. 

It would be clearly possible to derive equations similar to Equations 82 and 
83 for n = 6 and octahedral coordination. N o general f o r m l ike Equat ion 81 
is possible if solvate isomers are considered; account must then be taken of the 
relations between the Kt values, either f r o m statistical or symmetry number 
considerations (12, 55), where K = ( K ' ) 1 / 3 , 

K i = 24 K , K 2 = 5 K , K 3 = ~ K (84) 
3 

However , the assumption of Equat ion 80 is now dubious, for the intrinsic 
shifts of the solvates w i l l depend on their structure and symmetry. Hence the 
statistical treatment and N M R assumptions are vir tual ly dependent and it is i n ­
consistent to treat them separately. 

The previous treatment (4), although approximate i n the same sense that 
Flory's (56) treatment of polymer solutions was approximate, nevertheless remains 
useful in indicat ing possible N M R solute behavior f r o m mono- versus bidentate 
solvation. In attempting to explain data for both sulfolane and dimethylsulfoxide 
as bidentate ligands, the fact that only the former is a symmetr ica l l igand was 
disregarded (4). The most satisfactory explanation of unsymmetrical chemical 
shift curves is the nonstatistical distribution approach outl ined i n the preceding 
section. It is interesting to note that it has been suggested (7) that dioxane acted 
as a bidentate solvating ligand towards potassium. It is unfortunate that the 3 9 K 
N M R signal is so weak, for this would have been a useful system to study. 

Direct Determination of Solvate Fractions 

The observation of a single resonance peak i n the N M R spectra of ion nuclei 
in solution indicates that the exchange between separate species, or between ion 
pairs and such species, is fast. Separate resonance shifts f r o m the solvent coor­
dinated to an ion can be observed in certain cases using lH or 3 1 P resonance (57, 
58), if necessary by lowering the temperature to slow the exchange. Frat ie l lo 
and co-workers (59, 60) have used this low temperature technique to study the 
solvation of ions such as M g 2 + , B e 2 f , and A l 3 + in aqueous solution to w h i c h ac­
etone has been added to lower the freezing point. Green and Sheppard (61) and 
T o m a and co-workers (62) have shown that if the temperature is lowered even 
more, the signal f rom the bound water in the M g ( C l 0 4 ) 2 ~ a c e t o n e - H 2 0 system 
at very low water content splits further and can be resolved into components 
arising f r o m the differently solvated species. Resolution of the bound acetone 
signal is m u c h more di f f icul t . F r o m the areas under these resolved peaks it is 
assumed that the fractions of M g 2 + occurr ing i n each mixed solvated f o r m can 
be determined. These are the quantities 0 t defined earlier but with the important 
difference that they apply not at infinite dilution of the solute ion but at the finite 
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184 THERMODYNAMIC BEHAVIOR OF ELECTROLYTES 

concentration of the experiment. Hence the superscripts 0 of Equations 23 and 
24 are omitted. Covington and Covington (6) have made further experimental 
analysis of this system at 185° K wi th the twofold a im of i m p r o v i n g the qual i ty 
of the spectra obtained by using C A T techniques and of checking the inference 
of Green and Sheppard (61) that the apparent solvation number of M g 2 + falls 
below six at very low water content because of the entry of the perchlorate ion 
into the solvation shell by the formation of an ion pair. This f i n d i n g could not 
be substantiated (6), in agreement with the findings of Toma and co-workers (62). 
Hence the system can be analyzed by modification of the treatment given earlier 
in this review appl ied to the e q u i l i b r i u m represented by Equat ion 21. Because 
of the f inite M g 2 + concentration, it is necessary to distinguish between the stoi­
chiometric (total) mole fractions (T) of the two solvent components w h i c h are 
greater than the actual values of free (F) solvent i n the solution because of the 
amounts bound (B) to the cations. Accordingly it is necessary to rewrite Equation 
62 in terms of yF = (XP/XW)F> the ratio of the free mole fractions. Equations 23 
and 36, and 24 and 37 are va l id for </>, and 0o (with dropped superscripts) and 
yF replaces y. 

F r o m mass balance considerations, the total concentration of X is given 
by 

[X], = [ X W „ ] ( l + L y F ' f t K , ) (85) 

and the bound water concentration by 

I W ] „ = [XW„ ](n + ' = l ' ( n - i )y F « " f f ' K , ) (86) 

- n l X W n j f 1 + " f 1 " f f ^ ± 1 ^ 2 1 ( 8 7 ) 

L i n i i J 

using Equat ion 33 and the def ini t ion of K = (K) 1 /" . Us ing Equat ion 37 for 4>o 

= [XW„]/[X] T 

[ X ] B = n [ X ] r ( l + K y F ) » - V ( l + K y F ) " 

= n [ X ] T / ( l + K y F ) (88) 

Then the ratio of free to bound water is given by 

F w = J W k « ( 8 9 ) 

[ W ] T (1 + K y F ) 

where Z = [ W ] r / [ X ] T , the total number of moles of water per magnesium ion, 
or rearranging 

K y F = ( F w - 1 + n / Z ) / ( l - F w ) (90) 
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i 616 

626 

Frequency in hz at 90Mhz 

Journal of the Chemical Society, Faraday I 

Figure 19. PMR spectra at 185°K for mag­
nesium perchlorate in acetone-water mix­
tures at low water content (6) showing mixed 

solvate species. 
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T a b l e I V . F r a c t i o n s o f [ M g 2 + ] i n D i f f e r e n t S o l v a t e d 
( C a l c u l a t e d va lues 

z 102 

YT 

0o 0, 0 2 

0.26 0.43 
0.52 0.87 
0.80 1.32 
1.33 2.20 0.03 (0.01) 
1.82 3.01 0.08 (0.04) 

0.13 (0.11) 2.35 3.89 0.04 (0.03) 
0.08 (0.04) 
0.13 (0.11) 

3.12 5.16 0.11 (0.10) 0.27 (0.24) 
4.00 6.62 0.08 (0.08) 0.24 (0.26) 0.34 (0.33) 
4.73 7.84 0.19 (0.21) 0.38 (0.37) 0.28 (0.28) 
5.51 '9.13 0.39 (0.40) 0.43 (0.40) 0.15 (0.17) 
6.38 10.58 0.60 (0.61) 0.33 (0.31) 0.06 (0.07) 
6.5* 0.62 (0.62) 0.31 (0.31) 0.07 (0.07) 
6.84 11.33 0.72 (0.71) 0.26 (0.25) 0.02 (0.04) 
7.55 12.51 0.81 (0.83) 0.19 (0.17) 
9.43 15.64 0.88 0.12 

10.21 16.94 0.93 0.07 
15.62 25.88 1.00 

a Ref. 62. 

In the solvent concentration range where separate signals f r o m the m i x e d 
solvate species are resolvable, the free water signal is so small as to be undetectable. 
A t higher water concentrations the area under the free water signal and hence 
F w in Equat ion 90 for known values of Z can be obtained. T a k i n g n = 6, the 
right-hand side is calculable as a fraction of y r and can be fit i n logarithmic form 
to a quadratic equation, which can be used for extrapolation to give values of K y p 
in the experimentally indeterminate region of F w - This enables values to be 
calculated f r o m Equations 36 and 37. These calculated values are compared 
w i t h the direct experimental values obtained f r o m the resolved peak areas i n 
Table IV . The agreement is w i t h i n 2% on the average, w h i c h is i n accord w i t h 
the accuracy of curve resolution of overlapping peaks (bearing in m i n d that some 
spectra contain four components), as shown i n F igure 19. 

N o t i n g that 

Y F = ™ y r (91) 
t W 

where F p = [P]F/[P]T> w h i c h can be obtained f r o m the experimental values of 
0i i n the region where no bound acetone can be detected i n the spectra, it is 
possible to obtain K = (1.1 ± 0.4) X 10" 3 . W i t h n = 6, this leads to A G ^ / = - 6 3 
± 3 kJ m o l - 1 . Some values of 0 t der ived f r o m T o m a and co-workers ' experi­
mental results (62) for 185 K and Z = 1.6 are included in Table IV, but it has been 
assumed that the water to magnesium concentration ratio was slightly greater 
than stated. Using a 220 M H z instrument, these workers (62) were able to resolve 
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Spec ies i n M g ( C 1 0 4 ) 2 — A c e t o n e — W a t e r S y s t e m 
i n parentheses ) 

03 0 4 0s 0 6 

0.04 (0.02) 0.18 (0.18) 0.78 (0.80) 
0.01 (0.01) 0.08 (0.06) 0.32 (0.30) 0.59 (0.63) 
0.04 (0.02) 0.15 (0.12) 0.36 (0.37) 0.45 (0.49) 
0.12 (0.08) 0.24 (0.24) 0.36 (0.39) 0.25 (0.28) 
0.19 (0.16) 0.31 (0.31) 0.30 (0.33) 0.12 (0.15) 
0.27 (0.25) 0.32 (0.32) 0.19 (0.22) 0.05 (0.06) 
0.32 (0.31) 0.24 (0.23) 0.06 (0.09) 
0.24 (0.23) 0.10 (0.09) 
0.12 (0.11) 0.03 (0.03) 
0.03 (0.04) 

further the spectra involving the </>4 (dihydrate) species and to detect its isomeric 
forms (53) shown below. 

The presence of such isomeric solvates may account for the asymmetry noted 
(62, 6) when carrying out the curve resolution of the 9 0 - M H z spectra, but, within 
the accuracy attainable, the effect is barely significant. There are discrepancies 
i n the values for the intrinsic shifts of the solvated species recorded by al l three 
groups of workers (but differences between successive solvates are more satis­
factory). T o m a and co-workers calculated (62) the theoretically expected and 
isomeric differences between successive solvates, obtaining reasonable agreement 
w i t h observed values (Table V ) . 

S imilar calculations w o u l d be possible w i t h the system Al(Cl04 )3 i n 
D M S O - H 2 0 studied by Olander, Mar iane l l i , and Larson (63), but the actual 
experimental results are not available. The M g 2 + system i n methanol-water 
has been studied several times (64, 65) and appears to be more complex i n the 
interpretation of the spectra obtained. Aga in detailed systematic measurements 
at one temperature and a range of solvent compositions are not available. 
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T a b l e V . O b s e r v e d C h e m i c a l S h i f t s o f M i x e d S o l v a t e s o f M g 2 + i n 
A c e t o n e — W a t e r (5/ppm) 

ATo. of Reference 
Moles 

WaterlMg2+ 62 6 61 Calc, 62 

6 7.08 7.16 7.12 7.08 (assumed) 
5 7.00 7.02 7.03 6.98,6.93 
4 6.89 6.96 6.95 6.84,6.79 
3 6.76 6.84 6.84 6.71,6.67 
2 6.61 6.67 6.66 6.58,6.54 
1 6.45 6.50 6.50 6.45 (assumed) 

It is interesting to speculate whether confirmatory experiments on the M g 2 + 

system in acetone-water could be made using ^ M g resonance. It was concluded 
(6) that for K = 10~ 3 the distribution of 0*° values would be that shown in Figure 
20 and hence the interesting region where m a x i m a i n fa values occur is experi­
mentally inaccessible because of the extremely low water concentrations (xw 

l-OO 

0 0 5 O l 

mol fraction of woter 

Journal of the Chemical Society, Faraday I 

Figure 20. Predicted variation of fa ° values with mol fraction of water for 
K = 10 ~ 3 in magnesium perchlorate-acetone-water system. 
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< 10~2) which would have to be attained. The weak signals f r o m 2 5 M g with an 
isotopic abundance of 10% makes the experiment even more di f f icul t . 

E . L . K i n g and co-workers (66, 67, 68) have studied the solvation of C r 3 + 

ions in water-methanol , -ethanol , and -dimethylsul foxide mixtures. Species 
containing up to six bound organic molecules have been separated from each other 
by cation exchange co lumn procedures. Analysis of these species yields the fa 
values of this section. If the C r 3 + concentration is low i n the or iginal solution, 
these are effectively fa ° values. Attempts to fit K i n g s data for these three systems 
yie ld K = 0 .07(MeOH), 0 .03(EtOH), and 0 .2 (DMSO). T h e last is illustrated in 
F igure 21. The fa values were calculated f r o m Equations 36 and 37 (with y 
replaced by y? as necessary) by selecting a value of K by trial and error w h i c h 
most closely fits all the fa data. For clarity, only a few experimental points have 
been shown on F igure 21, the scatter being consistent w i t h the estimated exper­
imental error. This approach contrasts with King's analysis to obtain equil ibrium 
quotients for the formation of the solvate species m a k i n g correction for solvate 
mixture non-ideality. As a result, the quotients for the successive equilibria were 
found to be m e d i u m dependent. 

Discussion and Criticisms of the Present Approach 

The basic assumption of the present treatment is that the chemical shift of 
an ionic nucleus is dependent on its immediate magnetic environment and hence 
gives a measure of changes in the p r i m a r y solvation sphere of the ion as the 
composition of the bulk solvent mixture is changed. A n obvious l imitat ion of 
the treatment is the need to assume a value for n , the solvation number, if spec­
troscopic and thermodynamic data are to be compared. It must be stressed that 
this solvation number is s imply the number of solvent molecules immediate ly 
surrounding the ion. This w i l l not necessarily be the same as the solvation number 
determined by other methods (69) w h i c h take into account bonding interactions. 
A n y configuration about an alkal i metal ion w i l l have a very short l i fet ime, and 
it is unrealistic to think in terms of r igid solvation shells. In contrast, some workers 
consider cesium ions unhydrated i n aqueous solution, and the hydrat ion of the 
chloride ion is often set to zero in order to split into ionic contributions the results 
f r o m methods w h i c h measure hydrat ion numbers for salts. Solvation numbers 
determined f rom radial distribution functions derived f r o m x-ray scattering 
experiments (34, 70) are the most appropriate to the present considerations. It 
is unfortunate that there remains some disagreement between the experts about 
the analysis and interpretation of such data (71). A further distinction should 
be made between ordered and disordered solvation shells (46) depending on the 
strength of the ion-molecule interaction (72). A trend may occur i n a series of 
increasing ionic radius, but there w i l l certainly be a clear distinction between, 
for example, a solvated N a + and an A l 3 + ion w i t h octahedrally directed coordi­
nation positions for solvating molecules. There in lies the problem of whether 
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11. COVINGTON AND NEWMAN Preferential Solvation of Electrolytes 191 

to take into account the symmetry of such solvates in a consideration of the l ikely 
behavior of ions for monodentate vs. bidentate solvating molecules. 

The solvation numbers of ions such as M g 2 + , A l 3 + , and B e 2 + may be deter­
mined by low temperature P M R techniques as mentioned earlier. The solvation 
number for small spherical ions may be determined in certain circumstances using 
a titration technique suggested by V a n Geet (15). It is based on the competition 
by water for the solvation sphere of sodium ions in tetrahydrofuran ( T H F ) 
measured by ^ N a shifts. The salt must contain a large anion, w h i c h is assumed 
to be unhydrated d u r i n g the titration; otherwise a sum of hydrat ion numbers 
would be determined. The assumptions made by V a n Geet are basically those 
of the present treatment. H i s apparent constant is for the reverse of the equi­
l i b r i u m of Equat ion 21 and can be identi f ied as 1/K[P] F , where [P]j? is the free 
T H F concentration, effectively constant i n the early stages of the titration. 

Using Equations 88 and 47 and recognizing that 

1 - — = - 2 (n - = — — (92) 
Op n n [ A j 7 

where S ( n — i )0 i is the average solvation number of W , that is, the number of 
moles of bound W per mole of solute ion X , then, or alternatively f r o m Equat ion 
65, 

1 - - * - l — (93) 
6p 1 + K [ P ] F / [ W ] F 

This can be rearranged, since Z = [ W ] j / [ X ] r , to 

Z K [ P ] F 

l-d/d?
 U [X]Tb/b? 

This is Equat ion 14 of V a n Geet (15) i n the present nomenclature. A plot 
(Figure 22) of the left hand side against 1 /b gives n f r o m the intercept, w h i c h 
can be located w i t h reasonable accuracy if the slope is suff iciently high. F o r 
sodium tetraphenylborate, least squares data f i t t ing gave n = 3.0 or 3.7 for 0.75 
or 0.48 mol/1 solutions, respectively. The presence of ion pairs w o u l d interfere 
with this method but it was concluded they were not present in T H F . It remains 
to be seen whether this method can be used for other ions i n different sol­
vents. 

The second basic assumption of the present treatment concerns the intrinsic 
chemical shifts or shielding constants of the mixed solvate species. These are 
proportional to the amounts of co-solvent P w h i c h they contain. Some further 
evidence for the val idi ty of this comes f r o m the studies of A l 3 + solvates by D e l -
puech and co-workers (58), who found that when substituting a water molecule 
by an organic l igand shift changes were approximately addit ive (3.5 p p m per 
substitution) as shown i n Table V I . 

Some of the data analysed using the approach of the present treatment have 
related to solute chemical shift or uv peak maxima shifts measurements at finite 
solute concentrations. In order to assume that i o n - i o n interactions do not i n -
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5 K> 15 20 

z/(l-6/6p) 

Journal of the American Chemical Society 

Figure 22. Evaluation of n for Na+ in 
THF-H2O after Van Geet (15) 

T a b l e V I . 2 7 A 1 C h e m i c a l S h i f t s ( p p m ) o f A l 3 + S o l v a t e s i n 
N i t r o m e t h a n e (58) 

No. of Moles 
Water/Al3+ P = PO(OMe)3 MePO(OMe), HPO(OMe)2 

6 0 0 0 
5 3.7 3.5 3.3 
4 6.7 6.8 6.6 
3 10.0 10.1 9.1 
2 14.0 14.8 14.0 
1 17.5 17.5 15.9 
0 20.5 20.2 17.7 

Journal of the Chemical Society, Chemical Communications 

0 2 0 4 0-6 OS 

Figure 23. Effect of solute concentration on the derivation 
of K from chemical shift or peak maxima shift data, upper full 
line m' = 0 (infinite dilution), K = 5 (assumed); — m/ = 1; 

m r = 2; lower full line m' = 3 (the apparent value of K falls 
to 3.61) 
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terfere, any solute concentration dependence on the shifts should be checked and, 
if necessary, extrapolation to zero solute concentration carr ied out. A second 
effect of using data relating to finite solute concentrations is that the solvent mole 
fractions i n the bulk solvent may be significantly different f r o m stoichiometric 
solvent mole fractions because of the quantity of solvent i n the ionic solvation 
spheres. This was discussed i n connection w i t h Greenberg and Popov's studies 
described earlier. Fa i lure to observe this difference especially when K is very 
large or very small can lead to significant errors as illustrated in F igure 23, which 
was produced by a computer iterative procedure based on the solution of 
Equat ion 65 w i t h 95, 

m'n / r . 
yp ( « /8p) 

Y „ - 5 5 5 1 (95) 

- • - s s i ' 1 - " / " 1 

where m' is the aquamolality of the solute ion. The error in A G p s
e / is about 12% 

for m' = 1 and K = 0.5. 
F i n a l l y , mention must be made again of the apparent compensation of ac­

tivity coefficient terms so that the solvent mixture is effectively treated as ideal. 
The experimental evidence f rom the constancy of the right hand side of Equation 
66 w i t h variation of solvent composition for a variety of solvent mixtures irre­
spective of the solute is strong. It is supplemented by a simple treatment, ignoring 
solvent activities, of the direct ly determined fa data f r o m the work of K i n g . 
These lend support to modifications to the theory postulating non-statistical 
distribution of K x values or change of solvation number when the right hand side 
of Equation 64 is not apparently constant. Further light is shed on this problem 
by treating preferential solvation by the K i r k w o o d - B u f f theory (73) w h i c h w i l l 
be the subject of a paper presented elsewhere (74). There is a discrepancy be­
tween the results arising f rom the choice of standard states i n the two treatments, 
which suggests that a shortcoming of the thermodynamic treatment is the failure 
to take into account volume changes in the solvation shell as its composition 
changes. Molecular model considerations suggest that for some systems the 
volume could change by a factor of up to ten. 

Table V I I collects the results for al l monovalent ion systems for w h i c h 
spectroscopic data are available. Studies of preferential solvation are still at a 
stage comparable to the establishment of Raoult's and Henry ' s laws for binary 
nonelectrolyte solutions. Correlation wi th thermodynamic data is encouraging 
for isodielectric solvent systems, but further consideration of the electrostatic terms 
necessary in the discussion of other systems is required. It is hoped that this 
present work, which coordinates, correlates, and advances progress made by other 
workers (7, 18, 19, 20, 45, 46, 61, 62, 66, 67, 68), w i l l stimulate systematic ex­
perimental investigations of suitable systems by both spectroscopic and ther­
m o d y n a m i c methods. 
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T a b l e V I I . P r e f e r e n t i a l S o l v a t i o n * 

Ion Solvent mixture K k Ref. 

7 L i H 2 0 * - H 2 0 2 0.49 1 2 
7 L i H 2 0 - D M S O 0.98 1.38 4 
7 L i D M A - D M S O * 1.25 1 4 

2 3 N a H 2 0 - H 2 0 2 0.98 1 2 
2 3 N a H 2 0 * - M e O H 0.60 1 3 
2 3 N a A N - H 2 0 * 0.31 0.8 45 
2 3 N a e n * - H 2 0 2.3 0.8 45 
8 7 R b H 2 0 - H 2 0 2 * 1.96 1 2 
8 7 R b H 2 0 * - M e O H 0.70 1 32 

, 3 3 C s H 2 0 - H 2 0 2 * 2.81 1 2 
1 3 3 C s H 2 0 - D M S O * 1.04 1.12 4 
1 3 3 C s H 2 0 - s u l p h o l a n e * 2.09 1.25 16 
1 3 3 C s H 2 0 * - M e O H 0.77 1 16 
19p H 2 0 - D 2 0 1.0 1 24 
19p H 2 0 - H 2 0 2 * 2.38 1 2 
19p H 2 0 - M e O H 0.96 1 29, 32 
3 5 C1 H 2 0 - H 2 0 2 1.0 1 2 
3 5 C1 H 2 0 * - M e O H 0.68 1 30 
3 5 CI H 2 0 * - A N 0.07 0.9 44 
3 S C1 H 2 0 - D M S O 1.0 1 44 
Big,. H 2 0 - M e O H 1 1 30 

Br- (CTTS) A N - H 2 0 * 0.17 0.75 77 
12 7J A N - H 2 0 * 

I- (CTTS) A N - H 2 0 * 0.35 0.75 44 
127J H 2 0 - D M S O * 2.5 0.5 44 
N 0 3 - (n - 7T*) D M S O * - H 2 0 1.68 1.26 1 
NO3- (n -> 7T*) A N - M e O H * 0.5 0.7 78 

aThe preferentially solvating component is indicated by an asterisk (*). K is for the for­
mation of a solvated species containing the second mentioned solvent component. CTTS = 
charge transfer to solvent. 

The treatment has wide applicability to coordination chemistry and to other 
solution phenomena. F o r example, aspects of it have been appl ied b y L i l l e y to 
an explanation of salting-out and salting-in phenomena (75) and to weak inter­
actions i n binary nonelectrolyte mixtures i n a th i rd solvent (76). 
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The Route to Infinite Dilution 

JAN J. SPITZER and H. P. BENNETTO 

Department of Chemistry, Queen Elizabeth College (University of London), 
Campden Hill, London, W.8 

A new theory of electrolyte solutions is described. This theory 
is based on a Debye-Hückel model and modified to allow for 
the mutual polarization of ions. From a general solution of 
the linearized Poisson-Boltzmann equation, an expression is 
derived for the activity coefficient of a central polarized ion in 
an ionic atmosphere of non-spherical symmetry that reduces 
to the Debye-Hückel limiting laws at infinite dilution. A 
method for the simultaneous charging of an ion and its ionic 
cloud is developed to allow for ionic polarization. Comparison 
of the calculated activity coefficients with experimental values 
shows that the characteristic shapes of the log γ vs. concentra­
tion curves are well represented by the theory up to moderately 
high concentrations. Some consequences in relation to the 
structure of electrolyte solutions are discussed. 

The theory of Debye and H u c k e l has survived m u c h cr i t ic ism since 
the appearance of their celebrated paper (I). This is no doubt because of the 

s implic i ty and essential correctness of the l i m i t i n g laws (2,3, 4). Nevertheless, 
many modifications of their treatment have failed to provide a convincing picture 
of the interionic effects and "s t ructure" in the concentration range of practical 
importance (5, 6). The work presented here was stimulated by the diff icult ies 
of extrapolation encountered in a mixed-solvent emf study (7), and contradicts 
current trends suggesting that the inadequacy of the D H theory for al l but very 
dilute solutions springs solely f rom the crudity of the original model. The authors 
propose a more realistic model that allows the ions to be polarizable and leads 
to markedly different results. 

Modification of the Debye-Huckel Theory 

M a n y authors attribute the limitations of the D H treatment to a fai lure of 
the electrostatic approach. W e take the view, however, that the noncoulombic 
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aspects have been over-emphasized, and regard w i t h part icular caution the i n ­
clusion of D H formalism into models that treat the short-range forces explicitly. 
Some insights have come f rom various elegant theoretical approaches (8, 9,10), 
but these are reviewed elsewhere (2, 3,6,11) and w i l l not be dealt w i t h here. 

The Structured Ionic C l o u d . W e base our treatment on the general solution 
of the l inearized Poisson-Boltzmann equation ( L P B E , Equat ion 1). 

V 2 ^ = x ty (1) 

w h i c h is consistent f r o m the electrostatic, thermodynamic , and statistical-me­
chanical points of v i e w 1 . It is usually writ ten i n the radial ly symmetric f o r m 
on the assumption that the ionic atmosphere is spherical (2). As shown later, this 
choice is indeed appropriate for the D H model, but not for ours. The penetrating 
analysis of Frank and Thompson (16) demonstrated the implausibil i ty of the D H 
radial solution for an average separation of ions (in water) of about 100 A ; and, 
following their suggestion that a more satisfactory picture is to be found in a lattice 
distribution of ions, we show how the concept of a structured ionic c loud can be 
accommodated w i t h i n the D H framework. 

A wel l -known result of the D H theory is that the charge dq in the volume 
element Airr2dr has a m a x i m u m value at a distance K ~ 1 f r o m the central ion 
(Figure l a ) 2 . T h e ionic c loud can be reduced to a charge on an inf ini tesimally 
thin shell placed at a distance (a + K~1) f r o m the center of the central ion such 
that the potential caused by the reduced ionic c loud is 

D ( l + ica), 

and the total f ie ld at r = fl is 

A structure may be imposed on the ionic c loud by supposing that dq i n the 
volume element dv = r 2 sin Sdddipdr has a finite number, n , of maxima similarly 
situated at K ~ 1 f r o m the surface of the central ion (Figure l b ) . B y analogy, this 
non-radial atmosphere is reducible to a corresponding array of point charges, 
and this device later enables us to formulate the necessary boundary conditions. 

1 The nature of approximations involved in the derivation of the LPBE remains obscure (2), and 
after the analyses of Fowler (12), Onsager (13), and Kirkwood (14), it appears that no more can be 
learned about them from a statistical-mechanical argument. Following the early pronouncement 
of Guggenheim and Fowler (15), supported by other analysis (4), we consider the LPBE the only 
logical choice for a model in which the ions obey the laws of electrostatics. 

2 All symbols have their usual meaning in the c.g.s. system of units, as given in Ref. 3. The 
common interpretation that the central ion 'sees" its ionic cloud at a distance k~1 away is valid for 
the point-charge model only. For the D H second approximation the ionic cloud can be reduced 
to a charge located on a spherical surface at K - 1 SO as to maintain a constant potential at the surface 
of the central ion. Therefore, it cannot be replaced by a point charge. 
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12. SPITZER AND BENNETTO Route to Infinite Dilution 199 

Figure la. Left: a segment of the spherical ionic atmosphere. Right: the 
reduced ionic cloud of Debye and Huckel. 

Figure lb. Left: the non-spherical ionic atmosphere. The excess charge d q 
has an absolute maximum in one volume element. Right: the reduced ionic 

cloud; non-spherical model (n = 1). 

Thus the contribution of the structured ionic c loud to the total potential at the 
surface of the central ion w i l l not be as it is i n the D H theory, and because the 
electrostatic model requires an equipotential surface to be maintained there, a 
new model is needed. W e therefore approximate an ion to a dielectric sphere 
of radius a, characterized by the dielectric constant of the solvent D, and having 
a charge Q, residing on an inf ini tes imally thin conduct ing surface. This type 
of model has been exploited by previous workers (17,18) and may be reconciled 
w i t h a quantum-mechanical description (18). 

The mutual polarization of ions is equivalent to the redistribution of surface 
charge on the central ion i n response to the nonhomogeneous f ie ld of the ionic 
c loud. W e need not speculate here on the physical nature of the equipotential 
surface, except to emphasize that it refers to a solvated species, and one of our 
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central hypotheses is that the self energy of such species is inevitably raised 
through polarization. This raising of ionic energy is relative to a "ground state" 
at inf ini te di lut ion, and is thus expected to be more pronounced as the concen­
tration increases. The overall effect might be interpreted as a gradual de-solvation 
of the ions. 

Calculations 

General Solution of the L P B E . F r o m the preceding discussion it is ap­
parent that a general solution of the L P B E i n spherical polar co-ordinates is 
needed, subject to the usual boundary conditions. Equat ion 1 can be easily 
separated into a product solution (19) w h i c h may be wri t ten i n the f o r m 

l K r , M = ' " 1 / 2 £ E Ki+mM ? i m ( c o s 0) [ A m l sin (m<p) 
1=0 m=0 

+ B m i cos (nap)} (2) 

where r , 0, and <p are space coordinates, A m i and B m i are integration constants, 
P l m (cos 0) are associated Legendre polynomials, and Ki+i /2 (*r) are modi f i ed 
Bessel functions (20) of the second k i n d given by Equat ion 3. This general so­
lut ion 

Kl + i /2 ( * r ) = yjf- exp (-*r) £ (2KT)^ (3) 
v 2/cr k=O (/ - k)\k\ 

satisfies the conditions of continuity and single-valuedness of electric potential 
and f ie ld for a spherical surface, and the condit ion that the potential vanishes 
at inf ini ty . A similar solution was obtained i n a different context by Scatchard 
and K i r k w o o d (21). 

The conventional viewpoint , w h i c h assumes that the ionic atmosphere is 
spherically symmetric , does not take account of the inevitable effects of ionic 
polarization. F r o m an analysis of the general solution (19), however, it is evident 
that the ionic atmosphere must be spherically symmetric for nonpolarizable ions, 
and the D H model is therefore adequate. (Moreover, i n very dilute solution 
polarization effects are negligibly small, and it does not matter whether we choose 
a polarizable or unpolarizable sphere for our model.) But once we have made 
the realistic step of conferring a real size on an ion, the ion becomes to some extent 
polarizable, and the ionic c loud is expected to be nonspherical i n any solution 
of appreciable concentration. Accordingly, we base our treatment on this central 
hypothesis, that the time-average picture of the ionic solution is best represented 
w i t h a polarizable ion surrounded by a nonspherical atmosphere. In order to 
obtain a value for the potential f r o m the general solution of the L P B E we must 
first consider the boundary conditions at the surface of the central ion. 

Boundary Conditions: Solution of the Problem of the Reduced Ionic 
Cloud. F o r equipotential conditions the total potential at the surface of the 
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12. SPITZER AND BENNETTO Route to Infinite Dilution 201 

central ion is given f r o m Equat ion 2 by Equat ion 4. 

^(a) = a - 1 / 2 K 1 / 2 ( K a ) B 0 0 (4) 

w h i c h , considering Equat ion 3, is seen to be the D H result. A n expression for 
the electric f ie ld on the surface of the central ion can now be obtained w i t h the 
use of the reduced ionic atmosphere concept. If the total potential is denoted 
V(r,0,<p), the boundary conditions can be writ ten as: 

= V(o) (5) 

( % ) = ( - ) (6) 
\ o V / r = a \ 6 Y / r = a 

Both these conditions show that the reduced and real ionic atmospheres produce 
the same effects at the surface of the central ion, and Equat ion 6 expresses the 
equality of surface charge distribution w h i c h is proportional to the normal 
component of the electric f i e l d . 3 T o write Equations 5 and 6 explicitly and thus 
determine the integration constants i n Equat ion 2, the classical problem of a 
charged sphere surrounded by an array of n point charges must be solved. This 
is represented in F igure 2, where only one point charge ;s shown. The total 
potential at the observation point P(r,0,<p) can be wri t ten as i n Equat ion 7. 

V ( r , M = £ + V L ( r , M + t V W ( * % M (7) 
Dr i=i 

Figure 2. Coordinate system for the electrostatic problem 

3 Note added in proof: In working out further consequences of the new model, we have found 
that Conditions 5 and 6 lead to a discontinuity in the potential at r = a, the surface of the solvated 
ion. We are currently investigating the apparent inconsistency in the formulation of the electrostatic 
model. 
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202 THERMODYNAMIC BEHAVIOR OF ELECTROLYTES 

T h e first term is the potential caused by the spherically distributed charge Q, 
the second term is the potential caused by redistribution of charge Q in response 
to the nonhomogeneous field of point charges —Q/n, and the third is the ordinary 
coulombic potential caused by the charges —Q/n. T h e potential VL(r,0,<£>) is 
given by the solution of Laplace's equation 

V 2 V L = 0 (8) 

w h i c h is: 

V L ( r , M = E E r-< 1 + 1 ) Pj (cos 0) [ C m , sin (nap) + D m i cos (nap)] (9) 
1=0 m=0 

where C m i and D m i are integration constants. The potential V ^ I A (rfitf) is given 
by Coulomb's law: 

v i
R , A ( r , M = - - 7 : - 7 d o ) 

nD ax 

W i t h the use of the law of cosines, the function l/di can be expanded in Legendre 
polynomials (22) i n the f o r m 

V B i A , ( r . M - - ^ £ ( ^ I ) F | ( o o . « l ) (ID 

w h i c h is va l id for the region of interest r ^ R = (a + K~1). W h e n the addit ion 
theorem for spherical harmonics (23) is appl ied, the potential caused by the re­
duced ionic c loud can be expressed in terms of the coordinates of the points 
P(r,0,<p) and A i (Pi,0i,<#), where x{ = cos Sx\ 

n O n oo f l 
£ V R I A ' ( r , M = - - ^ L E — 
i=i n D i = i i = 0 R 1 + 1 

P i ( * ) P l ( z . ) 

I (I - mY 
+ 2 £ f. P m

l (x) P m ' ( * i ) cos [tn(v - w)] 
m = i (/ + m)\ 

(12) 

In the case of spherical symmetry Equat ion 12 reduces to the standard D H re­
sult 

E v R I A i ( f l ) = - 2 . - ^ — ( i s ) 
i = l D 1 + Kd 

This result is obtainable direct ly f r o m electrostatics, and the general solution of 
the L P B E (Equation 2) determines only the distance at which dq has a m a x i m u m 
value, i.e., R = (a + K - 1 ) . The distance R gives only the relative m a x i m u m , the 
absolute m a x i m u m being arbitrari ly specified by the angular coordinates 0 i 9 

It w i l l be evident that there are only a few reasonable choices for n , 6\, and 
depending on the valency of the central ion. 

Determination of the Integration Constants A m i , B m i , C m i , D m i . The 
constants of integration may be determined by a standard technique (22); details 
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12. SPITZER AND BENNETTO Route to Infinite Dilution 203 

are given in Ref. 19. Condit ions 5 and 6 are wri t ten explici t ly , and mul t ip l i ed 
by functions of the type P\m (x) sin (nap), P\m (x) cos (nap) i n turn while a l lowing 
the indices m and / to vary and so take into account separately the cases where 
m = 0, / = 0; m = 0, / > 0; and m > 0, / > 0. E a c h t ime the mult ip l icat ion is 
performed we integrate over the surface of a unit sphere, and on consideration 
of the orthogonal properties of spherical harmonics we f i n d that Condi t ion 5 
determines al l the constants C m i , D m i (except D o J and C o n d i t i o n 6 determines 
the remaining constants i n terms of k n o w n C m i and D m i . The f ina l results are 
given i n Table I. 

T a b l e I. C o n s t a n t s o f I n t e g r a t i o n f o r t h e G e n e r a l S o l u t i o n o f t h e 
L i n e a r i z e d P o i s s o n — B o l t z m a n n E q u a t i o n 

) 

) 

A m i = —-——7-7(7— ) 771—^ £ P/ m ( * i ) s m (m(Pi 
nDa2Ei^/2(Ka)\l. + KG) [_ (I + m)\ Ji= 1 

B m l = — — — - [ j \2LPim(X[) cos (mcpi 
nDa2El+y2(Ka)\} + Ka/ |_ (l + m)\ J.Tj 1 v i ; v * l 

/2/cV/*Qexp(Kg) 
B ° ° ~ \ J 6 l + KG 

-Q / KG A 
Bel - n , , ( 7 — ) (2/+1) 2 > i ( * i ) 

nDa2E^y2 (Ka) \1 + Ka) i= 1 

2 Q a » ( / - m ) ! / Ka 
C m l =^-(7^)!(r7^) S W i ) - n ( n ^ ) 

Doo = 0 
^ Qal / Ka " . 
°oi = — (——) z w 

nD \1 + Ka) t= 1 

The function E1+i/2(/ca) is defined by 
E^/2(Ka) = — [r-v*Kl+V2(Kr)]r=a 

The constant DQO vanishes as expected because the potential V^(r,6,(p) was 
def ined as due to only the polarization of the central ion; the potential arising 
f rom the charge Q itself was taken out as Q/Dr. Thus the " L a p l a c e potential ," 
V L , results f r o m al l the multipoles induced i n the surface of the central ion by 
the structured ionic atmosphere, and vanishes at inf ini te d i lut ion as required. 

The Electrostatic Free Energy 

The C h a r g i n g Process. The calculation of the non-ideal electrostatic energy 
has sometimes led to difficulties (2), but the use of the L P B E here guarantees that 
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any charging process w i l l give consistent results. A modif icat ion of Guntelberg's 
method is developed below w h i c h takes account of the addit ional effects of the 
polarization of the ions and their non-spherical distribution, and it is a useful first 
exercise to consider brief ly the D H model i n a rigorous manner which recognizes 
the interactive nature of the central ion and its ionic atmosphere. Thus when 
the central ion and its ionic atmosphere are charged simultaneously, the total 
electrostatic energy, W D H , is given by 

W ° H = \?r + I [PDH(r)tiaDH(r)dv + 2Wint (14) 
2 Da 2 J v 

The first and second terms on the right are self-energies of the central ion and 
the ionic atmosphere, and the third contains the interaction energies of the central 
ion with its ionic cloud and vice versa. According to Green's reciprocal theorem, 
these energies are equal and are given by 

W < n t = ^ O ^ a ( a ) = i { P
m{r)^a(r)dv (15) 

Since the ideal solution is def ined by the absence of interactions between ions, 
the total energy W I S required to charge the central ion and its ionic c loud i n an 
ideal solution is obtained f r o m Equat ion 14 by setting Wint = 0: 

w i s = 1 2 ! + I Cpm(r)ypiam{r)dv (16) 
2 Da 2 J v 

This expression can be formally identif ied wi th the chemical potential Uils of the 
central ion i n the ideal solution, where C{ is the ionic concentration on the mole 
fraction scale: 

a.is = W i s = M .o + k T i n c . (17) 

A similar identif ication cannot be made for Equat ion 14 because it contains the 
interaction energy twice, but on rearranging we derive 

M . = ( W D H _ W ) = 1 2 ! + I C p D H { r ) ] P i D H { r ) d v + W . n t (1 8 ) 
2 Da 2 J v 

W h e n Equat ion 16 or Equat ion 17 is subtracted f r o m Equat ion 18, we obtain 
Equat ion 15, the non-ideal part of the free energy. Thus the self-energies of the 
central ion and the ionic atmosphere cancel out i n the D H model . In the non­
spherical model , however, we must expect three contributions to the non-ideal 
part of the free energy in respect of the D H model : (a) the energy of interaction 
between the central ion and the ionic c loud w i l l be greater than the D H energy 
because of the polarization; (b) the internal energy of the central ion w i l l increase 
because of its polarization; and (c) the self-energy of the ionic cloud w i l l increase 
because of its structure, w h i c h prevents the charge f r o m smoothing out into a 
spherically symmetric form. 
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F o r charging up a central polarizable ion and its ionic c loud we thus de­
rive 

a . = ( W - W i n t ) = i f <r(aAvWci(aA<p)ds 

+ 1 Cp(rAv)tia(rA<p)dv + W i n t (19) 

The chemical potential of the central ion i n the ideal solution is again given by 
Equat ion 17, and so we obtain 

k T l n / c i = [ \ § s <j{aA<p)*ci{aAv)ds -

+ [ 2 Sv ^ r M ^ r M d v -\fy PDH(r)^DH(r)dv^ + W i n t (20) 

W e therefore learn that the short-range forces simultaneously affect both the 
" p u r e " coulombic interaction energy and the internal energies of the ions 
themselves, and reach the important conclusion that the nonideality of the solution 
is not sufficiently def ined just by the presence of interactions (unless we also i n ­
clude the interactions of the electrons w i t h the nuclei). That the polarizations 
should play a part i n determining the distribution of ions is a fact w h i c h could 
not be deduced f r o m the original Debye model . 

Calculation of the Activity Coefficient. Expression 2 0 may be rewritten 
in the f o r m 

k T l n / c i = [ W c i
S E - W c i

S E < I S ) ] + [ W i a
S E - W i a

S E < I S ) ] 
+ [ W i n t - W I N T ^ H ] + W I N T D H (21) 

where the superscript " S E " denotes "sel f -energy." A l l the quantities involved 
are given quite s imply by electrostatics: 

W C I S E = 2 X a ( a M [ S + v l ( ° ' m ] d s ( 2 2 ) 

WC ISE(is) = i 2 ! (23) 

2 Da 

W I A S E = i C p(rA<p)tUrA<p)dv (24) 
2 %Jv 

W . A S E ( D H ) = W.ASE(IS) = 1 J " P D H ( R ) ^ . A D H ( R ) D T ) ( 2 5 ) 
2 J v 

W i n t
 = \ £ <r(a909<p)\l/ia(a90,<p)ds 

= 1 f p(rAMda,0,<p)dv (26) 
2 %j v 
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W DH = _ I 2 ! . _ J L _ ( 2 7 ) 

2 D 1 + *a 

It is now a matter of straightforward manipulation using the boundary conditions 
5 and 6 and the pr inc iple of superimposition of potentials to show that the first 
and third terms in Equation 26 cancel out exactly (19), i.e., the positive increase 
i n internal energy of the central ion is balanced b y the negative increment of 
interaction energy. Hence, 

k T ln / c i = [W I A SE - W i a
S E < D H > ] + W i n t

D H (28) 

The quantity W i a
S E < D H ) = W i a

S E < I S ) is g iven f r o m the D H theory: 

W I A S E ( D H ) = _ 1 2 ! * + 1 0 1 _ J L _ (29) 

4 D (1 + *a ) 2 2 D 1 + *a 

The potential yp'iai(r,x,ip) is not known explicitly, but Equat ion 24 can be rewritten 

as 

W i a
S E = ~ p(r,x,<p)\l/(r,x,<p)dv ~ ~ <r(a,x,<p)VmA(a,x,<p)ds (30) 

where the first term is the total energy of the ionic atmosphere (self-energy plus 
interaction energy) and the second integral is the interaction energy. The surface 
charge density is given by 

( d r ) r = a 47r(<9r)r=a ( 3 1 ) 

H e n c e the interaction energy is determined as 

S(i^)-^(it;)s(ifir[s^r 
2<?2 / K \ ~ 1 / Ka \2i+i ( / - m ) ! r r " p 

n 2 D \1 + Ka/ i=i m = i V l + Ka) (I + m ) ! IL i J 

+ [ E P i ( ^ i ) s i n ( m ^ ) J 2 j (32) 

Here the first term gives the D H result, and al l other terms represent the increase 
of the interaction energy due to multipoles induced on the surface of the central 
ion. If the ionic atmosphere were spherical, there w o u l d be no such induct ion, 
and the D H result w o u l d be obtained. 

The properties of the modif ied spherical Bessel functions (22) and Equat ion 
33 

K2D 
p{r,x,<p) = - — \P{r,x,<p) (33) 

4T 
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are appl ied to the first term in Equat ion 30 to give 

12 „ r>2 
- w i f l = _ Q 2 K Q 2 I K \ -

, a 4D(1 + KO)2 2n2D\l + m) k\ 

x (2/ + i ) i , + 1 / 2 M r " 1« 
[(/ + l ) K i _ i / 2 ( « i ) + KaKi-m(Ka)]z \ l + /ca/ Li=i J 

, 2 Q 2 « ^, i (2/ + 1)JI + 1 / 2 (K Q ) / <ca \2 i+i 

n 2 D 1 + w i i - i m = i [(/ + l )K|_i / 2 («a ) + /caKi- 1 / 2(/cc)] 2 \1 + KO) 

X jj^yj ([g p i m ( * i ) c o s ( m « A ) ] 2 + [ £ p ' m (*•) s i n ("»«)]2J (34) 

where the integral J|+i/2 (KU) is def ined b y 

oo 

J ] + i / 2 M = J (/cr)K,+1/2
2(/cr)d(/cr) (35) 

It is to be expected that this integral is expressible i n terms of elementary functions 
of the type: exp (/ca)/[polynomial(/ca)]. Denot ing a funct ion Ni+i/ 2 (*a) by 

/ \ (2i + 1) Z l + l / g M /ofiX 
Ni+i/2(/ca) = r / 1 , l N r x , \ \ is 7~~w W 

[(1 + l)Ki_i/ 2(/cfl) + AcaKi_i/ 2(fca)] 2 

we give values for 1 = 1,2: 

3^1 

N i + 1 / 2 M = (3?) 
/ 2 \ 2 

( 2 + — + /ca ) 
\ Kd I 

r i 6 3 1 
5 - * a + 3 + — + 7 — r 

N2+1/2(Kd) = —7 (38) 

L a + 4 + - + - — 
L Kd (Kd)Z J 

F inal ly , when Equations 34 and 32 are combined, the activity coefficient of the 
central ion is given by 

k T l n r = _ 2 ! . _ A _ + 2 ! . _ ^ f 0 0 1 ' * a x 2 1 + 1 

2 D * l + /ca 2 D # l + *a 1=1 m=0 M + Kd/ 

X X , m (n,Xi ,«) <4> [1 - N 1 + 1 / 2 M ] (39) 
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W here 

(l-m)\ f T n V 
A i m ( n , X i ^ i ) = '— E P r ( X i ) cos (rmpi) 

n2(l + m) l l L i = i J 

[EPl m (xi )sin (m^)] 2 l (40) 

and 

<4> = 1 if m = 0; 

<4> = 4 if m > 0 . 

For purposes of discussion it is convenient to s impl i fy the above to give 
Equat ion 41, i n w h i c h 

k r l n / , = - ^ . - v — [ l - £ E ( 4 > 7 r 1 ( . f l ) X , m ( ^ i ) l (41) 
2 D 1 + Ka I 1=1 m =o J 

7Ti may be called the "polarization t e r m " and X i m is termed a "structure factor," 
since it defines the ionic c loud through n,X[, and 

F o r 1:1 electrolytes the simplest choice for n is unity (as i n F igure l b ) and 
is shown to be appropriate by comparison w i t h experiment. Thus we have n 
= 1, X\ = 1 (cos 81 = 1, 61 = 0), and y?j can take any value, since m = 0 and does 
not depend on tp. Variants of Equat ion 39 are easily obtained for other than 
uni-univalent salts by choosing a structure for the reduced ionic atmosphere in 
the light of symmetry and chemical intuition. This is illustrated wi th reference 
to the divalent ion of a 1:2 electrolyte, where it is reasonable as a first approxi­
mation to suppose that the ionic c loud w i l l have two diametr ical ly opposed 
maxima, each at a distance 1/K f r o m the reference ion. It is easy to see that d i -
poles induced on the central ion by these two charge centers w i l l cancel, as wel l 
a l l higher terms of odd /, but that quadrupolar effects (/ = 2) and other terms of 
even / w i l l not. F o r the structure factor the coordinates of the two m a x i m a in 
dq are 8\ = 0 and 82 = 7r, whi le the atmosphere is still symmetr ical w i t h respect 
to the angular coordinate (p. Hence 

X,o(* i = ± l ) = i | [ l + ( - l ) ' ] 2 + 0) 
4 

and X i = 0, X 2 = 1, X 3 = 0, X 4 = 1 etc. 

Results and Discussion 

This brief account presents some of the more str iking general results of the 
polarized-ion theory. Since the assessment is incomplete at the time of writ ing, 
we deal main ly w i t h activity coefficients of some simple electrolytes, but it w i l l 
be obvious that there is m u c h scope for applicat ion elsewhere. The outline of 
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further developments is, however, intended to be thought-provoking rather than 
definit ive. 

A c t i v i t y coefficients on the mola l scale were calculated f r o m Equat ion 39 
by means of a straightforward program containing l ibrary sub-routines for 
evaluation of integrals and m o d i f i e d Bessel functions. 

Dev ia t ions f r o m the L i m i t i n g L a w . In F igure 3 results for 1:1 electrolytes 
w i t h four different ion-sizes are plotted for hypothetical solutions having D = 
78.54, T = 25.0°C, density = 1.0 and n = 1. The D H limiting-law is also plotted 
for comparison. It should be noted that the ionic atmosphere extends outwards 
f r o m the surface of the central ion, and the parameter a is the mean "effect ive 
ionic rad ius" rather than the "distance of closest a p p r o a c h " of the D H theory. 

Figure 3. Activity coefficients calculated from 
polarized spheres model (T = 25 °C, D = 78.54) 

The most notable feature is the predict ion of the characteristic shapes and 
high activity coefficients at h igh concentrations. In contrast to the view (13) 
that the deviations arise f r o m some short-range repulsions between ions, the 
foregoing treatment assigns the positive increments of free energy to the dif ­
ference between the electrical free energy of an ion i n the structured solution 
and i n the ideal solution, which is analogous in symmetry to the D H solution. The 
characteristic shapes thus arise f r o m the effects of polarization superimposed on 
the " h a r d core" deviations adequately given by the D H treatment for non-po-
larizable spheres. The effect of successive terms i n the expansion (Equation 39) 
is illustrated by the figures in Table II. The terms for / = 0 give values of the D H 
theory (with a), whi le those for / = 1, 2 , 3 . . . give values relating to the inverse 
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T a b l e I I . P o s i t i v e D e v i a t i o n s f r o m t h e D e b y e — H u c k e l L i m i t i n g - L a w 
C a l c u l a t e d f r o m t h e P o l a r i z e d S p h e r e s M o d e l . C o n t r i b u t i o n s f r o m 

Success ive T e r m s 

A ln f± (for D = 78.54, T - 25° C, n = 1) 

Effective Ion Size (A) 

2.0 4.0 6.0 

Molality 

1 = 0 
1 
2 
3 

0.2 

0.1191 
0.0045 
0.0003 
0.0000 

0.5 

0.2631 
0.0166 
0.0018 
0.0002 

0.2 

0.1941 
0.0149 
0.0022 
0.0003 

0.5 

0.3994 
0.0399 
0.0100 
0.0024 

0.2 

0.2457 
0.0240 
0.0056 
0.0013 

0.5 

0.4828 
0.0535 
0.0191 
0.0069 

th i rd , f i f th , seventh, etc. powers of the distance r w h i c h apparently correspond 
to the effects of induced dipoles, quadrupoles, octupoles, etc. F o r most a p p l i ­
cations only the first few terms are relevant because the range of val idi ty is at 
present restricted to dilute solutions, conveniently def ined as the range of con­
centration for w h i c h Ka < O.5. 4 

The total potential at the surface of the central ion is the same in our model 
as i n the D H theory, but the contributions to it are not. T h e nature of the po­
larization may be investigated via the quantities V L or \[/ci, and it is easily shown 
that 

O / Ka \ 

Da \l + Ka/ 

2 C O S 0 

Da2 

+ 2 C W ^ W ^ ^ H . . . . (42) 

T h e first term on the right hand side is a pure coulombic potential, whi le the 
induct ion on the central ion by the structured ionic atmosphere is described by 
al l the other terms, w h i c h disappear at inf ini te di lut ion. Thus the second term 
is the potential due to a dipole of moment u g iven b y 

\1 4- Ka/ 

4 When the Debye length approaches the effective ionic radius, the form of reduced ionic at­
mosphere might require modification. The ion nearest to the central ion becomes more and more 
responsible for the ionic atmosphere and is increasingly less capable of smearing out into a continuous 
charge density. In a further development the reduced atmosphere could be formulated in terms 
of a charged sphere rather than a point charge. Such a model might be appropriate for concentrated 
solutions and molten hydrates, and would give additional positive contributions to the activity. The 
final equation would be expected to contain two ion-size parameters. 
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S imi lar ly the th ird term arises f r o m a quadrupole of moment p def ined by 

Figure 4 shows that a cube-root relationship can be recovered f rom the new 
model. The cube-root " l a w " is generally l imited to below 0 . 1 m solutions in water 
(16), and only one extra term (/ = 1) is needed i n Equat ion 39 to calculate suff i ­
ciently accurate activity coefficients f rom our theory. In accord with experiment, 
the theory predicts that the cube-root law must fa i l both i n the D H region where 
the ion- induced dipole interactions w i l l be negligible, and at higher concentra­
tions, when higher multipoles are induced. In the early stages of this study we 
had retained a broad view of the possibilities of the quasi-lattice concept (6), but 
our f ina l conclusion is that the approaches of Frank (5), Bahe (24), and others 
overestimate the lattice character (25) of the solutions, and that the correct ap­
proach is that of Debye and H i i c k e l . It is tentatively suggested, however, that 
other intriguing empirical " l a w s " such as the fourth root dependence for solutions 

(44) 

c 

0.20 " 

0.05 

+1 

0.15 

0.10 

0.1 0.2 0.3 0.4 

Figure 4. Recovery of the cube-root "law": ac­
tivity coefficients calculated from polarized 
sphere model using coulombic and induced dipole 

terms. 
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Figure 5. Effect of variation of dielectric 
constant 

in l iquid N H 3 (26) might be explained by a superimposition of certain polarization 
terms, but a more sophisticated treatment w o u l d be needed for non-spherical 
ions. 

The effect of changing the dielectric constant is shown for ions of radius 4.0A 
in F igure 5, where the values of D correspond to those for the solvents methanol, 
water, and N-methylpropionamide . The u p w a r d turn of log y± at higher con­
centrations is exaggerated when D is low, which is again in qualitative agreement 
w i t h some experimental observations (2); the effect is attributed to mutual po­
larization of ions, w h i c h is more effective when the permit t iv i ty is low. O n an 
intuit ive basis it might have been expected, erroneously, that the polarization 
w o u l d lower the activity coefficients, w h i c h could be the reason w h y ionic po­
larization has received so little attention i n interionic theory. 

M u l t i v a l e n t E lectro lytes . F o r 2:1 electrolytes we assume n = 2 for the 
divalent ion and n = 1 for the monovalent ion. The latter is a necessary choice 
w h i c h supposes that a monovalent ion "sees" a singly charged ionic c loud rep­
resented by a reduced ionic atmosphere w i t h one m a x i m u m . This model gives 
log 7 ± vs. V 7 plots w h i c h are remarkably l ike the experimental pictures. The 

 P
ub

lic
at

io
n 

D
at

e:
 J

un
e 

1,
 1

97
6 

| d
oi

: 1
0.

10
21

/b
a-

19
76

-0
15

5.
ch

01
2

In Thermodynamic Behavior of Electrolytes in Mixed Solvents; Furter, W.; 
Advances in Chemistry; American Chemical Society: Washington, DC, 1976. 



12. SPITZER AND BENNETTO Route to Infinite Dilution 213 

form of reduced ionic cloud for higher-valence electrolytes may be deduced from 
simple symmetry considerations: " t r iangular" for a trivalent ion, " tetrahedral" 
for a quadrivalent ion, etc. The same also applies to unsymmetrical electrolytes 
w i t h a little modif icat ion, e.g., for M 2

I H X 3
n the value of n is still three for the 

M H I ion; the second M n i ion is assumed to spend equal time associated wi th each 
node in the X 1 1 atmosphere. 

Compar i son w i t h Exper imenta l Results for 1:1 Electrolytes. Since precise 
data are available for H C l and N a C l i n water, we choose these electrolytes for 
detailed analysis, and give summarized results i n Table III. F o r H C l a good 
match is obtained u p to ca. m — 0.2 w h i c h gives more than twice the range of 
val idi ty for the D H theory. (Though this is a substantial improvement , it must 
be admitted that if we look to the fourth place i n y±, neither the D H second 
approximation nor the present theory appear to give quite the right shape i n the 
dilute range (19).) The results are better for more typical electrolytes like N a C l , 
where the fit may even extend to above m = 1.0. This is probably fortuitous, 
and a realistic estimate is that the theory usually starts to break d o w n at Kd = 0.5. 
Table III also shows some early results for a mixed solvent system (0.50 mole 

T a b l e I I I . M o l a l A c t i v i t y C o e f f i c i e n t s at 2 5 ° C ; C o m p a r i s o n o f 
T h e o r y a n d E x p e r i m e n t 

DH Polarized 
Solvent Molality 7±exp Model A * ions model A 

Aqueous HC1& 0.001 0.966 0.966 0 0.966 0 
a = 5 . 4 0 A 0.01 0.905 0.905 0 0.905 0 

0.05 0.830 0.828 - 2 0.831 +1 
0.10 0.796 0.786 - 1 1 0.795 - 1 
0.20 0.767 0.746 - 2 1 0.762 - 5 
0.30 0.756 0.715 - 4 1 0.746 - 1 0 

Aqueous NaCl*> 0.001 0.965 0.965 0 0.965 0 
a = 4.14 A 0.01 0.902 0.902 0 0.902 0 

0.05 0.819 0.817 - 2 0.819 0 
0.10 0.778 0.769 - 9 0.775 - 3 
0.50 0.681 0.645 - 3 6 0.681 0 
1.00 0.657 0.589 - 6 8 0.659 +2 
1.50 0.656 0.554 - 1 0 2 0.655 - 1 

NaCl in 0.5 mf 0.0016 0.9202 0.9210 +0.8 0.9210 +0.8 
aqueous methanol 0 0.0144 0.8005 0.8011 +0.6 0.8008 +0.3 
a = 3.78 A 0.0256 0.7554 0.7542 - 1 . 2 0.7547 - 0 . 7 

0.0576 0.6828 0.6795 - 3 . 3 0.6823 - 0 . 5 
0.0784 0.6541 0.6493 - 4 . 8 0.6538 - 0 . 3 
0.1024 0.6290 0.6227 - 6 . 3 0.6293 +0.3 

a A = 103 (7+ calc — 7+ exp). Experimental data from Refs. 2 and 3. 
bD= 78.54. Densities taken from International Critical Tables. 
CD = 49.84. Precise data from cells with transport (see J . P. Butler and A. R. Gordon, 

/. Am. Chem. Soc, (1948) 70, 2276). 
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Figure 6. Fit of theory and experiment at dif­
ferent temperatures for NaCl in water. Solid 
lines: experimental data from Ref. 2; dotted lines: 
theory, using values of a as indicated. Lines for 
40° and 80° are displaced by 0.05 and 0.1 respec­

tively on the vertical axis. 

fraction aqueous methanol), w h i c h suggest that the theory is not restricted to the 
solvent water. 

In F igure 6 we show that good theoretical representations are obtained for 
different temperatures with a small change i n the parameter a. O n such evidence 
we might expect to obtain a consistent description of partial molal enthalpies and 
entropies. However , discussion of these quantities, along w i t h a ful ler consid­
eration of solvation aspects, the a parameters, and the dielectric decrements (27, 
28), is deferred unt i l a later stage. 

Structure, Solvation, and Association in Solutions 

F r o m a consideration of the electrostatic free energy alone it is not i m m e ­
diately obvious how the arrangement of ions i n the solution as a whole is related 
to the moving polarized central ion and its structured ionic cloud. It is reasonable 
to think that the induced multipoles impose restrictions on the mix ing of the ions, 
so that the energy and entropy of configurations described by the structured ionic 
c loud are lower than in the D H model , as envisaged earlier by F r a n k and 
Thompson (16). Such considerations do not lead direct ly to predictions of the 
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free energy, and the most important conjecture is that although the average ar­
rangement of ions taken over a long time interval is undoubtedly centrosymmetric 
about a given ion, the structure is nevertheless characterized by the state of po­
larization for short-lived configurations which may be described by a nonspherical 
distribution function. Fluctuations i n the structure through local changes i n 
enthalpy and entropy are unimportant in themselves, since 2 5 H and — T2<5S 
largely cancel (6), and the free energy depends more critically on an average state 
of polarization. This reflects the continual strains imposed on the electronic 
structures of the ions and molecules as they move around i n the system. For our 
model i n the present form, importance is attached to the raising i n free energy 
of the ionic atmosphere, since the corresponding effects on the central ion cancel. 
They need not do so, however, for a more sophisticated version (19). 

Solvation Effects. M a n y previous accounts of the activity coefficients have 
considered the connections between the solvation of ions and deviations f r o m 
the D H limiting-laws i n a semi-empirical manner, e.g., the Robinson and Stokes 
equation (3). In the interpretation of results according to our model , the pa­
rameter a also relates to the physical reality of a solvated ion, and the effects of 
polarization on the interionic forces are closely related to the nature of this entity 
f rom an electrostatic viewpoint. Without recourse to specific numerical results, 
we br ief ly illustrate the usefulness of the model by def in ing a polarizable co-
sphere (or pr imary solvation shell) as that small region w i t h i n w h i c h the solvent 
responds to the ionic f ie ld i n nonlinear manner: the solvent outside responds 
l inearly through " m i l d " Born-type interactions, described adequately w i t h the 
use of the dielectric constant of the pure solvent. (Our comments here refer 
largely to activity coefficients i n aqueous solution, and we assume complete 
dissociation of the solute. The polarizability of cations i n some solvents, e.g., D M F 
and acetonitrile, follows a different sequence, and there is probably some ion-
association.) 

The order of activity coefficients of a lkal i halogenides (2, 3) i n water can 
now be explained i n terms of the properties of polarizable spheres, as follows. 
The sizes of solvated cations are i n the order H + > L i + > N a + > K + > R b + ~ C s + , 
which is thus also the order of their polarizability (18). The "polar iz ing power , " 
however, follows the reverse order. The effective sizes of the anions are i n the 
order F ~ > I~ > B r ~ > C l ~ ; apparently only F ~ is strongly solvated. R e m e m ­
bering that the polarization contribution to the mean ionic act ivity coefficient 
is f r o m both kinds of ions, we note that for I " , C l ~ , and B r ~ the order of mean 
a for cations is H + > L i + > N a + > K + > R b + ~ C s + and is determined pre­
dominantly by the ease of polarization of the solvated cation. F o r F ~ and O H ~ , 
however, the order is reversed, and is determined by the polarizing power of the 
cations on the large, strongly solvated anions. F o r H + , L i + , N a + , and K + the 
anionic order is (F~) > I~ > B r ~ > C l ~ , as determined by the polarizabi l i ty of 
the anions, w h i c h therefore give the largest contributions to the mean ionic ac­
t ivi ty coefficients. However , for R b + and C s + the order is just reversed and is 
determined by the polar iz ing power of the anions. In this case the cations w i l l 
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contribute most to the mean activity coefficient. Thus these orders depend on 
a f ine balance between polarizabi l i ty and polar iz ing power of both kinds of sol­
vated ions, and w i l l be analyzed i n more detai l elsewhere. 

The explanation given here seems more feasible than that using the concepts 
of co-sphere overlap (29), and the " s t ruc ture -making" or "s t ructure-breaking" 
characteristics of ions (SO). This is unsatisfactory because the order shown by 
the curves does not depend on concentration, and is evident at very low con­
centrations where the co-spheres w o u l d have to be enormous i n order to have 
any overlap. Moreover, the physical nature of the forces arising f r o m such 
overlap is rather intangible. 

A further expectation of the polarized sphere approach is that the labile 
G u r n e y co-spheres w i l l change shape i n response to the structured ionic c loud. 
Since the self-energy of the whole entity depends on the solvation and is raised 
by the polarization, it follows that the ion-solvent interactions w i l l change. The 
change w i l l become progressively more important as the concentration is i n ­
creased, and when the co-spheres also start to interpenetrate, the point of 
breakdown of our model i n its present f o r m w i l l probably coincide roughly wi th 
the onset of this latter effect. These arguments are important i n relation to almost 
every property of concentrated solutions w h i c h depends on ionic sizes, and have 
been interpreted previously i n terms of the structure-breaking or structure-
m a k i n g concepts, e.g., the behavior of osmotic coefficients, u p w a r d turn of 
conductance curves (2), increase i n ionic di f fusion coefficients (2), incremental 
decrease in aqueous viscosities (2), etc. T h e root cause of these effects is the i n -
terionic interactions. 

I o n A s s o c i a t i o n . O n e feature of the model is that it requires no vaguely 
def ined " b r e a k d o w n " of the D H ionic c loud at some cr i t ica l concentration, but 
predicts an even gradation of properties over the whole concentration range, or 
at least up to concentrations where the co-spheres start to overlap. 

The structured ionic c loud, w h i c h may be compared interestingly w i t h the 
recent paired-ion descriptions of Stil l inger (SI) and Fuoss (32), could provide 
a very reasonable description of the association phenomenon. The original 
concept of B jerrum (2,3,35) is rather art i f ic ia l , since i n considering the proba­
bility of f inding an ion near a central ion the potential is assumed to be dominated 
by the central ion. In our treatment, however, dq is always greatest at K ~ 1 and 
the sharpening of the m a x i m u m i n dq at higher concentrations is analogous to 
the ion-pair ing process, and possibly requires no addit ional description (see 
Footnote 2). Provided that the ions are free to move w i t h i n a "loose i o n - p a i r " 
configuration, the D H smoothing process is a reasonable proposition. It is sup­
posed that the activity coefficients w i l l always lie above the l imit ing- law for the 
reasons given earlier, whi le contact ion-pairs may be indicated when the values 
of 7 ± fa l l below it. This projected picture of ion-pair ing is attractively simple 
and does not appear to be at variance w i t h experimental evidence. 

R e l a t i o n of E lectrostat ic a n d S t a t i s t i c a l - M e c h a n i c a l A p p r o a c h e s to In-
ter ionic Theory . W e believe that the ionic cloud concept is appropriate for the 
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time-averaging superimposition of strong force-fields in an electrolyte solution, 
but consider it intrinsically different f rom the statistical averaging process, which 
deals w i t h the summation of configurations of countable particles and not 
" s m o o t h e d " charges. Whereas there is general agreement that the two types 
of description converge for the ideal solution, the repeated fai lure of attempts 
to incorporate electrostatic formalism into statistical-mechanical models has been 
rather sweepingly attributed to the breakdown of the ionic c loud concept. 

In seeking to re-establish faith i n Debye's intuitive concept, we tend to view 
that these difficulties derive f r o m the present limitations of statistical mechanics 
in dealing with what is essentially an electrostatic problem. Because of the failure 
to recognize the differences i n the two types of averaging process, Debye's critics 
have i l logical ly attributed the l imitations of D H theory to an inadequacy of the 
L P B E , whereas all the evidence suggests that it is the unlinearized equation which 
is suspect (19). 

The L P B E appears to be incapable of prov id ing a description of the inter-
ionic effects when straightjacketed by the spherical solution. Consequently, 
many investigators have drawn the understandable but incorrect conclusion that 
because there is something "not quite r ight" with the L P B E , one must apply some 
correction such as inclusion of higher terms f rom the expansion of the exponential 
i n the unlinearized Poisson-Boltzmann equation. These "correct ions" i n turn 
lead to inconsistencies, and to nonsensical conclusions (e.g., "the ionic atmospheres 
are not additive at higher concentrations"). Such conclusions rest on the val idity 
of the init ial assumption that the potential of mean force, W(r ) , i n the Boltzmann 
equation can be replaced by the electrostatic energy, Z{e\p, w h i c h except for the 
l i m i t i n g case is inadmissible. It should be noted, however, that self-consistent 
treatments of the Poisson-Boltzmann equation have been successfully worked 
out, and these have been reviewed recently (35). Al though we take the v iew 
that convincing results have yet to emerge f r o m this direction, we do not reject 
statistical mechanics as a useful alternative discipline for the treatment of equi ­
l i b r i u m properties of electrolyte solutions. 

The allowance for polarization i n the D H model obviates the need for sep­
aration of long-range and short-range attractive forces and for inclusion of ad­
dit ional repulsive interactions. Belief i n the necessity to include some k i n d of 
" covolume t e r m " stems f r o m the confused analysis of Onsager (23), and is 
compounded by a misunderstanding of the standard state concept. Reference 
to a solvated standard state in which there are no interionic effects can in principle 
be made at any arbitrary concentration, and the only repulsive or exclusion term 
required is that described by the D H theory w h i c h puts l imits on the ionic at­
mosphere size and hence on the lowering of electrical free energy. The present 
work therefore supports the view of Stokes (34) that the "covolume t e r m " should 
not be included i n the comparison of statistical-mechanical results w i t h experi­
mental ones. 

Accord ing to the polarized-ion model , however, the nonideality is not suf­
f ic iently described by the coulombic interactions alone, and the chemical state 
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of an ion changes w i t h ionic strength. This poses some problems for the statis­
t ical-mechanical approach, since a hypothetical " t u r n i n g - o f f " of interactions 
w o u l d leave the ions i n a polarized state. In electrostatic terms the energy of a 
configuration w o u l d be given by 

W = l ± O . l / , (45) 
2 i 

where the energy of the i ' t h ion depends on the charges, shapes, sizes, and posi­
tions of a l l the other spheres, and includes the self-energy. 

Concluding Summary 

W e are forced to reflect that the failure of so many attempts to improve on 
the D H theory can be attributed to a premature rejection of the D H approach, 
and a tendency to include extra parameters without proper theoretical foundation. 
It is surprising that although ionic polarization is emphasized in studies of solvation 
(36), molten salts (37), and chemistry i n general (38), the phenomenon has re­
ceived little attention in interionic theory. In particular, our attention is d r a w n 
to the early work of Fajans and co-workers (39), who first noted the effects of 
concentration on the ionic molar refractivities of solutions, which were interpreted 
in terms of a "distorting effect" on the ions. For various reasons the significance 
of this work has not been appreciated i n the f ie ld of electrochemistry. 

F i n a l l y , an important if tentative conclusion emerges concerning the sym­
metry of distribution functions, w h i c h could be relevant to the general theory 
of polarization and to current ideas about l iqu id structure. Theoretical analysis 
i n terms of radial ly symmetric models does not necessarily tell us about the 
structure of a system, because the short-range forces, b y their very nature, have 
a directional character w h i c h is not lost i n any averaging process. Is it this av­
eraged directional force w h i c h is responsible for "s t ructure" i n l iquids and so­
lutions? 
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Thermodynamic Study of Hydrobromic 
Acid in Water-1,2-Dimethoxyethane 
(Monoglyme) from EMF Measurements 

R. N. ROY, E. E. SWENSSON, G. LaCROSS, Jr., and C. W. KRUEGER 

Department of Chemistry, Drury College, Springfield, Mo. 65802 

Electromotive force measurements of cells of the type: 

Pt; H2(g, 1 atm) \ HBr(m) in Monoglyme + H2O \ AgBr-Ag 

at eleven different temperatures ranging from 278.15° to 
328.15°K at intervals of 5°Κ were utilized to evaluate (a) the 
standard electrode potentials (E°)of the Ag-AgBr electrode in 
x = 10, 30, and 50 mass percent monoglyme, (b) the mean 
molal activity coefficients of hydrobromic acid for concentra­
tions ranging from 0.005-0.09 mol kg-1, (c) the relative partial 
molal enthalpy and heat capacity of HBr in x = 50, and (d) the 
thermodynamic functions (i.e., ∆G0

t, ∆H0

t, and ∆S0

t) for the 
transfer of one mole of HBr from the standard state in water 
to the standard state in x = 10,30, and 50 mass percent mono­
glyme. The standard emf was evaluated by using the extend­
ed terms of the Debye-Hückel theory with an ion-size parame­
ter of 0.6 nm. The dielectric constants for x = 10, 30, 50, 70, 
90, and 100 mass percent monoglyme were measured at the 
temperatures under investigation. The significance of the re­
sults has been discussed in terms of ion-solvent interactions. 

The behavior of electrolytes i n aqueous organic mixtures, part icularly 
those consisting of dipolar aprotic solvents (1,2,3,4,5,6) has long been a subject 
of considerable importance. Interest i n dipolar aprotic solvent-water mixtures 
arises, i n part, f r o m the recent studies of tetrahydrofuran-water mixtures (7), 
w h i c h involved ion-solvation and proton bonding. Because of the scarcity of 

220 
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experimental thermodynamic data concerning the effects of m e d i u m changes 
on the thermodynamic properties of hydrobromic acid, three different compo­
sitions of the binary monoglyme-water mixtures were chosen, w h i c h contained 
10, 30, and 50 mass percent monoglyme, respectively. Other solvent systems 
of this type are sometimes used i n the investigation of the acid-base properties 
of compounds w h i c h are slightly soluble i n water, i n the spectrophotometric 
determination of the dissociation constant, p K a , of m-ni troani l ine (8), anil ine, 
and substituted anilines (9), and i n studies of chemical kinetics. T o meet these 
requirements, the standard electrode potential of the silver + silver bromide 
electrode must be known. T h e silver + silver bromide electrode is highly re­
producible (JO) and, because of its low solubility, it performs better than the silver 
+ silver chloride electrode, particularly for the determination of the dissociation 
constants of the nitrogen bases ( I I ) . 

Measurements of the emf of cells of the type: 

Pt; H 2 ( g , 1 atm) |HBr(m) i n monoglyme + H 2 0 | A g B r - A g (I) 

were made at eleven temperatures extending f r o m 278.15° to 333 .15°K and for 
ten molalities of hydrobromic ac id i n the n o m i m a l range f r o m 0.01 to 0.1 m o l 
k g " 1 in 10, 30, and 50 mass percent monoglyme. The standard emf for cells of 
type I was evaluated by the use of the extended terms (12) of the D e b y e - H u c k e l 
theory. This method of extrapolation is essentially the same as that recently used 
by Roy, Robinson, and Bates (10) and Roy, Swensson, and LaCross (7). Act iv i ty 
coefficients and the relative partial molal enthalpy and heat capacity of H B r have 
been derived. The present investigation was undertaken w i t h the intent of 
evaluating the standard electrode potential of the A g - A g B r electrode, w h i c h w i l l 
permit the calculation of the dissociation constant of glycine i n 50 mass percent 
monoglyme, and w i l l al low the determination of the standard thermodynamic 
functions (Gibbs energy, enthalpy, and entropy) for the transfer of one mole of 
H B r f r o m the aqueous standard state to the standard state i n the m i x e d solvent. 
The densities and the vapor pressures for x = 10, 30, and 50 mass percent 
monoglyme, and the dielectric constants for x = 10,30,50,70,90, and 100 percent 
monoglyme, were measured and are herein reported. 

Similar emf measurements on hydrochloric ac id solutions i n m o n o g l y m e -
H 2 0 mixtures containing 8.68,17.81, 46.52, and 67.03 mass percent monoglyme 
at 278 .15° , 288 .15° , 298 .15° , and 308 .15°K were reported earlier (I), and are 
shown here for the purposes of comparison of both strong electrolytes. The results 
of the present study are discussed i n terms of hydrogen bonding, as we l l as 
preferential solvation of the two solutes (hydrogen ion and bromide ion) by the 
molecules of the two solvent species, water and monoglyme. Moreover , the re­
sults are compared w i t h the similar parallel data (I) for hydrochlor ic ac id i n 50 
mass percent monoglyme. 
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Experimental Procedure and Preparation of Solutions 

The stock solution, ca. 0.3 m o l d m - 3 , of hydrobromic ac id was prepared 
f rom a twice-distilled sample of the hydrobromic acid. Its bromide content was 
determined gravimetrically as silver bromide. Tripl icate runs agreed to wi th in 
±0.02%. The silver + silver bromide electrode was of the thermal type, prepared 
by heating twice recrystallized silver bromate (10 mass percent) and silver oxide 
(90 mass percent) at a temperature of 820° K . The preparation of the silver oxide, 
the preparation of the hydrogen electrodes, the design of the cell, the purification 
of the hydrogen gas, and other experimental techniques, have been described 
earlier (13,14,15). The water bath i n w h i c h the cells were immersed was con­
trolled to w i t h i n 0 .02°K. 

M o n o g l y m e (Fisher Cert i f ied) was pur i f i ed i n the manner described by 
Wal lace and Mathews (16). T h e m i d d l e fraction of the second distillate was 
subsequently used i n the preparation of the cel l solutions. D r y nitrogen was 
bubbled through the distillation flask dur ing the distillation process. The purity 
of the middle fractions was verified by gas chromatography. The mixed solvents 
were prepared by weight dilution methods by diluting the aqueous stock solution 
of H B r with a known amount of monoglyme and doubly distilled water. V a c u u m 
corrections were applied to all weighings, and weight burets were employed when 
necessary. Dissolved air was always removed by bubbl ing p u r i f i e d hydrogen 
gas into the solutions before the cells, w h i c h were f i t ted w i t h tr iple saturators, 
were f i l led. The molal i ty of the ac id i n a l l the solutions reported is correct to 
within ± 0 . 0 3 % and the monoglyme content of the solutions is accurate to wi th in 
±0 .0 2 %. 

Total vapor pressures (p) for the mixed solvents over the temperature range 
2 7 8 . 1 5 ° - 3 2 8 . 1 5 ° K are essential i n order to correct the emf data to a hydrogen 
partial pressure of one atmosphere. The boi l ing temperature method (1,17), 
w h i c h utilizes a ballast bulb, a closed-tube manometer, and a triple-neck dist i l ­
lation flask, was employed, and the measurements of the vapor pressures for the 
mixed solvents under investigation were made in the temperature range of 
3 0 8 ° - 3 5 0 ° K . Extrapolation and interpolation procedures were based on the 
linear plots of logio p as a funct ion of 1/T, where T is the thermodynamic tem­
perature. As a further verif ication, the vapor pressures of 50 mass percent 
methanol-water mixtures were measured and were found to be i n good agree­
ment w i t h the literature data (JO). 

The densities p° of the mixed solvents required to calculate the parameters 
A and B of the D e b y e - H u c k e l equation were measured w i t h a pycnometer of 
about 2 5 - c m 3 capacity. Dupl icate determinations were always made, and the 
values agreed to w i t h i n ± 0 . 0 0 5 % . 

The dielectric constants e, w h i c h are also needed to evaluate the D e b y e -
H u c k e l constants A and B, were measured f rom 283.15° to 318 .15°K at intervals 
of 5°K, using spectrograde acetone and freshly prepared, doubly distilled water 
as reference materials. The J a n z - M c l n t y r e bridge (18) w i t h Balsbaugh con-
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duct ivi ty cell (model 2TN50) having a cell constant of 0.00177 c m " 1 was used. 
The temperature of the bath containing the cells was regulated to wi th in 0.02° K . 
The values of 6 over the temperature range under investigation were obtained 
by the method of extrapolation and interpolation, w h i c h uti l ized the straight-line 
plots of logio e vs. 1/T. The values of the p, p°, e, A , and B are presented in Tables 
IV, V , and V I for 10, 30, and 50 mass percent monoglyme, respectively, whereas 
for x = 70, 90, and 100, the data for the dielectric constant are included i n Table 
X . The data for the dielectric constant at 298 .15°K are plotted i n F igure 1 as 
a funct ion of the mass percent of monoglyme. 

Figure 1. Plot of dielectric constant 
vs. mass percent monoglyme for 0,10, 
SO, 50, 70, 90, and 100 mass percent 

o 20 40 60 80 100 monoglyme-water mixtures at 
M a s s % M o n o g l y m e 298.15°K 

The values of the emf were corrected to a partial hydrogen pressure of one 
atmosphere (101.325 k p a ) and are given i n Tables I, II, and H I (see A p p e n d i x 
for all tables) for the respective solvent compositions. E a c h value i n the table 
represents the average of two duplicate cells, prepared for each molal i ty of hy­
drobromic acid. Typical ly, the lowest and highest emf values for these duplicate 
cells di f fered by no more than 0.14 m V . The emf of the cells was always mea­
sured first at 298 .15°K, then at descending temperatures to 278 .15°K, again at 
298 .15°K, f inal ly ascending to 328 .15°K, and ending w i t h a measurement at 
298.15° K once more. The emf data are reliable and stable, as evident f rom the 
data at 298 .15°K, w h i c h were recorded a total of three different times; namely, 
at the start, the middle , and the end of each temperature run. O n the average, 
these three values agreed to w i t h i n 0.05 m V . The bias potential of the s i lver -
silver bromide electrode was always wi th in 0.05 m V . Measurements of the emf 
were made by means of a Leeds and N o r t h r u p type K - 3 potentiometer, 
standardized against an E p p l e y standard cel l , and equipped w i t h a Leeds and 
N o r t h r u p D . C . n u l l detector (model 9829), using a sensitivity of 25 uV. T h e 
vapor pressures of the solutions were assumed to be the same as those for the pure 
solvents at the experimental temperatures. 

As a f inal check on the rel iabi l i ty of the data and the performance of the 
cells, the emf's were measured i n 0.01 m o l - k g _ 1 aqueous H B r solutions at 
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298.15°K. The pressure-corrected emf data is 0.31276 V , which is in satisfactory 
accord w i t h the literature value (9,11) of 0.31272 V . 

Results 

The standard emf E ° of the cell was determined by means of an extrapo­
lation technique involv ing a funct ion of the measured emf E (which was mea­
sured experimentally), taken to the l imi t of zero ionic strength 7. A linear 
funct ion of I was observed when the D e b y e - H u c k e l equation (in its extended 
form) (12) was introduced for the activity coefficient of hydrobromic ac id over 
the experimental range of molalities m . W i t h this type of mathematical treat­
ment, the adjustable parameter became a 0 , the ion-size parameter, and a slope 
factor /J. This procedure is essentially the same as that used i n our earlier de­
terminations (7,10) although no corrections of E ° for ion association were taken 
into account (e = 49.5 at 298.15° K ) . 

F r o m the Nernst equation for cells of type I, it is obvious that 

E° = E + (2RT/F) l o g e ( m 7 ± / m 0 ) (1) 

i n w h i c h m ° = 1 m o l - k g - 1 . Furthermore, the extended terms indicated by D 
(12) can be writ ten i n terms of — logio y±. 

- logio 7 ± = A m 1 / 2 / ( l + Ba°m1'2) - f3m/m° 

+ logio (1 + 0.002m < M » - D / l o g e 10 (2) 

in which A and B are the D e b y e - H u c k e l parameters, converted to a molality basis 
by mult ipl icat ion by the square root of the solvent density. T h e values of these 
constants, w h i c h are listed i n Tables III, I V , and V , are functions of the thermo­
d y n a m i c temperature T and the dielectric constant e, as w e l l as of the solvent 
density p°. T h e mean molar masses ( M ) for x = 10, 30, and 50 mass percent 
monoglyme are 0.01958, 0.02370, and 0.03003 k g - m o l " 1 , respectively. The 
contribution arising f r o m the extended terms towards the value of —logio 7 ± i n 
the case of a 1-1 electrolyte may be given by 

D = 1 0 - V / s W + 10- 5</ 5/ 5(X), (3) 

i n w h i c h q = NAe2/eRTa0, where e is the Gaussian charge on the proton, N A 

is Avogadro's constant, and X = /ca°; that is, Ba°m1^2. T o expedite the calcula­
tions, the fifth-degree polynomials determined i n an earlier investigation (20) 
were used to obtain / 3 ( X ) and /s(X): 

/ 3 ( X ) = 0.06024 - 2.682X + 4 . 9 3 5 X 2 

- 3 . 2 2 6 X 3 + 0 .5713X 4 + 0 .1005X 5 , (4) 

and 

/ 5 ( X ) = 0.05674 - 3.555X + 18 .38X 2 - 3 2 . 9 9 X 3 + 2 5 . 5 3 X 4 - 7 .303X 5 (5) 
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Substitution of the appropriate constants, along w i t h simultaneous combi ­
nation of these results w i t h those of Equat ion 3, y ie ld (upon rearrangement) 

£ 0 ' = E° - 2k/3m/m° = E + 2k l o g 1 0 (m/m°) - 2 * { A m 1 / 2 / U + Ba°m1/2) 

+ l o g 1 0 (1 + 0.002<M>m/m°) - 0.4343D} (6) 

in w h i c h k is shown replacing the term (RT loge 10)/F. 
Values of the right-hand side of Equat ion 6 (that is, those denoting the term 

E 0 / ) are expected to be linear in terms of m , when a suitable value for the ion-size 
parameter is chosen. Several different values for a0 (e.g., 0.2, 0.4, 0.6, and 0.8 
nm) were tested, and the computer calculations showed that the deviations of 
E 0 / vs. m f r o m l inearity were at a m i n i m u m when a0 is equal to 0.6 nm.. These 
results are shown i n Table VIII . B y means of Equat ion 6, the intercepts of the 
extrpolation lines (E°) can be found and the slopes (—2kf$) computed. The values 
of the standard emf are summarized i n Tables I V , V , and V I for x = 10,30, and 
50 mass percent monoglyme, together w i t h the standard deviations of the i n ­
tercepts (E°). F o r a0 = 0.6 n m , the values of are entered i n Table IX . 

Table V I I summarizes the results of Eft (on the mole fract ion basis) and E° 
(on the concentration scale), w h i c h have been computed f r o m the relations 

Eft = E ° - (2RT loge 10/F) l o g 1 0 ( k g - m o l - V < M » (7) 

and 

E[? = E ° + (2RT loge 10/F) logic (p°/g-cm-*) (8) 

The mean ionic activity coefficients of hydrobromic ac id at round molalities 
(calculated by means of Equat ion 2) are summarized i n Tables X I , XI I , and XII I 
for x = 10, 30, and 50 mass percent monoglyme. Values of — login y± at round 
molalities f r o m 0.005 to 0.1 m o l - k g - 1 were obtained by interpolating a least 
squares fit to a power series i n m w h i c h was der ived by means of a computer. 
These values at 298 .15°K are compared in F i g u r e 2 w i t h those for hydrochlor ic 
ac id in the same mixed solvent (I) and that for hydrobromic ac id i n water (21). 
The relative partial molal enthalpy ( H 2 — H 2 ) can be calculated f r o m the change 
in the activity coefficient w i t h temperature, but we have used instead the fo l ­
lowing equations: 

E / V = a + b(T/K - 298.15) + c(T/K - 298.15) 2 (9) 

and 

E°/V = a' + b'{T/K - 298.15) + c'(T/K - 298.15) 2 (10) 

The values of the constants in Equations 9 and 10 are not listed, and the experi­
mental values of ( H 2 — H 2 ) for x = 50 were calculated f r o m the equation: 

(H 2 - HJD/caU m o l " 1 = 23061 \(a' - a) + 298.15(fc - b') 

+ (c - c') X (T/K + 298.15)(T/K - 298.15)} (11) 
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Figure 2. Plot of —logio Y ± us. n i 1 / / £ for hydrobromic 
acid in 50 mass percent monoglyme, hydrochloric 
acid in 50 mass percent monoglyme, and hydrobro­
mic acid in water at 298.15°K. The dashed line 
represents the Debye-Huckel limiting slope. 

The values of (H2 — H2) for rounded molalities at 298 .15°K were obtained f r o m 
the plots of (H2 — #2) against m 1 / 2 . T h e smooth curve was d r a w n through al l 
the experimental points; the average deviation f rom the smoothed curve was 15 
cal th m o l - 1 for 50 mass percent monoglyme. These values are presented in Table 
X I V and are higher than those found for hydrochloric ac id i n the same mixed 
solvents (1). The values of (H2 — H2) in aqueous m e d i u m at 298 .15°K are given 
for direct comparison. T h e relative partial mola l heat capacity ( C p — C°) was 
calculated by the fo l lowing formula : 

( C p ~ Cg)/calth K " 1 m o l " 1 = 46122(c - c')T (12) 

The values for these quantities at x = 50 mass percent monoglyme at 298 .15°K 
are summarized in Table X I V and are compared with those for hydrobromic acid 
i n water (21). 
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Discussion 

The values of (on the molal basis) can be expressed by the equations 
obtained by using the least squares method: 

for x = 10, E° = 0.07137 - 4.608 X 10~ 4(* - 25) 

- 2.954 X 10" 6 (* - 25) 2 (13) 

for x = 30 E° = 0.06696 - 6.860 X 10" 4 (* - 25) 

- 8.259 X 10- 6 ( * - 25) 2 (14) 

and, for x = 50, 

E° = 0.05108 - 1.117 X 10" 3 (* - 25) - 1.618 X 10" 6 (* - 25) 2 (15) 

The standard deviations of regression between the experimental data and the 
values obtained f r o m the above equations are 0.03, 0.03, and 0.12 m V for x = 
10, 30, and 50 mass percent monoglyme, respectively. 

Some comments should be made i n regard to the arbitrary choice of the 
ion-size parameter, A 0 , i n the determination of E ^ . The suitability of the value 
of the ion-size parameter was based on the standard deviation for regression of 
the experimental E 0 / in Equat ion 6 as a funct ion of m using a0 equal to 0.2, 0.4, 
0.6, and 0.8 n m , successively. Table VI I I indicates that a0 = 0.6 n m gives the 
best linear fit, and consequently a0 = 0.6 n m was used at a l l temperatures. It 
should be mentioned, however, that the standard deviation of regression is not 
a reliable guide to the best choice of the ion-size parameter. 

W e are concerned here wi th the solvent effects on the equi l ibr ium behavior 
of acids and bases in dipolar aprotic solvents, such as monoglyme i n x = 10, 30, 
and 50 mass percent mixed solvent compositions. The fo l lowing reaction is of 
particular interest i n such a study: 

V2 H 2 + A g B r <=± H B r (in 10, 30, and 50 mass percent monoglyme) + A g 
(ID 

The standard thermodynamic functions for the transfer process: 

H B r (in H20) = H B r (in respective monoglyme compositions) 

can be derived f r o m the standard emf E ° of the cell i n water (15) and i n water 
+ 10, + 30, and + 50 mass percent monoglyme, together w i t h the change of E ° 
with the temperature. The thermodynamic constants for the transfer f rom water 
to the mixed solvents of various compositions can be der ived by the relations 

and 

A G ? — F ( E N W EN), 

AS? = - d A G ? / d T , 

A H ? = A G ? + T A S ? , 

(16) 

(17) 

(18) 
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0.4 -

0.2 HCI 

AG? 
(kcal) 

> 

u 

-0.2 HBr 

, i 
0 1 „ 2 3 

l / € x l O 

Figure 3. Plots of A G ? vs.l/e at 298.15°K for 
hydrochloric acid and hydrobromic acid in 
monoglyme-water mixtures 

where the subscript w refers to water and the transfer funct ion is indicated by 
the subscript t. The values of A G ? and related thermodynamic functions are 
listed in Table X V on the mole fraction basis. The transfer entropy AS? can be 
obtained by the application of Equat ion 17 to the temperature variation of E ° 
i n water as wel l as i n the respective mixed solvent compositions. T h e thermo­
dynamic quantities refer to transfers between H B r (in H2O) and H B r (in 10,30, 
and 50 mass percent monoglyme) when each is i n its standard state on the mole 
fraction basis, which is used to eliminate any energy changes due to concentration 
changes. The Gibbs energy of transfer is an important index of the differences 
in interactions of the ions (for example, H + and Br~) and the solvent molecules 
in the two different media. T h e values of A H ? are the same on each scale (i.e., 
molality and mole fraction), but those of A G ? and AS? became larger on the molal 
scale. F o r x = 10, the value of A G ? = —7 c a l - m o l - 1 , compared w i t h —106 cal -
m o l - 1 on the mole fraction scale. The difference i n free energy between the 
two scales can be calculated by the equation (16) 

2 R T l o g e M / M H 2 o (19) 

where M H 2 O indicates the molecular weight of water. T h e values of A G ? 
(298.15°K) appear to be negative for x = 10,30, and 50 mass percent monoglyme. 
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13. ROY E T A L . Hydrobromic Acid 229 

Thus hydrobromic ac id is more strongly stabilized i n monoglyme 4- water mix­
tures than in water. Moreover, the negative values of A G ? for the experimental 
mixed solvent compositions support the view that water is less basic than the mixed 
solvents, if it is assumed that the hydrat ion of a larger bromide ion i n aqueous 
solution is negligible, although our data indicates that the hydrat ion number of 
chloride i n aqueous solution might not be zero (22). 

Since anions are m u c h less solvated i n dipolar aprotic solvents (23) than i n 
water, the hydrogen ion w i l l be more highly solvated in the mixed solvent because 
it is preferentially solvated by monoglyme i n the monoglyme-water mixtures 
rather than in the pure aqueous medium. The selective solvation is an important 
factor in an understanding of solute-solvent interactions in mixed solvent systems. 
Unfortunately, the detailed compositions of the p r i m a r y solvation shell and the 
secondary mode of solvation ( ion-dipole interaction) i n m i x e d solvents are not 
yet clearly understood. 

The error i n A G ? for al l the solvent compositions may be estimated to be 
within ± 8 c a l - m o l - 1 . In Figure 3, it is interesting to note f r o m the plots of A G ? 
against 1/e for H C l (6) and H B r i n the monoglyme-water mixtures, that for H B r 
the curve is parabolic, whereas for H C l it is exponential. 

Mass% Monoglyme 

Figure 4. Plots of the various thermodynamic 
functions of hydrobromic acid vs. mass percent 
monoglyme in 10, 30, and 50 mass percent 

monoglyme-water mixtures at 298.15°K 
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•2 1 ' ' 1 
0 20 40 60 

M a s s % M o n o g l y m e 

Figure 5. Plots of the various thermodynamic 
functions of hydrochloric acid vs. mass percent 
monoglyme in 10, 30, and 50 mass percent 

monoglyme-water mixtures at 298.15°K 

As can be seen f r o m Table X V , the transfer enthalpy and entropy for x = 
10 appear to be positive at al l temperatures. T h e positive entropy of transfer 
of H B r f rom water to monoglyme-water can probably be attributed to a greater 
structure breaking by H B r i n monoglyme-water than i n water. Consequently, 
the degree of solvent orientation is less when x = 10 than i n aqueous m e d i u m . 
The structure-breaking process by hydrobromic acid when x = 10 is endothermic. 
The negative values of A H ? and AS?, for x = 30 and 50 suggest than whe n 
monoglyme is added to a highly polar water molecule, the mixed solvent becomes 
less associated than pure water itself. Thus, the net amount of order created by 
both ions, the hydrogen ion and the bromide ion, is more i n the m i x e d solvent 
than in water. H y d r o b r o m i c ac id thus "breaks d o w n more structure" (24) i n 
pure water than i n monoglyme + water mixtures. 

Figures 4 and 5 show the experimental points of A G ? , A H ? , and — T A S ? for 
hydrobromic acid, and A G ? , A H ? , and T A S ? for hydrochloric acid, as a function 
of mass percent monoglyme at 298 .15°K, respectively. A l l structure-breaking 
processes, including desolvation of the ions, are endothermic. In Figure 4, A H ? 
shows the endothermic peak i n the water-rich region, wi th a m a x i m u m at about 
x = 10. In the monoglyme-r ich region, the values of — T A S ? are predominant, 
whereas for A G ? , the graph is almost linear. T h e process becomes exothermic 
before the monoglyme concentration reaches 20 mass percent. As can be seen 
f r o m F igure 5, the plot of A G ? for the transfer of hydrochloric ac id f r o m water 
to monoglyme-water is almost linear and positive, w h i c h is just the opposite of 
that for hydrobromic acid. O n e reason for this anomalous behavior could be 
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13. ROY E T A L . Hydrobromic Acid 231 

the greater hydrat ing power of the chloride ion as opposed to the bromide ion. 
The values of T A S ? and A H ? show a trend similar to that for hydrobromic 
acid. 

F i n a l l y , it is important to note f r o m F igure 1 and Table X that the value of 
the dielectric constant of pure monoglyme at 298 .15°K is 7.20, as compared to 
the literature value of 7.20 (25). F igure 1 also points out the interesting point 
that there is a m a x i m u m at x = 20. This means that the polarity of the m i x e d 
solvent at x = 20 is enhanced, possibly because of the extensive hydrogen bonding. 
It may be expected that a monoglyme molecule w i l l induce a water molecule 
at close proximity and act over a series of water molecules, so that there w i l l be 
displacements of charges. As a result, the water molecules attached to mono­
glyme w i l l be more basic than those i n pure water. The fo l lowing diagrams 
should provide more insight w i t h regard to the changes i n the structural aspects 
of the solvent. 

The seven-membered hydrogen-bonded picture might play an important 
role i n an explanation of the present case, just as the staggered f o r m may also be 
significant. S imilar studies on 1,1-dimethoxymethane-water and 1,3-dim-
ethoxypropane-water mixtures are being actively pursued i n an effort to sub­
stantiate the above-mentioned view. 

The activity coefficients of hydrobromic acid in the mixed solvents are lower, 
as expected, than those in water (20). H y d r o b r o m i c acid completely dissociates 
in the mixed solvents (e = 49.5 at 298 .15°K for the 50 mass percent monoglyme) 
under investigation. Figure 2 clearly indicates that at a particular molality, the 
stoichiometric activity coefficient of hydrochloric ac id is lower than that of hy­
drobromic acid i n the same mixed solvent, and the heat capacity changes ( C p 

— Cp) also suggest that there are no ion-pair formations. 
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Appendix 

Table I. Electromotive Force E of the cell: Pt/H2(g)/HBr(m) in 
from 278 .15° 

T/K-273.15 
(m/mo I kg~l) 

0.10000 
0.09000 
0.08000 
0.07000 
0.06000 
0.05000 
0.04000 
0.03000 
0.02000 
0.01000 

5 

0.19765 
0.20262 
0.20816 
0.21424 
0.22172 
0.23004 
0.24022 
0.25365 
0.27236 
0.30440 

10 

0.19797 
0.20301 
0.20867 
0.21487 
0.22235 
0.23082 
0.24105 
0.25483 
0.27386 
0.30649 

15 

0.19859 
0.20364 
0.20932 
0.21562 
0.22325 
0.23167 
0.24228 
0.25609 
0.27530 
0.30847 

20 

0.19847 
0.20359 
0.20951 
0.21551 
0.22356 
0.23210 
0.24279 
0.25689 
0.27649 
0.31028 

25 

0.19840 
0.20357 
0.20955 
0.21575 
0.22378 
0.23242 
0.24321 
0.25760 
0.27754 
0.31192 

Table II. Electromotive Force E of the cell: Pt/H2(g)/HBr(m) in 
from 278.15° 

T/K-273.15 
(mlmol kg-') 5 10 15 20 25 

0.10000 0.19838 0.19862 0.19856 0.19794 0.19694 
0.09000 0.20327 0.20348 0.20347 0.20286 0.20185 
0.08000 0.20835 0.20876 0.20899 0.20820 0.20729 
0.07000 0.21440 0.21478 0.21494 0.21445 0.21357 
0.06000 0.22136 0.22192 0.22212 0.22167 0.22086 
0.05000 0.22953 0.23017 0.23037 0.23016 0.22940 
0.04000 0.23957 0.24033 0.24068 0.24060 0.24005 
0.03000 0.25255 0.25358 0.25415 0.25424 0.25403 
0.02000 0.27088 0.27219 0.27315 0.27346 0.27369 
0.01000 0.30253 0.30441 0.30592 0.30708 0.30779 
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Water +10 Mass Percent Monoglyme/AgBr/Ag at Temperatures T 
to 3 2 8 . 1 5 ° K 

30 35 40 45 50 55 
0.19820 0.19795 0.19747 0.19724 0.19632 0.19585 
0.20343 0.20323 0.20280 0.20260 0.20174 0.20107 
0.20949 0.20928 0.20879 0.20863 0.20763 0.20723 
0.21573 0.21559 0.21551 0.21513 0.21470 0.21438 
0.22392 0.22359 0.22341 0.22335 0.22277 0.22236 
0.23266 0.23278 0.23272 0.23276 0.23231 0.23197 
0.24368 0.24415 0.24397 0.24422 0.24419 0.24387 
0.25809 0.25864 0.25897 0.25912 0.25917 0.25937 
0.27849 0.27929 0.27993 0.28060 0.28088 0.28131 
0.31345 0.31483 0.31606 0.31727 0.31817 0.31915 

Water + 30 Mass Percent Monoglyme/AgBr/Ag at Temperatures T 
to 328 .15°K 

30 35 40 45 50 55 
0.19551 0.19323 0.19170 0.18916 0.18619 0.18351 
0.20048 0.19832 0.19657 0.19413 0.19122 0.18858 
0.20604 0.20394 0.20237 0.19977 0.19694 0.19425 
0.21244 0.21039 0.20887 0.20637 0.20363 0.20121 
0.21966 0.21798 0.21633 0.21407 0.21133 0.20873 
0.22844 0.22683 0.22541 0.22303 0.22057 0.21791 
0.23926 0.23784 0.23651 0.23437 0.23199 0.22944 
0.25343 0.25220 0.25095 0.24903 0.24681 0.24442 
0.27343 0.27238 0.27156 0.26997 0.26799 0.26584 
0.30807 0.30786 0.30735 0.30642 0.30508 0.30330 
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T a b l e I I I . E l e c t r o m o t i v e F o r c e E o f t h e c e l l : P t / H 2 ( g ) / H B r ( m ) i n 
f r o m 2 7 8 . 1 5 ° 

T/K-273.15 
(mlmol kg-1) 

0.10000 
0.09000 
0.08000 
0.07000 
0.06000 
0.05000 
0.04000 
0.03000 
0.02000 
0.01000 

5 

0.20289 
0.20729 
0.21222 
0.21836 
0.22442 
0.23232 
0.24195 
0.25436 
0.27212 
0.30262 

10 

0.19993 
0.20447 
0.20946 
0.21578 
0.22206 
0.22991 
0.23969 
0.25256 
0.27057 
0.30150 

15 

0.19707 
0.20162 
0.20663 
0.21311 
0.21953 
0.22750 
0.23744 
0.25029 
0.26865 
0.30030 

20 

0.19320 
0.19782 
0.20299 
0.20958 
0.21609 
0.22452 
0.23462 
0.24784 
0.26638 
0.29875 

25 

0.19130 
0.19587 
0.20110 
0.20762 
0.21402 
0.22239 
0.23264 
0.24592 
0.26467 
0.29738 

T a b l e I V . D i e l e c t r i c C o n s t a n t e, V a p o r Pressure p , a n d D e n s i t y p° 
S t a n d a r d e m f ( E ° , m o l a l scale) a n d its S t a n d a r d D e v i a t i o n a ( E ° ) 

-273.15 P P° 
e (Torr) (g cm'3) 

5 87.0 16.8 0.9969 
10 88.4 22.6 0.9960 
15 89.7 30.3 0.9951 
20 90.9 39.9 0.9938 
25 92.3 52,5 0.9922 
30 93.5 67.7 0.9904 
35 94.7 86.8 0.9885 
40 96.1 111.4 0.9864 
45 97.1 139.9 0.9840 
50 98.4 176.6 0.9816 
55 99.6 217.5 0.9791 

^Torr= (101.325/760)&Pa. 
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Water + 50 Mass Percent Monoglyme/AgBr/Ag at Temperatures T 
to 328 .15°K 

30 

0.18916 
0.19363 
0.19888 
0.20538 
0.21182 
0.22013 
0.23038 
0.24371 
0.26272 
0.29582 

35 

0.18726 
0.19166 
0.19686 
0.20334 
0.20977 
0.21811 
0.22844 
0.24188 
0.26108 
0.29463 

40 

0.18402 
0.18855 
0.19370 
0.20029 
0.20679 
0.21521 
0.22562 
0.23924 
0.25870 
0.29283 

45 

0.17980 
0.18443 
0.18971 
0.19654 
0.20320 
0.21183 
0.22255 
0.23641 
0.25635 
0.29095 

50 

0.17763 
0.18214 
0.18744 
0.19415 
0.20079 
0.20939 
0.22006 
0.23404 
0.25408 
0.28920 

55 

0.17970 
0.18372 
0.18868 
0.19486 
0.20113 
0.20929 
0.21950 
0.23314 
0.25297 
0.28797 

of the Mixed Solvent, Debye—Hiickel Parameters A and B, and the 
in Water + 10 Mass Percent Monoglyme from 278.15° to 328.15°K a 

A B E° o(E°) 
& morVi) (kgV* mot1/* cm-1) (V) (mV) 
0.4839 0.3228 0.07939 0.06 
0.4598 0.3172 0.07759 0.07 
0.4383 0.3121 0.07574 0.07 
0.4180 0.3071 0.07364 0.12 
0.3981 0.3020 0.07137 0.11 
0.3805 0.2973 0.06898 0.11 
0.3637 0.2927 0.06647 0.08 
0.3473 0.2880 0.06375 0.05 
0.3332 0.2838 0.06097 0.08 
0.3188 0.2794 0.05804 0.06 
0.3056 0.2753 0.05503 0.06 
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T a b l e V . D i e l e c t r i c C o n s t a n t e, V a p o r Pressure p , a n d D e n s i t y p° 
S t a n d a r d e m f ( E ° , M o l a l Basis ) a n d its S t a n d a r d D e v i a t i o n cr(E°) 

T P P° 
— -273.15 
K e Ton gem'3 

5 87.1 15.8 0.9967 
10 88.8 24.3 0.9940 
15 90.2 33.1 0.9911 
20 91.7 43.9 0.9882 
25 93.1 58.0 0.9852 
30 94.2 75.6 0.9819 
35 95.8 97.1 0.9788 
40 97.1 125.7 0.9754 
45 98.4 160.9 0.9719 
50 99.8 203.0 0.9683 
55 101.1 253.9 0.9646 

«Torr = (101.325/760)fcPa. 

T a b l e V I . D i e l e c t r i c C o n s t a n t e, V a p o r Pressure p, a n d D e n s i t y p° 
S t a n d a r d e m f ( E ° , M o l a l Basis) a n d its S t a n d a r d D e v i a t i o n a ( E ° ) 

T 
-273.15 P P° 

K e (Torr) (g cm'3) 

5 52.7 58.6 0.9843 
10 51.7 73.0 0.9804 
15 51.2 90.0 0.9761 
20 50.3 110.0 0.9715 
25 49.5 133.4 0.9673 
30 48.8 161.7 0.9629 
35 48.4 193.5 0.9584 
40 47.6 231.6 0.9540 
45 47.0 275.3 0.9494 
50 46.4 323.1 0.9447 
55 45.8 379.9 0.9400 

* T o r r = (101.325/760)&Pa. 
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of the Mixed Solvent, Debye—Hiickel Parameters A and B, and the 
in Water + 30 Mass Percent Monoglyme from 278.15° to 328.15°K* 

A B E° o(E°) 

kg* mol* kg* mot* cm'1 V mV 
0.4832 0.3226 0.07737 0.06 
0.4566 0.3163 0.07542 0.07 
0.4335 0.3106 0.07299 0.08 
0.4119 0.3050 0.07016 0.05 
0.3916 0.2996 0.06696 0.03 
0.3748 0.2949 0.06336 0.04 
0.3561 0.2896 0.05925 0.05 
0.3398 0.2848 0.05487 0.05 
0.3248 0.2802 0.04991 0.03 
0.3101 0.2756 0.04465 0.04 
0.2965 0.2712 0.03896 0.09 

of the Mixed Solvent, Debye—Hiickel Parameters A and B, and the 
in Water + 50 Mass Percent Monoglyme from 278.15° to 328.15°K f l 

A B E° o(E°) 
(kg* mol*) (kg* mortem'1) (V) (mV) 

1.0194 0.4120 0.07271 0.05 
1.0206 0.4116 0.06754 0.06 
1.0071 0.4092 0.06221 0.05 
1.0053 0.4083 0.05660 0.06 
0.9997 0.4070 0.05103 0.03 
0.9938 0.4056 0.04527 0.01 
0.9807 0.4031 0.03993 0.02 
0.9799 0.4024 0.03393 0.03 
0.9726 0.4008 0.02813 0.03 
0.9650 0.3991 0.02210 0.01 
0.9592 0.3976 0.01631 0.04 
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Table VII . Standard emf's E ° of the Cell in 

-273.15 
x = 10 x = 30 

-273.15 
E°c/V E°CIV 

5 0.07924 -0 .10916 0.07721 
10 0.07739 - 0 . 1 1 4 3 5 0.07513 
15 0.07550 -0 .11958 0.07255 
20 0.07333 - 0 . 1 2 5 0 7 0.06956 
25 0.07097 - 0 . 1 3 0 7 3 0.06619 
30 0.06848 - 0 . 1 3 6 5 1 0.06241 
35 0.06586 - 0 . 1 4 2 4 1 0.05811 
40 0.06301 - 0 . 1 4 8 5 2 0.05353 
45 0.06009 - 0 . 1 5 4 6 9 0.04835 
50 0.05701 - 0 . 1 6 1 0 1 0.04286 
55 0.05385 - 0 . 1 6 7 4 1 0.03692 

a Reference 15. 

Table VIII. Values of the Standard Potentials E £ (on the Molal 
Scale) and the Corresponding Variations of the Ion-Size Parameter, 

a\ with the Standard Deviations of a(E I ? l ) /mV for x = 10, 30, and 50 
Mass Percent Monoglyme—Water Mixtures at 2 9 8 . 1 5 ° K 

X -10 X = 30 X = 50 

a0/nm E«mW o{E°m)lmV E^IV o{E°m)jmV E°mlmV o(E°m)lmV 

0.2 0.07094 0.13 0.06654 0.08 0.04827 0.36 
0.4 0.07118 0.11 0.06678 0.05 0.05023 0.12 
0.6 0.07137 0.11 0.06696 0.03 0.05103 0.03 
0.8 0.07154 0.11 0.06713 0.04 0.05167 0.08 

Table IX. Values of the Parameter 0 of Equation 6 for Mixtures of 
Monoglyme with Water (x = Mass Percent Monoglyme) 

T 
273.15 x = 10 x = 30 x = 50 

K 

5 0.256 0,00308 0.0784 
10 0.212 0.0499 0.0897 
15 0.142 0.113 0.0594 
20 0.120 0.145 0.115 
25 0.0773 0.176 0.00914 
30 0.0407 0.207 0.125 
35 0.00631 0.214 0.229 
40 0.0320 0.292 0.263 
45 0.0875 0.334 0.206 
50 0.104 0.371 0.332 
55 0.151 0.467 0.765 

 P
ub

lic
at

io
n 

D
at

e:
 J

un
e 

1,
 1

97
6 

| d
oi

: 1
0.

10
21

/b
a-

19
76

-0
15

5.
ch

01
3

In Thermodynamic Behavior of Electrolytes in Mixed Solvents; Furter, W.; 
Advances in Chemistry; American Chemical Society: Washington, DC, 1976. 



13. ROY ET AL. Hydrobromic Acid 

M o n o g l y m e — W a t e r M i x t u r e s (x = M a s s P e r c e n t M o n o g l y m e ) 

x = 30 x = 50 x = 0" 

E&IV E°CIV Eft, w/V 

- 0 . 1 0 2 0 2 0.07195 -0 .09534 - 0 . 1 1 2 9 2 
- 0 . 1 0 7 2 0 0.06657 - 0 . 1 0 3 5 3 - 0 . 1 1 8 2 7 
- 0 . 1 1 2 8 5 0.06101 - 0 . 1 1 1 8 8 - 0 . 1 2 3 7 3 
- 0 . 1 1 8 9 1 0.05514 - 0 . 1 2 0 5 1 - 0 . 1 2 9 4 1 
- 0 . 1 2 5 3 3 0.04932 - 0 . 1 2 9 1 0 - 0 . 1 3 5 3 2 
- 0 . 1 3 2 1 5 0.04329 - 0 . 1 3 7 8 8 - 0 . 1 4 1 2 7 
- 0 . 1 3 9 4 9 0.03767 -0 .14624 - 0 . 1 4 7 4 5 
- 0 . 1 4 7 0 9 0.03139 - 0 . 1 5 5 2 6 - 0 . 1 5 3 6 5 
- 0 . 1 5 5 2 8 0.02528 - 0 . 1 6 4 0 9 - 0 . 1 6 0 0 9 
- 0 . 1 6 3 7 7 0.01893 -0 .17314 -0 .16664 
- 0 . 1 7 2 6 8 0.01281 -0 .18195 - 0 . 1 7 3 4 1 

T a b l e X. D i e l e c t r i c C o n s t a n t e i n W a t e r + 70 M a s s P e r c e n t 
M o n o g l y m e , W a t e r + 90 M a s s P e r c e n t M o n o g l y m e , a n d i n 

P u r e M o n o g l y m e f r o m 278.15° t o 328 .15°K 

T e 
--273.15 
K x = 70 x = 90 x = 100 

5 33.41 14.83 8.00 
10 32.14 14.38 7.73 
15 30.23 14.01 7.58 
20 29.59 13.60 7.37 
25 28.50 13.20 7.20 
30 27.42 12.85 7.03 
35 26.44 12.60 6.85 
40 25.47 12.28 6.71 
45 24.81 11.94 6.55 
50 23.93 11.62 6.41 
55 23.10 11.36 6.27 
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Table X I . Activity Coefficients 7+ of Hydrobromic A c i d in 10 Mass 
Percent Monoglyme 

7± 

T/K-273.15 
(m/mol kg-1) 5 15 25 35 45 55 

0.005 0.935 0.940 0.945 0.948 0.951 0.954 
0.01 0.915 0.921 0.926 0.931 0.934 0.938 
0.02 0.893 0.898 0.904 0.909 0.912 0.915 
0.03 0.879 0.883 0.890 0.894 0.896 0.899 
0.04 0.870 0.873 0.879 0.882 0.883 0.886 
0.05 0.863 0.865 0.870 0.873 0.872 0.874 
0.06 0.858 0.858 0.863 0.865 0.863 0.864 
0.07 0.855 0.853 0.857 0.858 0.855 0.855 
0.08 0.852 0.849 0.852 0.852 0.847 0.846 
0.09 0.850 0.845 0.847 0.846 0.840 0.838 

Table XII . Activity Coefficients 7+ of Hydrobromic A c i d in 30 
Mass Percent Monoglyme 

T/K-273.15 
(m/mol kg) 5 15 25 35 45 55 

0.005 0.933 0.938 0.943 0.947 0.950 0.952 
0.01 0.910 0.916 0.922 0.927 0.930 0.932 
0.02 0.882 0.888 0.895 0.901 0.903 0.904 
0.03 0.864 0.869 0.875 0.882 0.882 0.881 
0.04 0.849 0.854 0.860 0.866 0.865 0.862 
0.05 0.838 0.841 0.846 0.853 0.850 0.845 
0.06 0.828 0.830 0.835 0.841 0.836 0.829 
0.07 0.819 0.820 0.824 0.830 0.823 0.815 
0.08 0.812 0.810 0.814 0.819 0.811 0.801 
0.09 0.805 0.802 0.805 0.810 0.800 0.787 
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Table XIII. Activity Coefficients 7+ of Hydrobromic A c i d in 50 
Mass Percent Monoglyme 

7± 

T/K-273.15 
(m/molkg-1) 5 15 25 35 45 55 

0.005 0.867 0.868 0.868 0.868 0.870 0.865 
0.01 0.827 0.829 0.828 0.827 0.829 0.820 
0.02 0.782 0.783 0.782 0.777 0.779 0.761 
0.03 0.753 0.754 0.752 0.744 0.746 0.720 
0.04 0.732 0.733 0.730 0.718 0.721 0.688 
0.05 0.716 0.716 0.712 0.698 0.701 0.660 
0.06 0.702 0.703 0.698 0.680 0.684 0.636 
0.07 0.691 0.691 0.685 0.665 0.669 0.614 
0.08 0.682 0.682 0.674 0.651 0.656 0.594 
0.09 0.673 0.673 0.665 0.639 0.644 0.576 

Table X I V . Relative Partial Molal Enthalpy (//, - H2°) and Relative 
Partial Molal Heat Capacity (Cp - Cp°) of H B r in 50 Mass Percent 

Aqueous Monoglyme and in Water at 2 9 8 . 1 5 ° K (cal^ = 4.184/) 

m(HBr)/mol kg~l 0.02 0.03 0.04 0.05 0.06 0.07 0.08 0.09 0.1 

(H2-H2°)/ca\th m o l " 1 

50 Mass percent 52 142 225 297 368 445 508 580 675 
monoglyme 

Water* 85 - - 124 - - - - 163 

( C p - C p ° ) / c a l t h K - 1 m o l -

50 Mass percent 2.3 3.8 5.7 8 10.1 12.4 15 18 20.6 
monoglyme 

Water* 1.5 — — 2.2 — — — — 2.9 

* Reference 20. 
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Electrolytic Conductance of Lithium 
Bromide in Acetone and Acetone­
-Bromosuccinic Acid Solutions 

CHARLES W. JONES1 and CLARENCE M. CUNNINGHAM 

Oklahoma State University, Stillwater, Okla. 74074 

The Fuoss-Onsager-Skinner equation satisfactorily describes 
the electrolytic conductance of lithium bromide in acetone. 
Values of 198.1 ± 0.9 Ω - 1 cm2 eq-l and (3.3 ± 0.1) X 103 are 
established for Λo and K A , respectively, at 25°C; furthermore, 
a value of 2.53 Å is obtained for the sum of the ionic radii (a). 
When bromosuccinic acid is added to 10-5 N lithium bromide 
in acetone, there is a decrease in the specific conductance of 
lithium bromide rather than the increase that is observed at 
higher concentrations. As the concentration of bromosuccinic 
acid is increased, the values obtained for Λ ο and KA decrease, 
while those for a increase when the bromosuccinic acid and ac­
etone are considered to constitute a mixed solvent. These re­
sults do not permit any simple explanation. When bromosuc­
cinic acid and acetone are considered a mixed solvent, the 
Fuoss-Onsager-Skinner theory does not describe the system. 
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14. JONES AND CUNNINGHAM Electrolytic Conductance 245 

and the work of C u n n i n g h a m and co-workers. T h e experimental portion con­
sisted of measuring the electrical resistance, at 25° C , of solutions of vary ing 
amounts of l i t h i u m bromide in acetone, l i t h i u m bromide i n bromosuccinic ac id 
and acetone, and l i t h i u m bromide i n d i m e t h y l bromosuccinate and acetone. 

This is an extremely complicated system for such a study, inasmuch as it is 
a three-component system consisting of an ionophore ( l i th ium bromide) and an 
ionogen (bromosuccinic acid) i n a smenogenic solvent (acetone). Further , the 
solvent has a high af f ini ty for water and a comparatively h igh vapor pressure 
at 25°C . 

In 1962 Fuoss and Onsager began a revision of their treatment of the con­
ductance of symmetrical electrolytes. In their first paper they considered the 
potential of total force; i n the second, the relaxation f ie ld ; i n the th ird , electro­
phoresis; and in the fourth, the hydrodynamic and osmotic terms in the relaxation 
f ie ld (1,2,3,4). In 1965 Fuoss, Onsager, and Skinner (5) combined the results 
of the four papers and formulated a general conductance equation: 

A = A 0 - S c ^ V 7 2 + E'cyln (r2y) + Ley - KAcyf±2A (2) 

where A is the equivalent conductance, AQ is the equivalent conductance at i n ­
finite di lut ion, c is the normal concentration, y is the fraction of electrolyte ex­
isting as free ions, K A is the association equi l ibr ium constant, /± is the mean ionic 
activity coefficient, 

S = a A 0 + 0 (3) 

E ' = E i ' A o - E 2 ' (4) 

r = (6E/C) 1 / 2 (5) 

and 

L = 3 .202E/A0 - 3 . 420E 2 ' + a/3 + 2 E i ' A 0 ( 2 f c - 1 + 2b~2 - fo"3) 

+ 4 4 f o - 1 E 2
, / 3 - 2 E , l n b (6) 

Substitution of numerica l values for physical constants yields the fo l lowing 
equations for 1:1 electrolytes, i n terms of the sum of the ionic radi i , a (in ang­
stroms); the dielectric constant, D ; the absolute temperature, T ( in Ke lv in) ; and 
the viscosity, v (in poise): 

a = 8.205 X 1(F(DT)~S/2 (7) 

|8 = 82 .497 7 " 1 (DT ) - 1 / 2 (8) 

b = 1.671 X 10~*(aDT)-1 (9) 

K A = 2.523 X 102ia 3 exp (b) (10) 

E i ' = 2.943 X 1 0 1 2 ( D T ) " 3 (11) 

E 2 ' = 4.333 X I07rj-1(DT)-2 (12) 
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and /± = exp[-8 .404 X 1 0 6 ( c 7 ) 1 / 2 ( D T ) " 3 / 2 ] (13) 

These equations may be used i n conjunction w i t h Equations 3, 4, 5, and 6 for 
evaluating Equat ion 2. 

Olson and C u n n i n g h a m (6) found that the specific conductance of 0.01m 
l i thium bromide in acetone was increased by 30% when sufficient bromosuccinic 
acid, was added to make the solution 0.2m w i t h respect to the acid. W h e n d i ­
methyl bromosuccinate was added i n l ieu of bromosuccinic acid, the specific 
conductance was diminished by 6%; and when l i th ium perchlorate was substituted 
for l i thium bromide, the specific conductance decreased linearly as bromosuccinic 
acid was added. These observations motivated C u n n i n g h a m and his co-workers 
to continue work i n the f ie ld . 

Bjornson (7) investigated the electrolytic conductance of systems consisting 
of l i t h i u m halides and some carboxylic acids i n acetone to determine the effect 
of the addit ion of successive increments of acid. H e found that such additions 
were usually accompanied by an anomalous rise i n specific conductance. B y 
means of a Fuoss (8,9) plot he obtained values of 2.13 X 1 0 " 4 and 196.012 _ 1 c m 2 

e q - 1 for K D (the reciprocal of K A ) and Ao, respectively, for l i t h i u m bromide i n 
acetone. H e suggested that in the l i thium bromide-bromosuccinic acid-acetone 
system, bromosuccinic acid is a stronger ac id than hydrogen bromide, and hy­
drogen bromide would be formed. Bailey (10) applied the same method to the 
hydrogen bromide-acetone system, and derived values of 1 X 1 0 " 6 and 110-120 
ft-1 c m 2 e q - 1 for K D and Ao, respectively, for hydrogen bromide i n acetone. 
M u l l e r (11) measured viscosities, densities, and dielectric constants of solutions 
composed of l i thium bromide and some carboxylic acids i n acetone. M a h a n (12) 
also made density measurements on solutions of l i t h i u m bromide i n acetone. 

A value for the equivalent conductance at inf ini te d i lu t ion for l i t h i u m 
bromide in acetone was first calculated i n 1905 by Dutoi t and L e v i e r (13) for 
18°C: 166 Q~l c m 2 e q " 1 . A graphical method involv ing Ostwald's d i lut ion 
law ( A - 1 = A 0

_ 1 + c A / K D A 0
2 ) , applied to their data i n 1913 by Kraus and Bray 

(14), produced values of 5.7 X 1 0 " 4 for K D and 165 S T 1 c m 2 e q - 1 for A 0 . D e ­
viations from the mass action law (nonlinearity in the graph) become appreciable 
at concentrations of ca. 1 0 ~ 3 N . Both groups pointed out that measurements i n 
acetone are liable to error f r o m several sources, inc luding the presence of solvent 
impurities and exposure to light. A solvent correction of 21% was applied to their 
most dilute solution. 

In 1910 Serkov (15) determined the conductance of several salts ( including 
l i t h i u m bromide) at 25 ° C i n water, methanol, ethanol, acetone, and binary 
mixtures of these solvents, reporting a value of 144 Q~l c m 2 e q " 1 for Ao for 
l i t h i u m bromide i n acetone. H e found that, unl ike the other mixtures, acetone 
solutions exhibit no parallelism between conductance and fluidity, and concluded 
that when the surveyed ionophores are dissolved i n acetone, the complexity of 
the solvates formed increases as AQ for the ionophores decreases. 
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In 1939 D i p p y , Jenkins, and Page (16) found that the phoreogram for l i thium 
bromide in acetone at 2 5 ° C contains an inflect ion point, and they were unable 
to get AQ by extrapolation. Inspection of their phoreogram indicates, however, 
that A 0 is nearer Serkov's value than that of Kraus and Bray. T h e y noted that 
although different batches of acetone had different specific conductances, the 
data points of the phoreogram lay u n i f o r m l y on a smooth curve. This they 
considered evidence of the adequacy of the solvent correction employed. 

Reynolds and Kraus (17) obtained conductance for 14 salts i n acetone at 
25 °C, and used the Fuoss method to calculate their equivalent conductances at 
inf inite di lut ion. A m o n g the salts were te t ra -n-buty lammonium fluorotr i -
phenylborate, te t ra -n-butylammonium picrate, l i t h i u m picrate, and tetra-n-
b u t y l a m m o n i u m bromide. T h e y then derived ionic equivalent conductances 
at infinite dilution by the method of Fowler (18) using tetra-n-butylammonium 
fluorotriphenylborate as the reference electrolyte and obtained a value of 188.7 
Q~l c m 2 e q - 1 for Ao for l i t h i u m bromide. 

In 1953 Olson and Konecny (19) studied the conductance of l i th ium bromide 
in acetone-water mixtures at 2 5 ° C and 3 5 ° C . T h e y calculated K D and Ao i n 
the acetone-rich solvents by the Fuoss method and Ao i n the water-r ich solvents 
by extrapolation of the phoreogram. They found that as the water content i n ­
creases: K D increases, A 0 decreases but then undergoes an increase, and a i n ­
creases f r o m slightly less than the sum of the crystal ionic rad i i to the sum of the 
radii of the ful ly hydrated ions. Extrapolation of their data for A 0 to zero water 
content is not reliable because of the large concave u p w a r d negative slope; 
however, it would appear to lead to a value of about 220 ft"1 c m 2 e q - 1 . Similar 
extrapolations of values for K D and a y ie ld 2.0 X 10~ 4 and 2.2 A , respectively. 

T w o years later Nash and M o n k (20) also measured conductances at 2 5 ° C 
using aqueous acetone (12.5 wt % water) as the solvent. F o r K D they obtained 
values of 1 X 10~ 3 and 6 X 10~ 3 for l i t h i u m bromide and hydrogen bromide, 
respectively, by the Davies (21) method and 101.1 Q " 1 c m 2 e q - 1 and 117.1 Q " 1 

c m 2 e q " 1 for A 0 for l i t h i u m bromide and hydrogen bromide, respectively, by 
the Fuoss method. 

A more recent study using dry acetone and acetone-water mixtures was 
reported by Nilsson and Beronius (22). For acetone containing 0.005% by weight 
they found A 0 , K A , and a to be 195.0 Q " 1 c m 2 e q " 1 , 4202, and 9.3 A , respectively. 
A l l three of these parameters were found to decrease as the concentration of water 
was increased. T h e y suggest that the change i n these parameters is a result of 
the strong solvation of the salt by the water. Nilsson (23) conducted similar 
studies on acetone and methanol mixtures and noted similar results. 

Experimental 

Reagents. Several batches of very nearly anhydrous acetone were prepared 
by the method of H o w a r d and Pike (24). A t w o - d m 3 borosilicate flask containing 
about 1.5 d m 3 of acetone (Fisher certified ACS) and 200-250g of %6-in. synthetic 
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zeolite pellets (L inde T y p e 5 A molecular sieve) was stoppered and stored i n a 
dark cabinet for a m i n i m u m of two days, d u r i n g w h i c h t ime the contents were 
swirled and mixed intermittently. It was connected to a Pyrex fractionating 
disti l lation co lumn of approximately 50 theoretical plates and dist i l led w i t h a 
1:1 reflux ratio, the first 2 5 0 - c m 3 fraction being discarded. One batch of dry 
acetone had a specific conductance K of 3 X 10~ 9 c m - 1 and the others 2 X 
10~ 8 fi-1 c m - 1 . The one w i t h the lowest specific conductance was prepared 
f r o m acetone w h i c h had remained in contact w i t h molecular sieves for several 
months. The specific conductance of the disti l led acetone increased upon 
standing even in the borosilicate flask. For this reason all solvents were prepared 
f r o m freshly disti l led acetone. 

The mass spectrum of the bromosuccinic ac id (K & K Laboratories, Inc.), 
a snow-white powder w h i c h melted smoothly i n the range of 1 6 0 ° - 1 6 5 ° C , 
showed no peak corresponding to the parent compound. N o impurit ies could 
be identi f ied; i n particular, there were no peaks corresponding to fragments 
containing two bromine atoms. The mass spectrum for bromosuccinic acid was 
not found i n the literature, but that of the prepared acid was analogous to the one 
for succinic acid, e.g., no parent peak (25). 

D i m e t h y l bromosuccinate was prepared f r o m bromosuccinic ac id by the 
diazomethane method (26) using the procedure of Eisenbraun, Morr is , and 
Adolphen (27). It was disti l led under v a c u u m (0.08-0.1 Torr) at 4 5 ° - 4 9 ° C to 
yield a clear colorless oil. T h i n layer chromatography with benzene as the solvent 
on S i 0 2 y ie lded a symmetrical single spot, indicat ing either a pure compound 
or no separation wi th this particular solvent. Its mass spectrum had a very small 
peak corresponding to the parent compound, but none to a dibromo compound. 
The mass spectrum for dimethyl bromosuccinate was not found i n the literature, 
but that for dimethyl succinate also has a small peak corresponding to the parent 
compound (25). 

Reagent grade anhydrous l i t h i u m bromide powder (Matheson, C o l e m a n 
and Bell) was used after d r y i n g i n a vacuum oven at 1 0 0 ° - 1 2 0 ° C . Potassium 
chloride (Fisher certif ied A C S ) was dr ied at 1 1 0 ° C and used to calibrate the 
conductance cell . De ionized water f r o m the laboratory supply was p iped d i ­
rectly into a Pyrex glass still (Corning model A G - l a ) and disti l led into a poly­
ethylene vessel, where it was kept unt i l needed. The specific conductance of 
the water was 1 X 10~ 6 ft"1 c m - 1 . 

Apparatus. A l l electrical resistances were measured w i t h an electrolytic 
conductivi ty bridge (Leeds and N o r t h r u p model 4666) w h i c h was constructed 
according to specifications set forth by Jones (28) and described by D i k e (29). 
The audio-frequency source was a General Radio Co. type 1311-A audio oscillator 
used with the frequency regulated at 1000 H z and the output at about 5 V . The 
detector circuit consisted of a high-gain low-noise tuned ampl i f i e r and n u l l de­
tector (General Radio Co. type 1232-A) and an oscilloscope (Heathkit model O - l l ) ; 
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the input and output transformers were Leeds and Northrup models 019200 and 
019201, respectively. 

The conductance cell employed was used i n an oil bath maintained at 25.00 
± 0.01 °C. It was a di lut ion cel l modi f ied f r o m the design of Shedlovsky (30), 
who incorporated the recommendations of Jones and Boll inger (31). T h e cell 
bulb was almost spherical and the electrodes were vertical parallel circular plates 
ca. one m m apart, with their centers aligned on an axis perpendicular to the planes 
of the plates. The diameter of each electrode was ca. four c m . T h e bulb had 
a glass tube leading f r o m the top, the tube having a Te f lon stopcock so as to 
el iminate the need for stopcock grease. (Stopcock grease contamination was 
a major source of trouble prior to use of the Teflon.) The di lut ion bulb—100 
c m 3 — h a d an outer 24/40 standard tapered joint, the top of w h i c h was above the 
top of the cell bulb and fitted w i t h a stopper. A l l the glass (Pyrex) i n the con­
ductance cell was one piece. A 0.01000 demal standard potassium chloride so­
lution, as defined by Jones and Bradshaw (32), was used to calibrate the cell. A 
correction was made for the specific conductance of the water, and the deviation 
in the measured resistance for the standard solution was taken into account. A 
value of 0.017363 ± 0.000007 c m " 1 was obtained for the cel l constant. 

Procedure . Equat ion 1 indicates that it is necessary to determine the 
concentration, resistance, dielectric constant, viscosity, and temperature of the 
system. These data were acquired for f ive different solvent systems. A series 
of measurements, in which the concentration of l i thium bromide was varied from 
about 1 0 ~ 5 N to 1 0 _ 3 N , was made on each system. The solvents used were ace­
tone (I), 0.02063m bromosuccinic acid i n acetone (II), 0.05009m bromosuccinic 
acid in acetone (III), 0.09958m bromosuccinic acid in acetone (IV), and 0.05047m 
dimethyl bromosuccinate i n acetone(V). Each solvent was used to prepare stock 
solutions of 10~ 2 and 1 0 ~ 3 m l i th ium bromide. A l l mixed solvents and solutions 
were prepared i n the d r y box. 

For each series of measurements about 50 g of solvent was transferred 
quantitatively in the dry box to the cel l by pour ing it into the d i lut ion bulb; this 
was the m i n i m u m amount required to f i l l the cel l bulb. T h e cel l was removed 
from the dry box, placed in the oil bath, and connected to the bridge. T i m e was 
allowed for the attainment of thermal equi l ibr ium; then at least three resistance 
measurements were made at f i v e - m i n intervals, and the average value was cal­
culated. The cell was removed f r o m the bath and returned to the dry box. 
Dilute stock solution was quantitatively added to the cell by means of a weighing 
buret. T h e contents of the cell were carefully mixed, and the resistance of the 
solution was measured as before. The procedure just described was repeated 
several times wi th the dilute stock solution and then wi th the concentrated stock 
solution. About ten concentrations w i t h a hundredfold range were obtained. 
A portion of the f inal solution i n the cel l (the most concentrated solution) was 
removed, and the infrared spectrum taken; no absorption band indicative of traces 
of water was observed at 3600 c m " 1 . It was necessary to obtain the densities of 
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the solution in order to calculate the l i th ium bromide normality. In al l cases the 
density of the l i thium bromide solution was assumed to be the same as the density 
of the solvent. The densities of the solvents were calculated f rom data obtained 
by M u l l e r (11), who found that the density of a solution, p, of m mola l bro­
mosuccinic acid i n acetone is given by the equation 

p = p 0 ( l + 0.129m) (14) 

in which po is the density of acetone. The molality and normality of each solution 
were then calculated. 

The viscosities of the acetone-bromosuccinic ac id m i x e d solvents were de­
rived f rom the Jones-Dole (33) equation and data acquired by Mul ler , who used 
the special viscometer described by T u a n and Fuoss (34). T h e values used for 
the viscosities (in poise) of solvents I - V were 3.02 X 1 0 " 3 , 3.05 X 10~ 3 , 3.08 X 
1 0 " 3 , 3.13 X 1 0 " 3 , and 3.02 X 1 0 " 3 , respectively. The literature value for the 
dielectric constant of acetone, 20.7, was used as the dielectric constant for each 
solvent. This is justified because at the highest concentration of bromosuccinic 
ac id its mole fraction is less than 0.004. 

Results 

The experimental results are summarized for each series (the series numbers 
correspond to the respective solvent numbers) i n Table I. T h e first c o l u m n is 
simply for reference, and the second is the normality of the l i th ium bromide. The 
third column gives the experimental equivalent conductance as calculated f r o m 
the corrected specific conductances. 

A computer program for the solution of the F O S equation, w h i c h is a 
modif icat ion of the method of Fuoss, Onsager, and Skinner (5), was wri t ten i n 
Fortran IV and executed on an I B M System 360/50 (Operating System—H Level) 
computer. The program uses the method of W e n t w o r t h (35) for least-squares 

T a b l e I. 

c x 10s 

Point N 

Series I 
1 
2 
3 
4 
5 
6 
7 
8 
9 

1.262 
2.650 
5.160 
8.644 

13.40 
19.56 
30.83 
53.84 
92.96 

E x p e r i m e n t a l R e s u l t s a n d F u n c t i o n s C a l c u l a t e d 
F r o m F O S E q u a t i o n 

A 
(exp) 7 

S E L KA A 
Term Term Term Term (cal) 

(pure acetone, K = 1.825 x 10" 8 cm" 1 ) 
187.0 0.957 2.37 - 0 . 1 8 - 0 . 2 0 7.06 188.33 
180.4 0.930 3.39 - 0 . 3 3 - 0 . 4 2 13.54 180.47 
170.3 0.886 4.62 - 0 . 5 5 - 0 . 7 7 22.99 169.22 
158.6 0.833 5.80 - 0 . 7 9 - 1 . 2 2 32.75 157.59 
146.4 0.777 6.97 - 1 . 0 6 - 1 . 7 6 42.43 145.92 
134.7 0.723 8.12 - 1 . 3 5 - 2 . 3 9 51.49 134.79 
119.6 0.653 9.69 - 1 . 7 7 - 3 . 4 0 62.52 120.77 
101.6 0.569 11.95 - 2 . 4 3 - 5 . 1 7 76.24 102.35 

84.72 0.491 14.58 - 3 . 2 3 - 7 . 7 1 88.56 84.07 

5 A 

1.32 
0.08 

- 1 . 0 8 
- 1 . 0 6 
- 0 . 5 1 

0.05 
1.08 
0.75 

- 0 . 6 6 
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T a b l e I. (continued) 

c x 10\ A S E L KA A 
Point (N) (exp) 7 Term Term Term Term (cal) 5 A 

Series II (0.02063 m bromosuccinic acid, K = 7.701 x 1 0 " 7 f t cm" 1 ) 
1 0.7508 154.6 0.964 1.66 - 0 . 0 9 - 0 . 1 4 1.05 159.25 4.65 
2 1.469 157.2 0.986 2.35 - 0 . 1 6 - 0 . 2 9 2.09 157.30 0.14 
3 3.729 154.4 0.981 3.74 - 0 . 3 6 - 0 . 7 2 4.99 152.38 - 1 . 9 8 
4 5.777 150.8 0.967 4.62 - 0 . 5 1 - 1 . 1 1 7.27 148.69 - 2 . 1 5 
5 8.633 146.3 0.948 5.60 - 0 . 6 9 - 1 . 6 2 10.05 144.24 - 2 . 0 6 
6 11.26 142.5 0.932 6.34 - 0 . 8 4 - 2 . 0 8 12.30 140.65 - 1 . 8 5 
7 22.56 128.3 0.865 8.64 - 1 . 3 7 - 3 . 8 6 19.29 129.04 0.78 
8 34.13 118.6 0.820 10.35 - 1 . 7 9 - 5 . 5 4 24.40 120.11 1.55 
9 55.52 106.1 0.766 12.76 - 2 . 4 3 - 8 . 4 1 31.00 107.60 1.47 

10 96.95 91.18 0.706 16.19 - 3 . 3 7 -13 .55 38.97 90.13 - 1 . 0 5 

Series /// (0.05009 m bromosuccinic acid, K = 1.408 x 10" 6 ft - 1 cm" 1 ) 
1 0.6024 140.9 0.993 1.42 - 0 . 0 7 - 0 . 0 6 0.40 141.51 0.59 
2 1.214 139.3 0.986 2.02 - 0 . 1 2 - 0 . 1 3 0.79 140.42 1.17 
3 3.354 137.5 0.986 3.35 - 0 . 2 8 - 0 . 3 5 2.06 137.43 - 0 . 0 7 
4 5.445 135.7 0.981 4.26 - 0 . 4 2 - 0 . 5 6 3.19 135.04 - 0 . 6 1 
5 8.243 133.2 0.973 5.22 - 0 . 5 9 - 0 . 8 4 4.57 132.25 - 0 . 9 4 
6 10.88 131.0 0.965 5.97 - 0 . 7 3 - 1 . 1 0 5.76 129.92 - 1 . 0 5 
7 22.59 121.6 0.923 8.41 - 1 . 2 4 - 2 . 1 8 9.87 121.76 0.20 
8 36.04 114.1 0.892 10.45 - 1 . 7 1 - 3 . 3 6 13.45 114.51 0.36 
9 59.29 104.3 0.849 13.07 - 2 . 3 5 - 5 . 2 6 17.80 104.98 0.69 

10 100.2 92.79 0.805 16.54 - 3 . 2 4 - 8 . 4 2 22.87 92.41 - 0 . 3 8 

Series IV (0.09958 m bromosuccinic acid, K = 2.590 x 10" 6 ft"1 cm" 1 ) 
1 0.6932 132.0 0.984 1.47 - 0 . 0 7 - 0 . 0 7 0.17 133.97 1.95 
2 1.333 133.3 0.999 2.05 - 0 . 1 2 - 0 . 1 3 0.32 133.11 - 0 . 1 7 
3 2.663 131.0 0.989 2.88 - 0 . 2 2 - 0 . 2 6 0.61 131.76 0.80 
4 5.030 130.5 0.997 3.98 - 0 . 3 7 - 0 . 5 0 1.13 129.76 - 0 . 7 9 
5 8.122 128.8 0.996 5.06 - 0 . 5 5 - 0 . 8 1 1.74 127.59 - 1 . 2 6 
6 10.97 127.4 0.994 5.87 - 0 . 7 0 - 1 . 0 9 2.26 125.82 - 1 . 5 5 
7 23.68 119.9 0.969 8.51 - 1 . 2 5 - 2 . 3 0 4.12 119.56 - 0 . 3 3 
8 37.53 113.3 0.945 10.59 - 1 . 7 2 - 3 . 5 6 5.65 114.22 0.88 
9 61.24 105.8 0.926 13.38 - 2 . 4 0 - 5 . 6 9 7.73 106.55 0.75 

10 105.8 95.38 0.905 17.39 - 3 . 3 7 - 9 . 6 1 10.40 94.97 - 0 . 4 1 

Series V (0.05047 m dimethyl bromosuccinate, K = 1.911 x 10" 7 ft"1 c m - 1 ) ' 
1 0.9796 171.8 0.968 2.01 - 0 . 1 3 - 0 . 5 4 2.21 175.20 3.42 
2 1.642 171.7 0.973 2.61 - 0 . 2 0 - 0 . 9 0 3.67 172.70 1.04 
3 2.573 170.7 0.975 3.27 - 0 . 3 0 - 1 . 4 2 5.62 169.48 - 1 . 2 5 
4 4.155 166.6 0.962 4.12 - 0 . 4 4 - 2 . 2 6 8.55 164.72 - 1 . 9 3 
5 6.549 159.6 0.934 5.10 - 0 . 6 2 - 3 . 4 6 12.20 158.70 - 0 . 8 7 
6 9.2 156 0.924 6.01 - 0 . 8 1 - 4 . 8 1 16.14 152.31 - 3 . 3 4 
7 39.0 111.7 0.742 11.10 - 2 . 0 8 - 1 6 . 3 8 34.46 116.07 4.35 
8 66.4 95.5 0.696 14.03 - 2 . 9 2 - 2 6 . 1 8 43.54 93.41 - 2 . 0 5 
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computation. The details of the program are available f r o m the authors. Table 
I also gives the numerical values of the terms i n the theoretical equation. E a c h 
row shows the values calculated for a given point. 

The constants of the F O S equation are given i n Table II for each series. 
Values of b were calculated f r o m K A and a combination of Equations 9 and 10 
set up for iteration i n the program as follows: 

b n = l n f / 5 1 J ) 3 ] _ 3 l n ( f c ) ( 1 5 ) 

1.2.523 X 1 0 2 1 V 16.71 X 1 0 " 4 / J 

Values of a , expressed i n A , obtained f r o m b and Equat ion 9 are entered i n the 
last column. 

T a b l e I I . C a l c u l a t e d C o n s t a n t s o f F O S E q u a t i o n 
f o r L i t h i u m B r o m i d e 

Series Ao L b a 

I 198.14 ± 0.90 - 1 6 905 ± 8357 3320 ± 145 11.53 2.35 
II 162.20 ± 1.62 - 1 9 781 ± 15 040 982 ± 254 9.83 2.75 

III 143.47 ± 0.50 - 1 0 443 ± 4876 500 ± 84 8.84 3.06 
IV 133.74 ± 0.70 - 1 0 036 ± 6340 195 ± 111 7.34 3.69 

V 180.09 ± 2.54 - 5 6 567 ± 39 330 1433 ± 609 10.37 2.61 

Discussion 

L i t h i u m B r o m i d e i n Acetone. It can be seen f rom Table I that the solvent 
correction for the specific conductance of l i thium bromide in Series I is negligible 
throughout, ranging f r o m 0.025 to 0.76%. The relative standard deviations of 
the calculated constants (the standard deviation of the constant d i v i d e d b y the 
value of the constant) can be computed from data in the first row of Table II; they 
are 0.0045, 0.49, and 0.044 for A 0 , L , and K A , respectively. T h e standard de­
viation for L is especially large; however, this great uncertainty in L is not un­
common for smenogenic solvents. Fuoss, Onsager, and Skinner pointed out that 
"no useful information can be obtained f rom the ion-pair term at high dielectric 
constants nor f rom the linear term at l o w " (5). It should be noted that L and KA 

are not independent variables. If Equat ion 2 is to be considered a theoretical 
equation, it should be solved wi th two adjustable parameters by making K A and 
Ao the adjustable parameters i n solutions of low dielectric constant and L and 
A 0 the adjustable parameters if the dielectric constant of the solvent is high. O f 
course a better fit to experimental data is obtained by m a k i n g K A , L , and Ao 
adjustable parameters. In acetone this changes the values of K A and Ao very 
little; and since others have made three-parameter solutions for this equation, 
the same procedure was fol lowed i n this work. 

Table I shows that y decreases as the concentration increases, w h i c h is ex­
pected and illustrated in Figure 1. A l l the terms listed i n the table diminish the 
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0.4-

0.3-

0 .2- o SERIES I 

A SERIES n 

0.1 - • SERIES m 

0 SERIES 12 

n l i i 11 i 1 i i i i i 11 i i i I 

1 10 100 
c X I 0 5 

Figure 1. Fraction of lithium bromide existing as free 
ions in Solvents I-IV as a function of lithium bromide 

concentration 

equivalent conductance f r o m Ao, and the magnitude of the reduction for each 
term increases wi th concentration. The KA term makes the largest contribution 
to the decrease throughout the entire concentration range and the E term the 
smallest. A t the lower concentrations the E term and L term are of the same 
magnitude, but at the higher concentrations the L term is about double the E 
term. The S term is greater than the L term at all concentrations. The calculated 
and experimental values for A are in good agreement as is shown by 5 A i n Table 
I and the phoreogram i n F igure 2. 

F o r comparison, the data of Bjornson (7) and Dutoi t and Lev ier (13) 
were compi led and r u n through the program. Table III gives the calculated 
constants of the F O S equation for the Bjornson data, as well as the reported values 
of KA and a for Nilsson and Beronius (22). The value for A 0 f r o m Bjornson's 
data is in excellent agreement with the value he obtained from the same data using 
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T 1 1 1 r 

1 1 i i i L -
0 10 20 30 

Jc X I0 3 

Figure 2. Phoreogram of lithium bromide in acetone 
(solvent I) 

the Fuoss method. The relative standard deviation of L is smaller for Series I 
than for the Bjornson data. The value obtained for L w i t h Bjornson's data gives 
a positive contribution f r o m the L term i n the F O S equation, whereas our data 
produce a negative contribution. If, however, L is calculated f r o m Equat ion 
6 w i t h the value procured for b f r o m the experimental K A and Equat ion 10, a 
negative value for L is obtained for both. The relative standard deviation of K A 

reported f r o m the data of Nilsson and Beronius is indeed very small . In fact, 

T a b l e III. C o n s t a n t s o f F O S E q u a t i o n f o r L i t h i u m B r o m i d e 

Data Source A 0 L KA b a 

Nilsson and 195.0 ± 0.02 4202 ± 0.6 9.3 
Beronius 

Bjornson 196.92 ± 4.17 7420 ± 43 880 4755 ± 782 12.0 2.25 
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14. JONES AND CUNNINGHAM Electrolytic Conductance 255 

it is smaller than might be expected f r o m the deviation reported for the values 
for A . However , it should be noted that their experimental data points are at 
concentrations that are an order of magnitude higher than those of Bjornson and 
Series I. This might account for the fact that their AQ and K\ are lower than those 
reported in Table II for Series I. It can be argued that the accuracy of the points 
at very low concentrations is not good, but the theory certainly w o u l d not be 
expected to apply as wel l at higher concentrations. 

It appears that by and large the F O S equation does satisfactorily describe 
the electrolytic conductance of the l i th ium bromide-acetone system. However , 
scrutiny of the last co lumn of Table I shows that the change i n sign for 5 A for 
Series I may not be random. In particular, the most dilute solution has a positive 
and larger value for 5 A than for any other. In the range 5 -10 X 1 0 ~ 5 N l i t h i u m 
bromide, 6 A is negative; it becomes positive as the concentration is increased 
further, but negative again for the most concentrated solution. This is shown 
in the phoreogram in Figure 2 and in itself would not be significant. However , 
the data of Bjornson and of Dutoit and Levier show the same trend. In fact, Kraus 
and Bray (14) rejected the point corresponding to the first row i n Table I. In 
all cases the experimental phoreogram has a greater curvature and inflection than 
the calculated phoreogram. T h e calculated phoreogram is h i g h for the very 
dilute solution and low for the more concentrated solutions; it has a less negative 
slope at the point of inflection. This same pattern is observed for Series I I - V as 
shown i n Table I. O f course, these systems contain another component, but 
nonetheless the pattern exists. These results suggest that phenomena are oc­
curring which are not accounted for by the Fuoss-Onsager-Skinner theory. For 
example, adsorption of ions at the electrodes w o u l d introduce a larger error for 
the very dilute solutions. 

L i t h i u m B r o m i d e - B r o m o s u c c i n i c A c i d - A c e t o n e System. The specific 
conductance of bromosuccinic ac id i n acetone at the concentrations used i n this 
research is about two orders of magnitude greater than that of acetone, and ap­
proaches the order of magnitude of conductance of very dilute solutions of l i thium 
bromide i n acetone. A plot of the corrected specific conductance of bro­
mosuccinic acid i n acetone as a funct ion of its concentration is shown i n F i g u r e 
3. This agrees w i t h the results of Bjornson (7), who found the specific conduc­
tance of 0.02m and 0.2m bromosuccinic ac id i n acetone to be ca. 8 X 10~ 7 Q~L 

c m - 1 and 4 X 10~ 6 fi-1 c m - 1 , respectively. T h e solvent correction for the spe­
cif ic conductance of l i th ium bromide i n the bromosuccinic acid-acetone mixed 
solvents is no longer negligible throughout the entire concentration ranges. Table 
I shows that, as expected, the corrections become more significant with decreasing 
concentration of l i thium bromide* and increasing concentration of bromosuccinic 
acid. The corrected specific conductance of l i t h i u m bromide as a funct ion of 
normality for Series I - I V is shown i n Figures 4 and 5. F igure 4 shows that i n the 
dilute solutions the increase in specific conductance with increasing concentration 
of l i t h i u m bromide is d iminished w i t h augmentation of bromosuccinic acid. 
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T 1 1 1 1 1 1 r 

c X I0 2 

Figure 3. Corrected specific conductance of bro­
mosuccinic acid in acetone as a function of bromosuc­

cinic acid concentration 

Figure 5 indicates this holds true up to a concentration of about 2 -3 X 1 0 " 4 N 
l i t h i u m bromide, whereas above about 5 X 1 0 ~ 4 N the specific conductance is 
enhanced by the addition of bromosuccinic acid. O n the basis of the divergence 
of the curves at these concentrations, it is reasonable to assume that if the con­
centration of l i t h i u m bromide is further increased, the enhancement of the 
specific conductance f rom the addition of the bromosuccinic acid should be still 
greater. This is consistent with the results of Bjornson, who measured the specific 
conductance of solutions containing 0.01m l i t h i u m bromide i n acetone and 
varying amounts of bromosuccinic acid. H e found the specific conductance of 
the solution to be 3.0 X 10~ 4 ft"1 c m " 1 in the absence of bromosuccinic acid; for 
0.02m, 0.05m, 0.1m, and 0.2m bromosuccinic ac id i n the solution, the specific 
conductances were ( f t " 1 c m " 1 ) 3.4 X 10" 4 ,4 .0 X 10" 4 ,4 .4 X 10" 4 , and 4.6 X 10" 4 , 
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c X I05 

Figure 4. Corrected specific conductance of lithium 
bromide as a function of lithium bromide concentration 

for Series I-IV 

respectively. These results are also consistent w i t h the observations of Olson and 
C u n n i n g h a m . 

It is to be noted f r o m Table II that, as i n Series I, the standard deviation of 
Ao is small , that of L is large, and that of K A is intermediate for Series I I - I V . 
These large standard deviations can be rationalized as i n the preceding section. 
The table shows that A 0 and K A decrease systematically whi le a increases w i t h 
increasing bromosuccinic acid concentration. 

Table I shows that y decreases w i t h increasing concentration of l i t h i u m 
bromide for each series, but that the decrease becomes smaller as the bro­
mosuccinic acid concentration gets larger. The effect of l i t h i u m bromide and 
bromosuccinic acid concentration on y is also demonstrated in F igure 1. A l l the 
terms listed in Table I d iminish the equivalent conductance f r o m Ao for Series 
I I - IV and the magnitude of the reduction for each term increases with increasing 
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Figure 5. Corrected specific conductance of lithium 
bromide as a function of lithium bromide concentration 

for Series I-IV 

l i t h i u m bromide concentration, just as i n Series I. The contributions of the E 
terms and L terms are analagous to Series I; that is, the E terms make the smallest 
contribution to the decrease throughout the entire concentration ranges, and at 
the lower concentrations the E terms and L terms are of the same magnitude, 
but at the higher concentrations the L terms are two to three times the E terms. 
For series II and III the K A terms make the largest contribution to the reduction 
in equivalent conductance at higher concentrations, but, unlike the case i n Series 
I, at lower concentrations the S terms are the largest contributors. T h e S term 
makes the largest contribution to the decrease i n equivalent conductance at a l l 
concentrations in Series IV. As previously mentioned, the same trends are noted 
i n 6A for series I I - I V as i n Series I, but are even more pronounced. There is 
general agreement between the experimental and calculated equivalent con-
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ductances, but the agreement is not as good as i n Series I. T h e calculated pho-
reograms for Series I - I V are shown in Figure 6. In each series the first derivative 
is negative throughout and there is a point of inflection, the second derivative 
being negative at low concentrations and positive at high ones. 

If the system behaved ideally, the specific conductances should be additive. 
Figure 7 shows the specific conductance of the solution corrected (by subtraction) 
for the specific conductances of the acetone and l i thium bromide for various fixed 
amounts of l i t h i u m bromide as a funct ion of bromosuccinic ac id concentration. 
Inasmuch as this should be equal to the equivalent conductance of bromosuccinic 
acid, if there were no interaction among the conduct ing species a l l four curves 
should coincide w i t h the curve for no l i t h i u m bromide. C lear ly , some type of 
interaction must occur. 

2 0 0 

i i i " T 1 1 

180 -

160 -

140 -

120 

100 

8 0 

i 1 J. i i i i 1 I I I I I 
0 10 2 0 3 0 

JT X I0 3 

Figure 6. Lithium bromide phoreogram calculated 
from the FOS equation and experimental data for sol­

vents I-IV 
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Figure 7. Specific conductance of solution minus 
specific conductance of acetone ana lithium bromide 
as a function of bromosuccinic acid concentration for 

various fixed amounts of lithium bromide 

Bjornson worked at sufficiently high concentration (0.01m l i thium bromide) 
to observe only the increase i n specific conductance due to the addit ion of bro­
mosuccinic acid to a l i th ium bromide-acetone solution. L i t h i u m bromide is an 
ionophore and i n acetone exists as l i t h i u m ions and bromide ions (conductors) 
in equi l ibr ium wi th associated l i th ium bromide ion pairs (nonconductors), while 
bromosuccinic acid is an ionogen w h i c h exists i n acetone as bromosuccinic ac id 
molecules (nonconductors) i n e q u i l i b r i u m w i t h hydrogen ions and bromosucci­
nate ions (conductors). In order to explain the anomalous increase i n specific 
conductance, Bjornson proposed that when bromosuccinic ac id is added to the 
l i t h i u m bromide-acetone solution, bromide ion f r o m the l i t h i u m bromide 
combines w i t h the hydrogen ion f r o m the bromosuccinic ac id and forms mo­
lecular hydrogen bromide (a nonconductor). This w o u l d result i n a decrease 
in concentration of these ions; however, as bromide ions and bromosuccinate ions 
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were removed, less l i thium bromide would be associated and more bromosuccinic 
ac id w o u l d be dissociated. T h e f inal result after establishment of e q u i l i b r i u m 
among l i t h i u m ions, bromide ions, hydrogen ions, bromosuccinate ions, bro­
mosuccinic acid molecules, hydrogen bromide molecules, and l i t h i u m bromide 
ion pairs would be a net increase i n conducting species and therefore an increase 
in specific conductance. 

Bjornson also measured the specific conductance of a solution of 0.01m 
l i t h i u m bromide i n acetone w i t h various amounts of d i m e t h y l bromosuccinate 
added and found a slight linear decrease i n specific conductance w i t h addit ion 
of d i m e t h y l bromosuccinate. These results, along w i t h those of Olson and 
C u n n i n g h a m , lent support to Bjornson's postulate, i n that when the acidic hy­
drogens of bromosuccinic acid were replaced with methyl groups, or the bromide 
ions of l i t h i u m bromide were replaced w i t h perchlorate ions, the increase i n 
specific conductance was not observed. 

Series V consisted of runs i n w h i c h l i t h i u m bromide was added to a f ixed 
amount of d imethy l bromosuccinate i n acetone. Table I shows that the solvent 
correction is greater than for Series I, but less than for Series II—IV. The specific 
conductance of l i t h i u m bromide i n d i m e t h y l bromosuccinate-acetone is only 
slightly less than in acetone. This is i n contrast to Series I I - I V . Table II shows 
that both Ao and K A are less than for Series I but greater than for Series I I - I V . 
Table I indicates that for Series V the trends i n each c o l u m n are the same as for 
Series I. The results of Series V are in agreement with those of Bjornson and those 
of Olson and C u n n i n g h a m . 

The decrease in K A and A 0 wi th increase i n concentration of bromosuccinic 
acid observed i n this work is consistent w i t h the trend observed b y Nilsson and 
Beronius (22) for water and acetone and by Nilsson (23) for methanol and ace­
tone. However, the a values obtained from these data do not match too well wi th 
those obtained for the water-acetone and water-methanol systems, but it should 
be noted that these a values are not calculated in the same manner. W i t h acetone 
and bromosuccinic acid the change in the a values is just the reverse of what was 
observed for the other systems as the concentration of the second solvent is i n ­
creased. 

In any event, it can be concluded that in acetone there are strong associations 
between bromosuccinic acid and l i thium bromide ions. The largest concentration 
of bromosuccinic ac id studied (Series IV) is approximately equal to the lowest 
concentration studied for the acetone-water and acetone-methanol systems. As 
expected, the data show the association w i t h the ac id to be m u c h greater than 
w i t h either the methanol or the water. F r o m the K A and a values it is evident 
that the association between the salt and d i m e t h y l bromosuccinate is m u c h less 
than the association of the salt w i t h bromosuccinic ac id but greater than the 
salt-acetone association. In v iew of this, it is concluded that the association be­
tween the bromide ion and the second solvent accounts for the change i n K A . 
Knowledge of the precise nature of the association w i l l have to await further 
investigations. 
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A Potentiometric Method for 
Determination of the Thermodynamics 
of Ionization Reactions in Partially 
Aqueous Solvents 

CHARANAI C. PANICHAJAKUL and EARL M. WOOLLEY 

Department of Chemistry, Brigham Young University, Provo, Utah 84602 

A potentiometric method for determination of ionization con­
stants for weak acids and bases in mixed solvents and for deter­
mination of solubility product constants in mixed solvents is 
described. The method utilizes glass electrodes, is rapid and 
convenient, and gives results in agreement with corresponding 
values from the literature. After describing the experimental 
details of the method, we present results of its application to 
three types of ionization equilibria. These results include a 
study of the thermodynamics of ionization of acetic acid, ben­
zoic acid, phenol, water, and silver chloride in aqueous mix­
tures of acetone, tetrahydrofuran, and ethanol. The solvent 
compositions in these studies were varied from 0 to ca. 70 mass 
% nonaqueous component, and measurements were made at 
several temperatures between 10° and 40°C. 

Ionization reactions have been investigated (I) by a variety of 
methods that lead to reasonably accurate values of equi l ibr ium constants over 

rather wide ranges of temperatures, pressures, and dissolved salt concentrations. 
However, the status of measurements leading to ionization constants i n aqueous 
organic mixed solvents has not been developed nearly so wel l , i n spite of the ex­
cellent work of H a r n e d , G r u n w a l d , Bates, and others (1-10). Exper imenta l 
methods have been difficult and those methods that utilize the hydrogen electrode 
can be applied only to systems i n w h i c h there are no complicat ing reduction re­
actions. 

W e have recently devised a rapid and convenient method for determination 
of the ionization constant for water i n mixed aqueous organic solvents (11-16). 
The method utilizes glass electrodes and gives results i n satisfactory agreement 
w i t h earlier work. 

263 
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264 THERMODYNAMIC BEHAVIOR OF ELECTROLYTES 

As a result of our continuing interest in ionization equilibria in mixed solvent 
systems (I J -20) , we have now devised a convenient and rap id method for de­
termining ionization constants for weak acids (16) and solubility product constants 
for certain slightly soluble salts i n aqueous organic mixed solvents. T w o features 
of the method are significantly different f r o m earlier methods (1-10). First , 
provision is made to determine glass electrode responses. Second, the experi­
mental procedure of d i lu t ing aqueous electrolyte solutions w i t h a nonaqueous 
solvent component eliminates the need for most of the solution preparation and 
handl ing associated w i t h the earlier methods. In this paper we describe the 
details of our method and report on its applicat ion to the determination of the 
ionization constants for acetic acid, benzoic acid, phenol, water, and silver chloride 
in mixtures of water wi th ethanol, tetrahydrofuran, and acetone. The mixtures 
containing ethanol and acetone were studied at 10°, 15°, 2 0 ° , 25° , 3 0 ° , 3 5 ° , and 
40° C , and the mixtures containing tetrahydrofuran were studied at 15° , 25° , 
and 3 5 ° C . 

Method and Calculations 

In our investigations we describe the ionization reactions i n solvent S as 
follows: 

H 2 0 ( S ) = H+(S) + O H - ( S ) ; A G W ° , A t f w ° , A S W ° (1) 

K w = a H a 0 H / f l w = C H C O H ( t / ± ) 2 / l (2) 

HA(S) = H+(S) + A - ( S ) ; A G a ° , A t f a ° , A S a ° (3) 

K a = dudA/diiA = C H C A ( t / ± ) 2 / C H A ! / H A ( 4) 

M X ( c ) = M+(S) + X - ( S ) ; A G S ° , A H S ° , AS S ° (5) 

Ks = aMax/aMx = CMCx(y±)2/l (6) 

In Equations 2, 4, and 6, ax represents thermodynamic activities based on molar 
concentrations CY of the species indicated, y± represents mean ionic activity 
coefficients, I/HA is the activity coefficient of HA(S) molecules, and the activity 
of water is chosen to be one i n al l solvents. Consequently values of K, AG°, and 
A S ° are based on these choices regarding standard states. 

This study is based on measurement of the potentials of the cells represented 
b y 

glass electrode | soln A : 

H C l ( d ) , K N 0 3 ( C 2 ) , i n solvent S| A g C l , A g (A) 

glass electrode | soln B: 

K O H ( C 3 ) , K C 1 ( C 4 ) , i n solvent S | A g C l , A g (B) 
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15. PANICHAJAKUL AND WOOLLEY Potentiometric Method 265 

glass electrode | soln C : 

H A ( C 5 ) , K O H ( C 6 ) , K C 1 ( C 7 ) , i n solvent S | A g C l , A g ( C ) 

glass electrode | soln D : 

A g N 0 3 ( C 8 ) , H N 0 3 ( C 9 ) , i n solvent S | A g C l , A g (D) 

In cells A - D , C\-Cg represent total formal analytical concentrations. 
A general expression for the potentials of these cells is given by 

E = fci + k2 log (aHaC\) (7) 

and specific equations for cells A - D are given i n terms of the definitions i n 
Equations 2, 4, and 6 of K w , K a , and Ks as 

EA = h + k2 log ( C i ) 2 + k2 log (y±)A
2 (8) 

E B = * i + *2 log ( K W C 4 / C 3 ) (9) 

E c = ki + fc2 log [ ( C H ) c C 7 ] + * 2 log ( t/±)c 2 (10) 

£ D = fc1 + fc2log(KsC9/C8) (11) 

As shown previously (11-16), combination of Equations 8 and 9 gives Equat ion 
12 when the solvent composition is the same i n cells A and B. 

p K w = (EA - EB)/k2 - log [(CL)2Cs(y±)A2/C4] (12) 

Equat ion 12 is used first to determine electrode responses k2, and then to deter­
mine p K w values, as described previously (11-16). Equat ion 13 is used to esti­
mate y± values. 

. . , x 1.825 X 10 6 ( d / D 3 T 3 ) 1 / 2 / 1 / 2 
log (y±) = — — (13) 

h y 1 + 2.298 X l O M d / D T ) 1 / 2 ! 1 ^ V 1 

Density and dielectric data were obtained f r o m the literature (23) or f r o m ex­
perimental measurements. 

Combinat ion of Equations 8 and 10 leads to Equat ion 14, w h i c h can be used 
in conjunction with the "buffer ratio" defined by Equation 15 in obtaining values 
of Ka as shown previously (16, 24, 25). 

log ( C H ) c = ( E c " E A ) / * 2 + log ( C ! 2 / C 7 ) + log [(y±)Ay(y±h2} (14) 

C A / C H A = (Ce + C H — C O H ) / ( C S — CQ — C H 

+ C 0 H ) ~ C 6 / ( C 5 - C 6 ) (15) 

The value of k2 to be used i n Equat ion 14 may be taken as that value cal­
culated f r o m Equat ion 12, or one could calculate a value of k2 f r o m Equat ion 
14 f rom a known value of K a i n pure water and f r o m measured values of E A and 
E c i n pure water i n conjunction w i t h Equations 2, 4, 13, and 15. 
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266 THERMODYNAMIC BEHAVIOR OF ELECTROLYTES 

Values of K h for the hydrolysis reaction 

A"(S) + H 2 0 ( S ) = H A ( S ) + O H - ( S ) (16) 

can be obtained f r o m known values of Kw and K a by using Equat ion 17. 

K h = aHAaOH/aAaw = K w / K a = K b (17) 

Combinat ion of Equations 8 and 11 leads to Equat ion 18 when the solvent 
composition is the same i n cells A and D . 

P K S = ( £ A - ED)/k2 - log [ (Ci^sfoi JAVCoflMx] (18) 

Values of Ks can be obtained f r o m measured E\ and E D values i n any solvent 
S when the analytical concentrations C\, C$, and C9 are known, when AMX is 
known, and where y± is calculated from Equation 13. In this work, a^x is taken 
to be unity. 

The value of k2 used in Equat ion 18 may either be taken as that value cal­
culated f rom Equat ion 12 or one could calculate a value of k2 f rom Equat ion 18 
f r o m a k n o w n value of Ks i n pure water and f r o m measured values of E A and 
E D in pure water i n conjunction w i t h Equat ion 13. 

The assumptions made i n the use of these methods to obtain the above ion­
ization constants in mixed solvents have been summarized (16). T h e fact that 
the pK values calculated using the above assumptions are in good agreement with 
those values reported i n the literature is an indicat ion that any errors resulting 
f r o m these assumptions are probably relatively small . 

The calculation of AH° and AS° values f r o m the p K - t e m p e r a t u r e data i n 
each solvent mixture was performed by the nonempirical method of Clarke and 
G l e w (26) as s impl i f ied by Bolton (27). In this method the thermodynamic 
parameters are considered to be continuous, well-behaved functions of temper­
ature, and their values are expressed as perturbations of their values at some 
reference temperature 6 by a Taylor 's series expansion. T h e basic equation 
is: 

filnK = - A ^ + A ^ l l + 4 C ^ 2 + f ( ^ ! ) / a + . . . ( 1 9 ) 

where the thermodynamic parameters are the regression coefficients and the 
terms tx are the temperature dependent variables. A l l e q u i l i b r i u m constants 
were converted to the molal i ty scale prior to the above analysis (21, 22, 24). 
Values of K, AG° , and AS° were then converted back to the molar i ty scale and 
are expressed on that basis i n the "Resul ts " section. 

Experimental 

Potential measurements were made on cells A , B, C , and D w i t h a M o d e l 
E436 Metrohm Potentiograph recording potentiometric titrator. The sensitivity 
was set to 50 -mV fu l l scale so that potentials were readable to 0.1 m V . The glass 
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15. PANICHAJAKUL AND WOOLLEY Potentiometric Method 267 

electrodes used were the Fisher 13-639-1 and the Coleman 3-472 wide p H range 
electrodes. Silver-silver chloride electrodes were prepared f rom Beckman 39261 
Silver Bil let electrodes by electrolysis i n chloride solution (5). 

Exper imental measurements were made by immers ing a pair of the elec­
trodes i n a 15-ml portion of purely aqueous solution A , B, C , or D and a l lowing 
the potentials to stabilize. W h e n the potential became stable, a portion of the 
nonaqueous cosolvent was added to the solution i n the cell and the potential was 
again recorded. This procedure was continued unti l 50 m l of the cosolvent had 
been added. The temperature of the cells was kept constant to wi th in ± 0 . 0 5 ° C 
of the reported temperatures throughout the experiments. T h e potential mea-
surement-cosolvent addit ion experiments were performed at least twice w i t h 
each combination of glass electrodes and si lver-si lver chloride electrodes on at 
least two independently prepared solutions. 

Total ionic strengths of solutions i n the cells were varied f r o m about 0 .005M 
to ca. 0 . 0 2 M . The concentrations of solutions i n cell C were made so that the 
buffer ratio i n Equat ion 15 always had a value between 0.4 and 0.6. The non­
aqueous cosolvents used i n this study were Reagent Grade or better, and they 
were tested to be sure that they were free from significant quantities of potentially 
interfering substances such as halide ions, acids, and bases. Densities of tetra-
hydrofuran-water mixtures were determined pycnometr ical ly at 1 5 ° C and at 
3 5 ° C . 

Results and Discussion 

Values of k2/ T calculated f rom Equations 12,14, and 18 ranged f rom 0.1960 
to 0.1980 m V / ° K for different electrode combinations i n different solutions at 
different temperatures, compared to 2.303 R/F = 0.1984 mV/°K. 

Data for a typica l series of measurements on cells A , B, C , and D are given 
in Table I. In Table I are also given the auxiliary data and the results ( p K a , p K h , 
p K w , and p K s values) for this series of measurements. 

E a c h pK value obtained i n this work is the average result of at least two i n ­
dependent series of measurements using different combinations of electrodes 
and different solutions i n the cells. A l l these replicate measurements led to pK 
values w h i c h have average deviations of <0.03 i n solvent mixtures containing 
up to 50 mass percent organic component and <0.05 in solutions of higher organic 
content. In most cases, these average deviations were less than 0.02 and 0.03 i n 
these two regions, respectively. 

Values of AHe° and ASe° = (AHe° - AGe°)/6 (0 = 298 .15°K) obtained by 
Equat ion 19 had statistical uncertainties (26, 27) that were typical ly 300-500 
cal and 1-2 cal/°K, respectively. Standard deviations i n the p K - t e m p e r a t u r e 
correlation as analyzed according to Equat ion 19 w i t h terms involv ing AC p > 0° 
and higher order terms d i d not decrease significantly f r o m the two-parameter 
values of the standard deviations of between 0.01 and 0.04. M o r e accurate pK 
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T a b l e I . D a t a f r o m a T y p i c a l Series o f M e a s u r e m e n t s w i t h S i l v e r 
C h l o r i d e a n d A c e t i c A c i d i n W a t e r - E t h a n o l M i x t u r e s at 2 5 ° C a 

wt% 
EtOH D 

d EA —EB EQ —ED 
(g/ml) (mV) (mV) (mV) (mV) pKw pKa pKh pKs 

0.00 
6.16 

11.6 
16.5 
20.8 
28.3 
34.4 
44.1 
51.2 
56.8 
61.2 
64.8 
67.8 
72.4 

78.5 
70.7 
64.1 
58.9 
54.0 
48.5 
43.6 
38.3 
35.4 
33.3 
31.6 
30.5 
29.4 
28.5 

0.997 
0.988 
0.979 
0.972 
0.966 
0.952 
0.942 
0.923 
0.910 
0.895 
0.884 
0.876 
0.868 
0.858 

193.6 
194.5 
195.3 
195.5 
195.6 
194.6 
193.4 
192.0 
191.3 
190.9 
190.9 
190.9 
191.0 
192.3 

386.9 
388.4 
390.2 
392.0 
393.4 
395.9 
397.6 
399.4 
400.3 
400.9 
401.1 
401.3 
401.3 
401.4 

36.6 
34.6 
32.1 
29.1 
25.8 
18.8 
12.1 

3.0 
- 4 . 0 

-10 .0 
-15 .5 
-19 .8 
-23 .4 
-29 .5 

138.1 
141.2 
144.1 
146.9 
149.5 
155.5 
160.9 
169.0 
175.0 
179.6 
183.4 
186.7 
189.4 
192.9 

14.00 
14.12 
14.24 
14.34 
14.43 
14.58 
14.69 
14.88 
15.03 
15.15 
15.27 
15.36 
15.45 
15.61 

4.75 
4.85 
4.95 
5.04 
5.14 
5.31 
5.47 
5.71 
5.89 
6.05 
6.20 
6.32 
6.43 
6.62 

9.25 
9.27 
9.29 
9.30 
9.29 
9.27 
9.22 
9.17 
9.14 
9.10 
9.07 
9.04 
9.02 
8.99 

9.73 
9.89 

10.03 
10.15 
10.26 
10.47 
10.65 
10.94 
11.17 
11.37 
11.54 
11.69 
11.83 
12.05 

a 15.00 ml of solution in each cell, with C, = C2 = C 3 = C 4 

0.01000 and C s = 0.01912; k2 = 58.76 mV from Equation 12, k2 = 
tion 14, and k2 = 58.97 mV from Equation 18. 

^6 ^7 ^8 C9 
58.82 mV from Equa-

Figure 1. Thermodynamics for 
H20(S) = H + ( S ) + O t f - ( S ) vs. 
tot % organic solvent component. 
Equations 1,2,20-22: 1 = water-
ethanol, 2 — water-acetone, 3 = 
water-tetrahydrofuran; G = 5G, H 

= <5H, S = <5S. 
30 50 

W T P E R C E N T 

70 

measurements are necessary to determine A C p ° values (21, 22,24,26,27). W e 
estimate that the " tota l " uncertainties in our reported AG°, AH° , and AS° values 
are typical ly 50 cal, 500 cal , and 2 cal/°K, respectively. 
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15. PANICHAJAKUL AND WOOLLEY Potentiometric Method 269 

The results of al l our p K determinations are summarized graphical ly in 
Figures 1-8. In these plots we show our results as 

5G = AG°(S) - A G ° ( H 2 0 ) (20) 

5H = AH°(S) - A H ° ( H 2 0 ) (21) 

5S = T A S ° ( S ) - T A S ° ( H 2 0 ) (22) 

26 N 3 6 y 

< 
O 

^ 0 

30 50 70 

W T P E R C E N T 

30 50 

W T P E R C E N T 

70 

Figure 2. Thermodynamics for 
AgCl(c) = Ag+(S) + C/-(S) t » . 

% organic solvent component. 
Equations 5 ,6,20-22: 1 = water-
ethanol, 2 = water-acetone, 3 = 
water-tetrahydrofuran; G = 5G, H 

= <5H, S = 5S. 

Figure 3. Thermodynamics for 
HAc(S) = ff+(S) + Ac~(S) where 
Ac = acetate vs. wt % organic sol­
vent component. Equations 3, 4, 
20-22: 1 = water-ethanol, 2 = 
water-acetone, 3 = water-tetra­
hydrofuran; G = <5G, H = 5 H , S = 

«S. 
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Figure 4. Thermodynamics for 
HBz(S) = H+(S) + Bz~(S) where 
Bz = benzoate vs. wt% organic 
solvent component. Equations 3, 
4, 20-22: 1 = water-ethanol, 2 = 
water-acetone, 3 = water-tetra-
hydrofuran; G = 5G, H = 5 H , S = 

5S. 

10 30 50 

W T P E R C E N T 

Figure 5. Thermodynamics for 
HPh(S) = H + ( S ) + Ph~(S) where 
Ph = phenolate vs. wt% organic 
solvent component. Equations 3, 
4, 20-22: 1 = water-ethanol, 2 = 
water-acetone, 3 = water-tetra-
hydrofuran; G = 5G, H = 5 H , S = 10 30 50 

W T P E R C E N T 

70 

Figure 6. Thermodynamics for 
Ac~(S) + H20(S) = HAc(S) + 
OH~(S) where Ac = acetate vs. 
wt % organic solvent component. 
Equations 16, 17, 20-22: 1 = 
water-ethanol, 2 = water-acetone, 
3 = water-tetrahydrofur an; G = 

5G, H = <5H, S = 5S. 
10 30 50 

W T P E R C E N T 
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10 30 50 

W T P E R C E N T 

70 

Figure 7. Thermodynamics for 
Bz'(S) + H 2 0 ( S ) = HBz(S) + 
O H ~ ( S ) where Bz = benzoate vs. 
wt % organic solvent component. 
Equations 16, 17, 20-22: 1 = 
water-ethanol, 2 = water-acetone, 
3 = water-tetrahydrofuran; G = 

J G , H = <5H, S = <5S. 

10 30 50 

W T P E R C E N T 

70 

Figure 8. Thermodynamics for 
Ph~(S) + H 2 0 ( S ) = HPh(S) + 
OH~(S) where Ph = phenolate vs. 
wt % organic solvent component. 
Equations 16, 17, 20-22: 1 = 
water-ethanol, 2 = water-acetone, 
3 = water-tetrahydrofuran; G = 

<5G, H = <5H, S = 6S. 

In Equations 20-22, the S and H 2 0 refer to values i n solvent S and pure water, 
respectively. Values of AG° , A H ° , and AS° for a l l f ive ionization reactions 
(Equations 1,3, and 5) in pure water solvent are given in Table II. Values of AG°, 
AH°, and AS° for the three hydrolysis reactions (Equation 16) i n pure water can 
be obtained by combination of the values for ionization of water and for ionization 
of each of the acids. 

Values of p K w at 25 °C are i n good agreement w i t h our previous results 
obtained by the same method (11,12). The values i n ethanol-water mixtures 
also agree wel l w i t h those obtained by Gutbezahl and G r u n w a l d (29). Values 
of p K a for acetic ac id and benzoic ac id i n ethanol-water mixtures at 2 5 ° C are 
also in excellent agreement wi th those values reported previously (I, 2, 4, 7,16), 
w i t h m a x i m u m deviations of less than 0.08. 

O u r A H W ° values are in fair agreement with earlier calorimetric values (30). 
O u r values are more positive by ca. one kcal at the highest ethanol composi­
tions. 
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T a b l e I I . T h e r m o d y n a m i c P a r a m e t e r s at 2 5 ° C f o r R e a c t i o n s 
1 , 3 , a n d 5 i n P u r e W a t e r as S o l v e n t 

AG°a AH° AS°a 

Reaction (kcal) (kcal) (calfK) Ref. 

H 2 0 = H+ + O H - 19.11 13.34 - 1 9 . 3 5 21 
AgCl(c) = A g + + C l - 13.31 15.65 7 . 8 5 28 
H A c = H + + Ac~b 6.48 - 0 . 1 0 -22 .O7 21 
H B z = H + + B z - * 5.73 0.10 - 1 8 . 8 8 21 
HPh = H+ + Ph b 13.61 5.48 - 2 7 . 2 7 21 

a Standard states of all ions and acid solutes based on molarities. Standard states of 
water and silver chloride are chosen so that their activities are unity. 

^ Ac is acetate, Bz is benzoate, and Ph is phenolate. 

O u r reported p K s values i n ethanol-water and in acetone-water mixtures 
at 25 °C are in fair agreement w i t h previously reported values (18,31). D e v i a ­
tions are less than 0.08 i n a l l cases where there is more than 50% water 
present. 

One can interpret the trends in 5H and 5S in Figures 1-8 in terms of solvation 
of the reactants or products. Negative values of 5H are a possible indication that 
the products in the reaction are more strongly solvated i n solvent S than they are 
i n water. Negative 5H values also might indicate that reactants i n the reaction 
are less strongly solvated in solvent S than i n water. Conversely, positive values 
of dH are a possible indicat ion that products are less solvated i n solvent S than 
in water or that reactants are more solvated i n solvent S than i n water. Another 
possible factor i n the interpretation of 5H vs. solvent composition data is the 
possibility of large contributions of solvent-solvent interactions. 

Similar complicated possibilities exist i n interpreting 5S data, for one must 
consider the total entropy change for the reaction, inc luding reactants, products, 
and solvent. 

One s i m p l i f y i n g approach w o u l d be to ascribe al l effects to the interaction 
of the ions wi th each other. If this approach were val id, we would expect to see 
the values of 5G, 5H, and 5S nearly zero i n al l solvents for isoelectronic processes, 
such as the hydrolysis reactions i n Figures 6-8. The fact that the trends are 
generally somewhat smaller i n magnitude for these hydrolysis reactions than for 
the ionization reactions i n Figures 1-5 lends some support to this approach. 

A specific example of some of the possible interpretations of the data is as 
follows. F r o m Figure 8 we see that dH and 5S for hydrolysis of phenolate ion 
in acetone-water mixtures decrease in rather regular fashion. W e might i n ­
terpret this behavior i n one or a combinat ion of the fo l lowing ways, (a) Phenol 
is more strongly solvated in tetrahydrofuran-water mixtures than i n water, (b) 
Hydroxide ion is more strongly solvated in tetrahydrofuran-water mixtures than 
i n water, (c) Water is more strongly solvated i n water than i n tetrahydrofu­
ran-water mixtures, (d) Phenolate ion is more strongly solvated i n water than 
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15. PANICHAJAKUL AND WOOLLEY Potentiometric Method 273 

in tetrahydrofuran-water mixtures, (e) Phenol and/or hydroxide ion tend to 
cause tetrahydrofuran-water mixtures to be more structured than they tend to 
cause water to be structured, (f) Phenolate ion and/or water tend to cause water 
to be more structured than they tend to cause tetrahydrofuran-water mixtures 
to be structured. O f these options, (a) and (c) appear to be most reasonable, and 
(b) and (e) appear to be least reasonable in this case. 
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Heat Capacities and Volumes of Transfer 
of Electrolytes from Water to Mixed 
Aqueous Solvents 

JACQUES E. DESNOYERS, OSAMU KIYOHARA, and GÉRALD PERRON 

Department of Chemistry, Université de Sherbrooke, Sherbrooke, Quebec, Canada 
J1K 2R1 

LÉVON AVÉDIKIAN 

Laboratoire d'Etudes des Interactions Solutés-solvants, Université de Clermont, 63170 
Aubière, France 

The densities and volumetric specific heats of some alkali ha­
lides and tetraalkylammonium bromides were undertaken in 
mixed aqueous solutions at 25°C using a flow digital densime­
ter and a flow microcalorimeter. The organic cosolvents used 
were urea, p-dioxane, piperadine, morpholine, acetone, di­
methylsulfoxide, tert-butanol, and to a lesser extent acet­
amide, tetrahydropyran, and piperazine. The electrolyte con­
centration was kept at 0.1m in all cases, while the cosolvent 
concentration was varied when possible up to 40 wt %. From 
the corresponding data in pure water, the volumes and heat ca­
pacities of transfer of the electrolytes from water to the mixed 
solvents were determined. The converse transfer functions of 
the nonelectrolyte (cosolvent) at 0.4m from water to the aque­
ous NaCl solutions were also determined. These transfer 
functions can be interpreted in terms of pair and higher order 
interactions between the electrolytes and the cosolvent. 

In recent years we have undertaken a systematic investigation 
of the volumes and heat capacities of transfer of a lkal i halides and tetraal­

k y l a m m o n i u m bromides f r o m water to mixed aqueous solvents (1-6). These 
properties are important because, when combined w i t h enthalpies and free 
energies, they can be used to calculate the temperature and pressure dependences 
of various e q u i l i b r i u m properties of electrolytes i n mixed solvents. Since the 
properties of electrolytes i n m i x e d aqueous solvents are closely related to the 
corresponding properties of the nonelectrolyte i n an electrolyte solution, infor-

274 
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mation on the factors affecting salting out and salting i n can be obtained f r o m 
the thermodynamics of electrolytes in mixed aqueous solvents. Final ly , different 
properties measure different proportions of the various interactions between 
components, and in an aqueous solvent properties such as heat capacities are much 
more sensitive to structural changes in the m e d i u m than are free energies. 

In a ternary system the property we are seeking is the standard function (Y) 
of transfer of an electrolyte (E) f r o m water (W) to a mixed solvent of a nonelec­
trolyte i n water ( W + N ) . This funct ion is def ined by 

where Y e ° is the standard partial molal quantity of the electrolyte i n water and 
in the mixed solvent. The converse transfer functions of the nonelectrolyte f rom 
water to an electrolyte solution are given by 

W i t h most properties (enthalpies, volumes, heat capacities, etc.) the standard 
state is inf inite di lut ion. It is sometimes possible to obtain direct ly the funct ion 
near inf ini te di lut ion. F o r example, enthalpies of solution can be measured i n 
solution where the f inal concentration is of the order of 1 0 - 3 molar. W i t h 
properties such as volumes and heat capacities this is more di f f i cul t , and, to get 
standard values, it is usually necessary to measure apparent mola l quantities 0y 
at various concentrations and extrapolate to inf ini te di lut ion ( 0 y ° = Y°) . For ­
tunately, it turns out that, at least w i t h volumes and heat capacities, the transfer 
functions A Y E ( W W + N ) do not vary significantly w i t h the electrolyte 
concentration as long as this concentration is relatively low (3). W i t h most of 
the systems investigated, the transfer functions were calculated f r o m apparent 
molal quantities at 0.1m and assumed to be equivalent to the standard values. 

The cosolvents chosen for this study were urea (U), acetone ( A C T ) , d i -
methylsulfoxide ( D M S O ) , p-dioxane (D), piper idine (PD) , morphol ine (M), 
tert-butanol ( T B A ) , and to a lesser extent acetamide ( A C M ) . The study of the 
binary system was also extended to piperazine (PZ) and tetrahydropyran ( T H P ) . 
This choice of cosolvents is sufficiently varied to allow an examination of the 
various factors w h i c h influence the transfer functions. 

As typica l electrolytes we have taken L i C l , N a C l , M e 4 N B r , and B u 4 N B r ; 
N a C l is the most studied alkal i halide, B u 4 N B r is a w e l l - k n o w n hydrophobic 
electrolyte, L i + is more solvated than N a + (coulombic hydration) but its structural 
hydrat ion is usually smaller, and M e 4 N B r is a weak structure breaker. A com­
parison of these electrolytes should therefore give us some idea of the various 
interactions between different electrolytes and mixed solvents. 

Experiment tal 

A Y E ° ( W — W + N ) = Y E ° ( W + N ) - Y E ° (W) (1) 

A Y N ° ( W -> W + E) = Y N ° ( W + E) - Y N ° (W) (2) 

Rather precise apparent mola l data are required to see the cosolvent de­
pendence of the transfer functions. W i t h volumes, a precision i n densities of 
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0.0 2.0 4.0 6.0 8.0 10.0 12.0 
MOLALITY 

Figure 1. Transfer functions of 0.1m LiCl from 
water to aqueous mixed solvents at 25° C 

a few p p m is required. Differences i n densities of this precision are readily 
available by various buoyancy or dilatometric techniques. A f low digi ta l den­
simeter (7) is about as sensitive but has the advantage of being rapid (10 m i n per 
measurement) and requires only a small quantity of l i q u i d (generally less than 
10 c m 3 ) . 

Standard heat capacities of transfer can be derived f r o m the temperature 
dependence of standard enthalpies of solution (8). W h i l e this technique can give 
general trends in the transfer functions f rom water to mixed solvents (9), it is not 
always sufficiently precise to detect the differences between similar cosolvents, 
and the technique is rather laborious. Direct measurements of the difference 
between heat capacities per unit volume of a solution and of the solvent a — GQ 
can be obtained w i t h a f low microcalorimeter (JO) to ± 7 X 10~ 5 J K - 1 c m - 3 on 
samples of the order of 10 c m 3 . A commercial version of this instrument (Picker 
dynamic flow calorimeter, Techneurop Inc.) has a sensitivity improved by a factor 
of about two. 

The apparent molal volumes and heat capacities were calculated f r o m the 
relations 

0 v = M/d - 1000 (d - d0)/dd0m (3) 

and 

0 c = M c p + 1000 ( c p - c p ° )/m (4) 

where M is the solute molecular weight, cp and d are the heat capacities per unit 
weight ( c p = a/d), and densities of the solutions and cp° and do are the corre­
sponding properties of the pure solvent or pure mixed solvent. Concentrations 
of solutes in mixed solvents are often given i n aquamolalities (number of moles 
of solute per 55.51 moles of mixed solvent). However, <j>\ and 4>c data calculated 
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f rom aquamolalities are exactly the same as those calculated f rom molalities (m), 
and only the concentration scales are shifted proportionally. It therefore makes 
little difference w h i c h scale is used, and molalities were used for s implic i ty . 

The actual experimental data on the binary system and the transfer functions 
f r o m water to U (1, 2, 6), T B A (3), cyc l ic ethers and amines (4), A C T , D M S O , 
and A C M (5) are available elsewhere. A summary of these data are shown for 
the four electrolytes L i C l , N a C l , M e 4 N B r , and B u 4 N B r i n Figures 1-5. The 
cycl ic amines hydrolyze i n water, and as a result their 0 v and 0 c i n water are 
too negative at low concentrations. A hydrolysis correction can be made (11), 
or this effect can be eliminated by measuring the data in about 0 .1N N a O H rather 
than in pure H 2 O (4). The 0 ° values of cyclic amines were taken by extrapolation 
of the data i n 0. I N N a O H . The excess volumes 0 v E X = 0 v ~ 0 v ° and heat ca­
pacities 0 c E X = 0 c — 0 c ° of the nonelectrolytes i n water are shown i n Figures 
6 and 7. The values of 0v° , 0 c 0 , and the in i t ia l concentration dependence of 
0 c and 0 v are listed in Table I. It turns out that for the ternary system hydrolysis 
has little effect on the trends and can usually be neglected (4). 

The complementary transfer functions AY^°(W —• W 4- N a C l ) were de-

8.0 

6.0 

4.0 

o 
£ 2.0 
E o 

0 

-2.0 

100 

0 
o 
£ 

^-100 

-200 

0.0 2.0 4.0 6.0 8.0 10.0 12.0 
M O L A L I T Y 

Figure 2. Transfer functions of 0.1m NaCl from 
water to aqueous mixed solvents at 25°C 
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2.0 

i o 
CO' 

-2.0 

-4.0 

-6.0 

100 

'o 0 

-3-100 

-200 

0.0 2.0 4.0 6.0 8.0 10.0 12.0 
M O L A L I T Y 

Figure 3. Transfer functions of 0.1m Me4NBr from 
water to aqueous mixed solvents at 25° C 

T a b l e I. V a l u e s o f 0 V ° , 0 C ° , Ay, a n d Bw o f V a r i o u s N o n e l e c t r o l y t e s 
i n W a t e r at 2 5 ° C 

0V° 0 c ° a B c
a 

Nonelectrolyte (cm3 mol~ -1) (cm3 kg mot2) (JK-1 mol- l) (JK-X kg mo 

D 80.94 - 0 . 1 7 220.1 -11 .8 
T H P 91.74 - 1 . 7 9 385.4 0.5 
M(0.1AT NaOH) 82.54 - 0 . 4 8 237.3 -6 .6 
PZ(0.1AT NaOH) 83.31 - 1 . 0 1 262.1 - 1 . 5 
PD(0.1AT NaOH) 91.65 - 2 . 4 2 405.5 17.0 
U 44.24 0.12 85.5 5.7 
A C M 55.61 - 0 . 1 2 162.5 -1 .4 
A C T 66.92 -0 .37 240.5 - 7 . 8 
D M S O 68.92 -0 .26 183.7 - 5 . 5 

T B A 

a Corrected values (29). 
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A V i U 4 N B r ( W - ~ W + N ) 

DMSO 

0.0 2.0 4.0 6.0 8.0 10.0 12.0 
MOLALITY 

Figure 4. Volumes of transfer of 0.1m Bu4NBr 
from water to aqueous mixed solvents at 25°C 

termined for al l the nonelectrolytes inc luding P Z and T H P , and they are com­
pared with the low concentration data of A Y ° N a c i ( W -> W + N ) i n Figures 8 and 
9 [The equation for A C ° N a C i ( W -> W + U) i n Ref. 2 should read A C ° N a c i = 
23.2m — 1 .85m 2 + 0.055m 3]. In these experiments the nonelectrolyte concen­
tration was kept constant at 0.4m. As seen f rom Figures 8 and 9, both sets of data 
fa l l essentially on the same line. The small differences observed w i t h some 
systems probably arise because the transfer functions are not truly standard (0.1m 
for N a C l and 0.4m for N ) . The experimental slopes are summarized i n Table 
II. A t high cosolvent concentration the equivalence between the two comple­
mentary transfer functions is lost, as we can see in F igure 10 f r o m the enthalpies, 
volumes, and heat capacities of the system W - N a C l - T B A (12). S imilar obser­
vations are also made for the system W - B u j N B r - T B A (12). T h e equivalence 
of the complementary transfer functions at low concentrations is therefore a 
general phenomenon for al l thermodynamic properties and al l E - N - W systems 
and follows f r o m the cross differentiat ion rule (13). 

Discussion 

Solute-Solute M o d e l . The observed transfer functions of electrolytes i n 
the mixed aqueous solvents are not simple, and they show various m a x i m a and 
minima in the cosolvent concentration dependence—especially wi th hydrophobic 
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Figure 5. Heat capacities of transfer of 0.1m Bu4NBr 
from water to aqueous mixed solvents at 25° C 

T a b l e II . T r a n s f e r P a r a m e t e r s f o r V a r i o u s N o n e l e c t r o l y t e s f r o m 
W a t e r t o A q u e o u s N a C l S o l u t i o n s at 2 5 ° C 

Nonelectrolyte ^AVN° (W^W-hNaCl) ± AC N ° (W^W + NaCl) 

U 0.72 22 
A C T -0 .17 - 5 
D M S O -0 .01 5 
D -0 .11 5 
T H P -0 .06 — 
M -0 .15 0 
PZ - 0 . 1 0 - 2 
PD -0 .37 - 1 7 

electrolytes such as B u 4 N B r . There has been a strong tendency i n the past to 
interpret mixed solvents in terms of a variable dielectric constant. F o r example, 
w i t h D + W mixtures, a range of dielectric constants can be achieved, and the 
conductance of various electrolytes can be accounted for satisfactorily f r o m the 
Fuoss-Onsager equation using a mean dielectric constant (13). Such an approach 
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0.0 2.0 4.0 6.0 8.0 10.0 12.0 14.0 
MOLALITY 

Figure 6. Excess volumes of various nonelectrolytes in 
water at 25°C; <t>v°ofM and PD were obtained by extrap­

olation of data above 0.2m to infinite dilution. 
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0.5 Urea - o -

0.0 

-0.5 

0.5 DMSO 

-0.0 o • -0.0 

0.5 -
T - 0 £ Acetone 
o 
E 0.0 " D . r\ o 
E o -0.5 

o 

—
-W

 +
 N

aC
l).

 

0.5 

0.0 

- p-Dioxane 

— — — — n . Q 

—
-W

 +
 N

aC
l).

 

-0.5 

0.5 Morpholine 

0.0 ^ n 
o z 
> < -0.5 

0.5 Piperazine 

—o— O —-

0.0 

-0.5 

0.0 

-0.5 

0.5 Tetrahyd ropy ran 

0.0 

-0.5 

0.0 

-0.5 
° o c 

0.5 Piperidine(0.1N NaOHi 

0.0 
• Q- • 

-0.5 • o— 

0.0 0.2 0.4 0.6 0.8 1.0 1.2 
MOLALITY 

Figure 8. Volumes of transfer of the various nonelec­
trolytes at 0.4m from water to aqueous NaCl solutions: 

• corresponding AV°Naci(W —* W + N) 

is not very promising w i t h the present properties. The dielectric constants of 
U + W mixtures are nearly equal to that of pure water, but significant transfer 
functions are observed i n U + W mixtures. Also, D has the lowest dielectric 
constant of all the present nonelectrolytes, but the transfer functions in this mixed 
solvent are among the less abnormal. O f course with volumes and heat capacities 
of transfer, it is not the dielectric constant that is involved but its pressure and 
second temperature derivatives, and these properties are not available at present. 
Sti l l , it is doubtful that this approach w o u l d be very f ru i t fu l . 
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The second approach that has been rather popular w i t h mixed aqueous 
solvents is to assume that the mixture is more or less structured than that of pure 
water. There is m u c h evidence to show that the particular hydrogen-bonded 
structure of water influences many of the properties of electrolytes in water (15). 
If nonelectrolytes can m o d i f y the structure of water (15), they can have an i n ­
direct effect on the properties of electrolytes. This explanation has been par­
ticularly successful in the case of U + W mixtures (1,2). Such a simple approach 
is not as successful w i t h hydrophobic cosolvents. F o r example, A J c f E ° ( W W 
+ T B A ) are positive for both a lkal i halides (16) and te t raa lkylammonium bro-

z 
+ 

o 
< 

10 

0 

-10 

10 

0 

-10 

10 

0 

-10 

10 

0 

-10 

101 

0 

-10 

10 

0 

-10 

10 

0 

-10 

-20 

_ Urea 

t DMSO 

_ Acetone 

- o o~ -o o-

~* o • o -

p-Dioxane 
-o o-

^ Morphorline 

: Piperazine 

Piperidine(0.1N NaOH) 

0.0 0.2 0.4 0.6 0.8 
MOLALITY 

1.0 1.2 

Figure 9. Heat capacities of transfer of the various 
nonelectrolytes at 0.4m from water to aqueous NaCl so­
lutions: • corresponding AC°Naa(W - • W + N ) 
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M O L A L I T Y 
Chemistry and Physics of Aqueous Gas Solutions 

Figure 10. Thermodynamic properties of the system TBA-NaCl-W (12) 

mides (9), whi le opposite signs w o u l d have been predicted f r o m this ap­
proach. 

The identity of A Y E ° ( W - > W + N ) w i t h A Y N ° ( W W + E) strongly 
suggests that the transfer functions are reflecting p r i m a r i l y solute-solute inter­
actions between E and N (13). This can be illustrated i n the fol lowing way (12): 
the thermodynamic function Y N of the nonelectrolyte can be expressed in terms 
of the concentration of the various components, 

^ N = Y N ° + B N N m N + BNEmE + B N N E r a N m E + ^ N E E ^ E 2 + • • . (5) 
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where the Bs are interaction parameters between the various solutes and also 
include any change in solute-solvent interactions. For simplicity, the electrolyte 
is not separated into its ionic components even though it is obvious that the i n ­
teractions of a nonelectrolyte with a cation can be quite different f rom those with 
an anion, especially w i t h B u 4 N B r . 

If the nonelectrolyte concentration is low enough, a l l terms involv ing 
can be neglected. The function Y N then becomes 

Y N * = Y N ° + B N E m E + B N E E m E
2 + . . . (6) 

S imilar ly , the funct ion for the electrolyte is 

Y E * = Y E ° + BENmN + B E N N m N
2 + . . . (7) 

The concentration dependence of the transfer functions are thus given by 

d 

drriE 

and 

d 

|AY N °(W - W + E)} = dYN*/dmE = B N E + 2 B N E E m E 4- . . . (8) 

j A Y E ° ( W — W + N)} = dYE*/dmN = B E N + 2 B E N N m N + . . . (9) 

The identical slopes observed i n Figures 8-10 suggest that at low concen­
trations B E N = B N E ; t m s m e a n s that the interactions of a single ion w i t h the sur­
rounding nonelectrolytes is the same as that of a single nonelectrolyte w i t h the 
surrounding ions provided only pair interactions are involved. W h e n triplet and 
higher interactions become important, this identity is lost. 

S tructural Interact ions. A l l electrostatic and dispersion forces w i l l con­
tribute to the solute-solute interactions, but they alone cannot account for the 
observed trends, and it is often necessary to make use of the concept of structural 
hydration interactions. By structural interaction we mean any interaction which 
involves the three-dimensional structure of the solvent. W i t h hydrophi l i c ions 
the structure breaking effect (17,18) is now wel l understood and generally ac­
cepted. W i t h hydrophobic solutes the problem is more complicated. W h i l e 
the high heat capacity and viscosity of hydrophobic nonelectrolytes or electrolytes 
seem to be observed only w i t h highly structured l iquids l ike water, the nature 
of the interactions g iv ing rise to these effects is still obscure. H y d r o p h o b i c hy­
dration might be similar to a time-averaged clathrate hydrate (19); it might be 
related to the d i f f i cu l ty i n f o r m i n g a cavity i n a h ighly structured solvent (20, 
21), or it might s imply be a surface effect (22). 

Thermodynamic data never give us any direct information on the molecular 
nature of the solute-solute or solute-solvent interactions. It is only through a 
comparison with other systems and through models and theories that the relative 
importance of the various types of interactions can be established. This com­
parative approach w i l l therefore be used w i t h the transfer functions. 

 P
ub

lic
at

io
n 

D
at

e:
 J

un
e 

1,
 1

97
6 

| d
oi

: 1
0.

10
21

/b
a-

19
76

-0
15

5.
ch

01
6

In Thermodynamic Behavior of Electrolytes in Mixed Solvents; Furter, W.; 
Advances in Chemistry; American Chemical Society: Washington, DC, 1976. 



286 T H E R M O D Y N A M I C B E H A V I O R O F E L E C T R O L Y T E S 

The simplest cosolvents to understand are the strongly hydrophobic ones. 
The shapes of 0 V

E X and 0 c E X of T B A and P D in Figures 6 and 7 are characteristic 
of hydrophobic solutes. B y analogy w i t h micel le formation, the large decrease 
i n 0 c E X (23) and increase i n 0 V

E X (24) at higher concentrations are probably 
caused by some association resulting f r o m hydrophobic bonding. The transfer 
functions A Y 0

B u 4 N B r ( W W + T B A ) and A Y ° B u 4 N B r ( W — W + P D ) have 
qualitatively the same shape as 0 V

E X and 0 c E X of T B A and P D . In other words, 
Bu4NBr is behaving qualitatively as if it were another T B A or P D molecule. The 
converse transfer functions A Y ° T B A ( W W + B u 4 N B r ) (12) are also similar i n 
shape to A Y 0

B u 4 N B r ( W W + T B A ) as we w o u l d expect f r o m this interpreta­
tion. 

W i t h alkali h a l i d e - T B A - W or alkali h a l i d e - P D - W systems, the parameters 
B N E are negative for volumes and heat capacities (see Figures 1-5 and 10). This 
sign seems to be the one usually observed for the interaction of a hydrophobic 
wi th a hydrophil ic solute (6). A t intermediate cosolvent concentration, A Y E ° ( W 
— W + T B A ) and A Y E ° ( W W + P D ) deviate in the direction we would expect 
for hydrophobic association: the volume increases sharply, and the heat capacity 
decreases further. Inorganic electrolytes lower the critical micelle concentration 
of surfactants by salting out the monomers, thus favoring micel l izat ion (25); in 
a similar way, i n the co-sphere of a hydrophi l i c ion, the hydrophobic bonding 
between the cosolvent molecules may be enhanced. 

Significant differences are observed between the ternary and binary systems 
at h igh cosolvent concentrations. This is expected since at h igh concentrations 
the transfer functions are tending to A Y E ° ( W —* N) . If data in the pure cosolvent 
were available, it w o u l d be preferable to speak of excess transfer functions (26, 
27) def ined by 

A Y E
E X ( W , N -> W + N ) = Y E ° ( W + N ) - X W Y E ° ( W ) - X N Y E ° ( N ) (10) 

where X is the respective mole fraction. As a result of the low solubility, 0 v ° and 
0 c ° of most electrolytes are unfortunately not k n o w n i n the pure cosolvents i n ­
vestigated. 

Urea , as a cosolvent, is at the other extreme. A l l the concentration depen­
dences of the binary and ternary systems are quite regular. The excess volume 
(Figure 6) is positive, which is rarely observed for nonelectrolytes in water. W i t h 
the exception of the heat capacities of Bu4NBr, all the parameters B E u are positive 
for volumes and heat capacities, and the sign of the transfer functions is always 
opposite what we w o u l d expect for the structural hydrat ion contribution to V° 
and C p ° . 

Similarly, AHu°(W —• W + E) is of opposite sign to the expected structural 
hydration contribution of E (28). There does not seem to be too much specificity 
i n the interactions involving U w h i c h probably acts as a statistical structure 
breaker; the local U - W interactions are probably not too different f rom the W - W 
ones, but the long-range ordering is destroyed. Schrier et al. (28) have interpreted 
the B u E parameters i n terms of a destructure overlap cosphere model . Since 
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urea acts as a structure breaker, such a model w i l l predict the same sign for the 
transfer functions as the models w h i c h assume that the U - W mixtures act as a 
uni form solvent less structured than pure water. 

The other nonelectrolytes (D, A C T , A C M , M , D M S O , and PZ) are inter­
mediate between U and the strongly hydrophobic cosolvent ( T B A , P D , and T H P ) . 
As we can see f rom Table II and f rom Figures 1-10, there is not m u c h specificity 
in A Y E ° ( W —• W + N). Most of the specificity at higher cosolvent concentration 
comes f r o m the tendency of A Y E ° ( W W + N ) to approach A Y E ° ( W N ) . 
If we assume that at high cosolvent concentration Y E ° ( W + N ) are a l l tending 
to their intrinsic value, the present data suggest that all these nonelectrolytes are 
slightly hydrophobic. This agrees w i t h the interpretation of the properties of 
the binary systems N - W (4,5). It is not always easy to identify the trends in the 
functions for the various N ; the situation w o u l d probably be easier if we had 
A Y E

E X ( W , N — W + N ) data. Stil l f r o m the slopes B E N , the deviations f r o m 
linearity, and the m i n i m a and maxima, we can probably conclude that the hy­
drophobic character of the nonelectrolytes is increasing i n the order 

U < A C M < D < D M S O < M < P Z < A C T < T H P < P D < T B A 

In general, the transfer functions do not show m u c h specificity for the alkali 
halides (3, 12). The l i t h i u m salts are exceptions i n that the magnitude of the 
transfer functions is significantly smaller than those of the corresponding sodium 
salts, and they show very little specificity for the polar nonelectrolytes. The 
transfer functions i n F igure 1 are tending i n a very regular way to the l i m i t i n g 
A Y 0

L i C i ( W N ) , and the little specificity observed is probably caused by the 
C l ~ ion. These observations therefore support the suggestion that L i + has very 
little structural hydrat ion (2). 

The transfer functions of M e 4 N B r (Figure 3) also show relatively little 
specificity if we assume ths.t the high concentration data is tending to 
AY°Me 4NBr(W —» N) . The deviations f rom this ideal behavior are i n the direction 
we w o u l d expect if M e 4 N B r is a structure breaker. 
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17 
Enthalpies of Solution of Several Solutes 
in Aqueous-Organic Mixed Solvents 

C. DE VISSER and G. SOMSEN 

Department of Chemistry, Free University of Amsterdam, de Lairessestraat 174, 
Amsterdam, The Netherlands 

Measured enthalpies of solution of n-Bu4NBr at 5°, 25°, and 
55°C in mixtures of DMF and water are compared with those 
of other tetraalkylammonium bromides, rubidium chloride, 
and urea, reported earlier. For the latter salts, the enthalpies 
of solution in the mixtures are almost proportional to the mole 
fraction of water, but for n-Bu4NBr a large endothermic maxi­
mum occurs. From this profile it appears to be possible, using 
a simple hydration model, to calculate both the number of 
water molecules which surround a hydrophobic alkyl group 
and the enthalpic effect of the hydrophobic hydration. The 
latter effect appears to diminish strongly with increasing tem­
perature, whereas the number of water molecules involved to 
the hydrophobic hydration changes very little with tempera­
ture. 

One difference i n behavior between the hydrophi l i c a lkal i halides 
and hydrophobic solutes l ike the larger te t raa lky lammonium halides i n 

water is expressed by the enthalpy. T h e enthalpies of solution of the larger tet­
r a a l k y l a m m o n i u m halides i n water are more exothermic than those of the cor­
responding alkal i halides but i n other solvents, e.g., several amides, propylene 
carbonate (PC), and dimethylsulfoxide ( D M S O ) , the reverse is true. Generally, 
this phenomenon is attributed to an enhanced hydrogen bonding i n the highly 
structured solvent water i n the v ic in i ty of the te t raa lky lammonium ions (hy­
drophobic hydration) (J). This idea is substantiated by the absence of the effect 
i n solvents l ike N,N-dimethylformamide ( D M F ) , P C , and D M S O (2), where 
specific structural effects are not present i n the pure solvents. 

In order to see how the hydrophobic hydration breaks d o w n when an aprotic 
cosolvent is added to water and how it starts to contribute w h e n water is added 
to the aprotic solvent, we measured the enthalpies of solution of hydrophobic 
and, for comparison, hydrophi l i c solutes i n m i x e d solvent systems of water and 

289 
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T a b l e I. S t a n d a r d E n t h a l p i e s o f S o l u t i o n i n k j m o l - 1 o f 
T e t r a - n - b u t y l a m m o n i u m B r o m i d e i n M i x t u r e s o f 

A ^ N - d i m e t h y l f o r m a m i d e a n d W a t e r at 5 ° , 2 5 ° , a n d 5 5 ° C as a 
F u n c t i o n o f t h e M o l e F r a c t i o n o f W a t e r , XHp 

5°C 25°C 55°C 

XH20 AH° (sol.) ^ H 2 0 AH° (sol.) ^ : i 2 o AH° (sol.) 
0 +9.32 0 +12.5 0 +15.90 
0.224 +16.31 + 0.01 0.192 +18.48 + 0.05 0.124 +19.88 ± 0.04 
0.421 +22.10 + 0.06 0.311 +22.07 + 0.05 0.321 +25.68 ± 0.04 
0.601 +25.86 + 0.03 0.488 +27.12 + 0.04 0.519 +31.78 ± 0.05 
0.676 +25.69 ± 0.02 0.623 +29.63 + 0.05 0.681 +35.02 ± 0.05 
0.806 +18.45 ± 0.01 0.695 +29.77 ± 0.04 0.778 +34.31 ± 0.05 
0.890 +5.26 ± 0.02 0.760 +27.89 + 0.03 0.874 +29.38 ± 0.02 
0.949 - 8 . 1 9 ± 0.02 0.869 +18.21 + 0.06 0.930 +23.92 ± 0.03 
1 - 2 3 . 7 6 ± 0.03 0.945 +5.26 ± 0.02 1 +13.08 ± 0.04 

1 - 8 . 5 8 + 0.06 

an aprotic solvent l ike D M F . In the present paper, the enthalpies of solution of 
te t ra-n-butylammonium bromide ( n - B u 4 N B r ) i n D M F - w a t e r in particular are 
considered and the results w i l l be compared w i t h those of other tetraalkylam-
m o n i u m bromides, R b C l , and urea published before (3, 4, 5). Since it might be 
expected that the hydrophobic hydration effect is very sensitive to temperature 
changes, the enthalpies of solution of n - B u 4 N B r i n D M F - w a t e r have been 
measured at 5 ° , 2 5 ° , and 5 5 ° C . 

T a b l e I I . S t a n d a r d E n t h a l p i e s o f S o l u t i o n i n k j m o l " " 1 

T e t r a - n - p r o p y l a m m o n i u m B r o m i d e , o f R u b i d i u m C h l o r i d e , a n d 
W a t e r as a F u n c t i o n o f the 

MeJSfBra Et4NBra n-Pr4NBrb 

^ H 2 0 AH° (sol.) ^ H 2 o AH° (sol.) XH2O AH° (sol.) 

0 11.3 0 9.4 0 9.9 
0.100 16.52 ± 0.12 0.147 12.86 ± 0.06 0.143 13.64 ± 0.02 
0.263 20.32 ± 0.03 0.310 15.30 ± 0.04 0.309 17.20 ± 0.05 
0.364 21.72 ± 0.03 0.446 16.39 ± 0.05 0.494 20.28 ± 0.01 
0.506 23.32 ± 0.01 0.563 15.96 ± 0.01 0.600 20.65 ± 0.01 
0.674 22.76 ± 0.03 0.683 13.86 ± 0.03 0.705 18.92 ± 0.02 
0.759 22.35 ± 0.04 0.820 9.91 ± 0.05 0.865 9.87 ± 0.03 
0.849 21.97 ± 0.01 0.928 7.40 ± 0.04 1 - 4 . 2 5 ± 0.05 
0.949 23.33 ± 0.06 1 6.2 
1 24.57 ± 0.05 

a Reference 3. 
b Reference 6. 
c Reference 5. 
d Reference 4. 
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Experimental and Results 

A l l enthalpy of solution measurements were carried out with an L K B 8700-1 
precision calorimetry system. The experimental procedure and tests of the 
calorimeter have been reported previously (3, 4, 5). The puri f icat ion of the 
solvent D M F (Baker Analyzed Reagent) and of all solutes used has been described 
in the same papers. The solvent mixtures were prepared by weighing and the 
mole fraction of water in the D M F - w a t e r mixtures was corrected for the original 
water content of the amide as measured by K a r l Fischer titration. 

The enthalpy of solution measurements of n - B u 4 N B r i n D M F - w a t e r were 
made in very dilute solutions (0.02-0.001 mole k g - 1 ) so that, i n v iew of the ex­
perimental error, any concentration dependence of the enthalpies of solution 
in these solutions was neglected. Consequently, the enthalpy of solution at i n ­
finite di lut ion, AH°(sol.), was taken to be the average of three or more inde­
pendent measurements agreeing wi th in 150 J m o l - 1 . F i n a l results of AH°(sol.) 
of n - B u 4 N B r with their mean deviations at 5 ° , 25° , and 5 5 ° C are given i n Table 
I. The results for the other te t raa lkylammonium bromides, for R b C l , and for 
urea in D M F - w a t e r at 2 5 ° C are summarized i n Table II. 

Discussion 

Previously we found that the enthalpies of solution of n - B u 4 N B r i n mixtures 
of D M F and n-methylformamide ( N M F ) are almost proportional to the solvent 
composition and may be regarded as close to ideal (6). In this context, ideal 
behavior means that AHid = XAAHA° + X B A H B 0 i n w h i c h AHA° and A H B

0 are 
the enthalpies of solution i n two pure solvents A and B. As a consequence, the 

o f T e t r a m e t h y l a m m o n i u m - , T e t r a e t h y l a m m o n i u m - , a n d 
o f U r e a at 2 5 ° C i n M i x t u r e s o f A V V - D i m e t h y l f o r m a m i d e a n d 
M o l e F r a c t i o n o f W a t e r , X H O 

RbCl? uread 

XH20 AH° (sol.) ^ H 2 0 AH° (sol.) 

0 0.89 0 5.85 ± 0.03 
0.513 13.22 ± 0.06 0.100 5.44 ± 0.03 
0.651 16.10 ± 0.05 0.200 5.48 ± 0.01 
0.749 16.34 ± 0.02 0.300 5.75 ± 0.03 
0.828 16.13 ± 0.03 0.400 6.32 ± 0.04 
0.934 16.04 ± 0.03 0.500 7.31 ± 0.03 
1 17.21 ± 0.02 0.601 8.70 ± 0.03 

0.700 10.25 ± 0.01 
0.800 11.89 ± 0.01 
0.928 14.05 ± 0.03 
1 15.28 ± 0.04 
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292 THERMODYNAMIC BEHAVIOR OF ELECTROLYTES 

excess enthalpy of solution A H E ( s o l . ) is def ined as AJF/e(SO1.) = A H E X P - AHid 

= 0 for n - B u 4 N B r i n D M F - N M F . 
In D M F - w a t e r mixtures, the A H E ( s o l . ) of n - B u 4 N B r deviates substantially 

f r o m zero, but for M e 4 N B r , urea, and R b C l , AHE(sol.) is small , especially when 
compared w i t h the values for n - B u 4 N B r (see F igure 1). 

In view of the different behavior of n - B u 4 N B r in mixtures of D M F and N M F 
and of D M F and water, we recently (6) der ived an equation for the excess en­
thalpy of solution i n the D M F - w a t e r mixture ( A H E ( M ) ) by use of a simple hy­
drophobic hydrat ion model . S u m m a r i z i n g this derivation, we conceived the 
enthalpies of solution in the D M F - H 2 0 system (AH°(M)) as being the result of 
two effects: (a) W h e n the hydrophobic hydration of tetraalkylammonium ions 
is absent, the corresponding enthalpy of solution i n pure water A H ^ H f e O ) and 
in the mixture AHl(M) should be correlated by: 

(b) However , i n the real case, we must account for hydrophobic hydrat ion w i t h 
an enthalpic contribution both i n pure water, H b ( H 2 0 ) and i n the aqueous 
mixture, H b ( M ) . Consequently, AH°(M) = AHl(M) + H b ( M ) . Since also 
A H 0 ( H 2 O ) = A H 1 ( H 2 0 ) + H b ( H 2 0 ) , the excess enthalpy of solution i n the 
mixture is given by: 

Values of H b ( M ) wi th increasing mole fraction X of water can be calculated wi th 
the a id of the model of Mastroianni , P i k a l , and L i n d e n b a u m (7), using the fo l ­
lowing assumptions: 

(a) In aqueous solution a n - B u 4 N + ion is surrounded by a cage of N water 
molecules and each buty l group is surrounded by a subcage of N / 4 water mole­
cules. The presence of one or more D M F molecules w i l l prevent the formation 
of a subcage but w i l l not affect the structures of the subcages around the other 
buty l groups. 

(b) In a mixture of D M F and water, the distribution of solvent molecules 
surrounding the ion is random so that the probability of a given solvation site being 
occupied by a water molecule is X H 2 O - Hence, this probability is X N / 4 for N / 4 
sites. 

T a b l e I I I . V a l u e s o f t h e E n t h a l p i c E f f e c t o f H y d r o p h o b i c H y d r a t i o n 
H b ( H 2 0 ) , t h e N u m b e r o f W a t e r M o l e c u l e s p e r A l k y l G r o u p N/4 

C o r r e l a t e d w i t h I t , a n d the M e a n D e v i a t i o n s o f t h e C a l c u l a t e d f r o m 
the E x p e r i m e n t a l V a l u e s o f AHE o f n - B u 4 N B r i n D M F - W a t e r 

M i x t u r e s at D i f f e r e n t T e m p e r a t u r e s 
T(°C) Hb(H20)(kJ mol-1) N/4 Mean Deviation(kJ mol'1) 

5 - 6 5 . 6 6.0 0.38 
25 - 5 2 . 8 6.4 0.23 
55 - 3 4 . 4 6.7 0.15 

A H K M ) = X H a o A f f ^ H a O ) + (1 - X H 2 o ) A H ° ( D M F ) (1) 

A H E ( M ) = H b ( M ) - X H b ( H 2 0 ) (2) 

 P
ub

lic
at

io
n 

D
at

e:
 J

un
e 

1,
 1

97
6 

| d
oi

: 1
0.

10
21

/b
a-

19
76

-0
15

5.
ch

01
7

In Thermodynamic Behavior of Electrolytes in Mixed Solvents; Furter, W.; 
Advances in Chemistry; American Chemical Society: Washington, DC, 1976. 



17. D E VISSER A N D SOMSEN Enthalpies of Solution 293 

(c) The enthalpic effect of hydrophobic hydrat ion is merely the result of 
subcage formation and each butyl group contributes \ H b ( H 2 0 ) . Consequently, 
H b ( M ) = 4 . X N / 4 . ( y 4 ) H b ( H 2 0 ) = X N / 4 H b ( H 2 0 ) and Equat ion 2 becomes: 

A t f E = ( X " / 4 - X ) H b ( H 2 0 ) (3) 
Equat ion 3 can be used i n a curve-f i t t ing program (6) to search for the best fit 
of the experimental data by o p t i m i z i n g both parameters H b ( H 2 0 ) and N / 4 . 
These calculations were performed on an IBM-1130 comput ing system. T h e 
curve f i t t ing has been carried out for A H E values of n - B u 4 N B r i n mixtures of 
D M F and water at 5 ° , 2 5 ° , and 5 5 ° C as seen in F igure 2. Values of H b ( H 2 0 ) 
and N / 4 corresponding to the best fit together w i t h the mean deviation of the 
calculated A H E values f r o m the experimental ones, are given i n Table III. It 
should be noted that i n the derivation of Equations 2 and 3 clearly it is assumed 
that any significant deviation of A H E ( M ) f rom zero is caused by a change of the 
hydrophobic hydration of n - B u 4 N B r in the mixed solvents. In view of the very 
small values of AHE(M) for non-hydrophobic solutes (Figure 1), this idea has been 
justified as a first approximation. 

3 0 

2 5 

i 
| 2 0 

—> 
^ 1 5 
o 
U) 
I 10 
< 

5 

0 

- 5 

0 0.2 0.4 0 .6 0 .8 1 

" X H 2 0 

Figure 1. Excess enthalpies of solution AHE(sol.) of some tet-
raalkylammonium bromides, rubidium chloride, and urea in 
mixtures of N,N-dimethylformamide and water as a function 
of the mole fraction of water, X// 2o- •> n-Bu4NBr; O, n -

Pr4NBr; M, Me4NBr; A, RbCl; X, urea. 
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E 

40 
I I I l i 1 1 I I 

35 / \ 
/ T=25°C \ 

30 / / \ \ 

25 

/ / T = 55°C \\ 
20 

15 / \ \\ " 

10 \ 1 

5 - //y 

0 r i i i 1 1 1 1 1 1 

0 0.2 0.4 0.6 0.8 1 
*" X H 2 0 

Figure 2. Excess enthalpies of solution AHE(sol.) of n-Bu4NBr 
in mixtures of NJSl-dimethylformamide and water as a function 

of the mole fraction of water at 5 ° , 2 5 ° , and 5 5 ° C . 

Some interesting results can be deduced f r o m Table III and F igure 2. 
(a) A t al l three temperatures the fit of the experimental values given i n 

Figure 2 is very good. As a consequence, the model given above provides a good 
method to describe the experimental results. This is demonstrated further if we 
compare the enthalpies of solution themselves at different temperatures (Figure 
3): below X H 2 O = 0.6, the three AH°(M) curves are parallel , indicat ing indeed 
that, i n the absence of hydrophobic hydration, the enthalpies of solution i n the 
D M F - w a t e r mixtures are close to ideal , whereas above X H 2 O = 0.6, deviations 
occur w h i c h are caused by hydrophobic hydrat ion i n water and i n water r i ch 
mixtures. 

(b) The value of N/4 does not change significantly as a funct ion of tem­
perature, whereas the value of H b ( H 2 0 ) is almost reduced to 50% going f r o m 
5 ° C to 5 5 ° C . In other words, the number of water molecules involved i n the 
hydrophobic hydration of n - B u 4 N B r is hardly any function of temperature, but 
the enthalpic contribution to this hydrat ion diminishes rather strongly w i t h i n ­
creasing temperature. The constancy of N / 4 as a funct ion of temperature ( N 
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17. D E VISSER A N D S O M S E N Enthalpies of Solution 295 

is about 25) may support the idea of some clathrate-like structure i n solution 
especially i n view of the fact that solid hydrates of n-Bu4NBr also contain cla­
thrate-like structures i n which the n - B u 4 N + ion is surrounded by about 32 water 
molecules (1). T h e decrease of H b ( H 2 0 ) w i t h increasing temperature m a y be 
caused by decrease of the hydrogen bond energy (8). This conclusion about the 
variation of the strength of the hydrogen bond w i t h temperature supports the 
assumption necessarily made by P h i l i p and Desnoyers (9) to predict the sign of 
heat capacities of electrolyte solutions f r o m a two state model . 

As a consequence of the model employed, values of H b ( H 2 0 ) and N ought 
to be independent of the choice of the cosolvent as long as specific structural ef­
fects are absent. Therefore, we applied Equation 3 to the enthalpies of solution 
of n - B u 4 N B r i n D M S O - w a t e r mixtures (10), since D M S O is a dipolar aprotic 
solvent l ike D M F . The best f it of the AHE values i n this mixture yields: 
H b ( H 2 0 ) = - 4 9 . 2 kJ m o l " 1 and N / 4 = 6.4, i n excellent agreement w i t h our 
values at 2 5 ° C given i n Table III. 

T i i i i i i i r 

I i i i i i i i i i i 
0 0.2 0.4 0.6 0.8 1 

X H 2 0 

Figure 3. Enthalpies of solution AH°(sol.) of n~Bu4NBr in 
mixtures of N,N-dimethylformamide and water as a function 

of the mole fraction of water at 5 ° , 2 5 ° , and 5 5 ° C . 
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18 
Heats of Solution and Dilution of 
Lithium Perchlorate in Aqueous 
Acetonitrile 

R. P. T. TOMKINS, G. M. GERHARDT, L. M. LICHTENSTEIN, and P. J. 

TURNER 

Department of Chemistry, Rensselaer Polytechnic Institute, Troy, N. Y. 12181 

Heats of solution of lithium perchlorate in 20, 40, 60, 80, 90, 
and 100 wt % acetronitrile-water mixtures at 298.16°K are re­
ported. The heats of dilution were measured for lithium per­
chlorate in the mixed solvent containing 90 wt % CH3CN. 
The heats of transfer (∆Htr) of lithium perchlorate from water 
to aqueous acetonitrile were calculated. The results are dis­
cussed in terms of the structure of the solvent system and se­
lective solvation properties of the lithium ion. 

The heats of solution and di lut ion of electrolytes i n nonaqueous-
aqueous solvent mixtures have been l imited mostly to alcohol-water systems 

and a few measurements i n dimethylsulfoxide-water and dioxane-water mixtures 
(J, 2). T h e structural m a x i m u m i n aqueous-organic solvents at h igh water 
content has been well established by a variety of techniques (8,4), but few systems 
have been explored over the whole composition range. 

T h e purpose of this study is to examine the structural features of acetoni-
trile-water mixtures over the whole composition range using the heats of solution 
and di lut ion of l i t h i u m perchlorate as a probe. T h e effect of water on thermo­
d y n a m i c properties such as heats of solution is also of interest. 

Acetonitrile has been selected as the solvent i n this study since it is a possible 
candidate for a nonaqueous electrolyte battery (5). F r o m this viewpoint , ace­
tonitrile has several attractive physical properties, as shown i n Table I. It has 
a useful l i q u i d state range and a reasonably low vapor pressure and viscosity at 
ambient temperature. In addit ion, m a n y c o m m o n electrolytes are soluble i n 
acetonitrile. Acetonitr i le is a good model solvent for solvation studies, as the 
molecule is a linear aprotic dipole. 

297 
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T a b l e I. P h y s i c a l P r o p e r t i e s o f A c e t o n i t r i l e (1) 

Boiling point 81.60° C 
Freezing point —43.84° C 
Vapor pressure 88.81 Torr (at 25°C) 
Viscosity 0.375 cP (at 15°C) 
Dielectric constant 37.5 (at 20°C) 

Nonaqueous Electrolytes Handbook 

Experimental 

L i t h i u m perchlorate was puri f ied as described earlier (6). Acetonitrile was 
Fisher A C S reagent grade and was used without further puri f icat ion. Water 
was disti l led twice, the second t ime i n a C o r n i n g A G - 2 a l l glass still , and had a 
specific conductivity at 25°C of 8 X 10~ 7 o h m - 1 c m - 1 . The mixed solvents were 
prepared by weight as shortly as possible before heat measurements were 
made. 

Heats of solution were measured at 298.16° K using an L K B 8700-1 precision 
calorimeter. Details of the procedure have been described earlier (6). T h e 
pr inc ipa l difference i n procedure i n this case was that the ampoules were to be 
f i l l ed w i t h solid instead of solution. The ampoules were f i l l ed w i t h crushed 
l i th ium perchlorate using a one-mm copper wire as a ramrod, and their contents 
were weighed by difference in a nitrogen-filled drybox. They were placed about 
four at a t ime i n a small desiccator and transferred to the sealing apparatus and 
sealed as quick ly as possible. Solid sticking to the f i l l i n g stem was weighed by 
difference on washing and d r y i n g the stem after sealing. Heats of di lut ion were 
measured at 298.16° K w i t h an L K B 11700 batch microcalorimeter. 

The heats of solution of l i t h i u m perchlorate i n aqueous acetonitrile were 
measured at concentrations between 0.01 and 0.1m. T h e concentration de­
pendence was small compared w i t h the experimental scatter of about 0.1-0.2 
kcal m o l e - 1 . A H s values are given i n Table II. The heats of solution i n anhy­
drous acetonitrile were corrected to inf inite d i lut ion using measured heats of 
dilut ion (6), and the corrected values were averaged. The heats of di lution were 
measured for l i t h i u m perchlorate i n the mixed solvent containing 90% M e C N . 

T a b l e I I . H e a t s o f S o l u t i o n o f L i t h i u m P e r c h l o r a t e i n 
A q u e o u s A c e t o n i t r i l e 

MeCN —&HS Mean deviation No. of 
(wt %) (kcal mot1) (kcal mot1) measurements 

0 6.35 0.05 10 
20 7.5 0.09 14 
40 10.0 0.16 11 
60 12.0 0.26 9 
80 14.2 0.28 10 
90 15.8 0.20 5 

100 13.6 0.15 4 
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T a b l e III. H e a t s o f D i l u t i o n o f L i t h i u m P e r c h l o r a t e i n 1 0 % 
A q u e o u s A c e t o n i t r i l e 

ma -AHDab 0 L 
(final) (cal mol~l) (cal mol' 

0.0180 0.134 816 69 
0.0448 0.212 776.2 109 
0.1124 0.335 712.3 172 
0.3049 0.552 543.7 341 
1.0172 1.009 0 885 

a Initial concentration for each dilution is 1.0172m. 
b Estimated uncertainty of measurement: ±30 cal mol" 1. 

The data were analyzed by the method of H a r n e d and O w e n (7). There was 
little difference between a linear and a square root extrapolation at the lowest 
measured molalities. A square root extrapolation was used. Heats of d i lut ion 
and 0L values are listed in Table III. Figure 1 shows the dependence of 0L versus 

Discussion 

Heats of solution for l i t h i u m perchlorate i n pure water have been reported 
previously (8). The heats of transfer to the aqueous mixtures and anhydrous 
acetonitrile are given i n Table I V and F igure 2. 

9 0 0 T 

8 0 0 

7 0 0 

6 0 0 

•g 5 0 0 
E 

3 4 0 0 

3 0 0 

200 

100 

0.0 0.1 0.2 0.3 0.4 0.5 0.6 0.7 0.8 0.9 1.0 

ml/2(mole'£kg~£) 

Figure 1. Apparent relative partial molal enthalpies of lithium 
perchlorate in 9:1 (w/w) acetonitrile-water as a function of m 1 / 2 

 P
ub

lic
at

io
n 

D
at

e:
 J

un
e 

1,
 1

97
6 

| d
oi

: 1
0.

10
21

/b
a-

19
76

-0
15

5.
ch

01
8

In Thermodynamic Behavior of Electrolytes in Mixed Solvents; Furter, W.; 
Advances in Chemistry; American Chemical Society: Washington, DC, 1976. 



3 0 0 T H E R M O D Y N A M I C B E H A V I O R O F E L E C T R O L Y T E S 

T a b l e I V . H e a t s o f T r a n s f e r o f L i t h i u m P e r c h l o r a t e f r o m W a t e r t o 
A q u e o u s A c e t o n i t r i l e 

MeCN Mole Fraction of MeCN -AHt(W-+S) 
(wt %) x2 

(kcal mol'1) 

20 0.0989 1.2 
40 0.2264 3.7 
60 0.3971 5.7 
80 0.6372 7.9 
90 0.7982 9.5 

100 1.000 7.26 

The free energies of transfer, A G t , to the aqueous mixtures have not been 
measured, but f r o m the summation of ionic free energies (9), the free energy of 
transfer of L i C l 0 4 f rom water to anhydrous acetonitrile is found to be +7.6 kcal 
m o l - 1 . Thus the entropy of transfer (as T A S ) is —14.9 kcal m o l - 1 . The fact that 
the solubility (on a mole fraction basis) of LiClC>4 is very nearly the same in ac­
etonitrile as in water is the result of differences in the free energy of the crystalline 
state i n e q u i l i b r i u m w i t h solution (10), i.e., LiCl04«4MeCN or L i C l 0 4 - 3 H 2 0 
and of ion association, and does not reflect the true situation of the ions at h igh 
di lut ion. 

The general tendency in aqueous organic solvents (I J) is for the free energies 
of transfer to be monotonic functions of solvent composition. Often the enthalpy 
of transfer shows a m a x i m u m in the water-rich region, and for salts of small ions 
there may be a further reversal i n the organic-r ich region. 

The heats of di lut ion are nearly linear i n m 1 / 2 below 0.1m, w i t h a slope of 
about 500 cal k g 1 / 2 m o l e - 3 / 2 . This is very close to the theoretical and measured 
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values for 1:1 salts in pure water (12). The temperature dependences of the 
density and dielectric constant of the mixed solvent are not known, so it is i m ­
possible to verify that this is the expected l imi t ing slope. If we assume that these 
missing values are close to those for pure acetonitrile, i.e., a ~ 0.0014 K - 1 and 
d l n D / 6 T ~ 0.005 K _ 1 , then the predicted l i m i t i n g slope is of the order of 1700 
cal k g 1 / 2 mol ~ 3 / 2 . It is possible that the low value observed is caused by the work 
required to separate ion pairs on di lut ion. 

Above 0.1m the 0 L values of aqueous salts flatten out and may become 
negative except where small ions are involved. In 90% acetonitrile, the 6L curve 
becomes steeper w i t h increasing concentration. This is probably caused by 
depletion of the free water in the solvent, so that ion solvation by acetonitrile 
becomes significant. It is also possible that, because ionic electric fields are sig­
nificant at greater distances i n a solvent of lower dielectric constant, the over­
lapping of ionic co-spheres has a m u c h more drastic effect on the enthalpy than 
it does i n water for this salt. 

Apart f rom a small exothermic region at the water-r ich end, A H E for the 
acetonitri le-water system is strongly positive at 2 9 8 ° K (J 3), indicat ing that the 
water structure is significantly broken up by the addit ion of large amounts of 
acetonitrile. A H E passes through a m a x i m u m at about X 2 = 0.65, but A H t r ap­
parently does not change direct ion unt i l later than this. 

It seems l ikely that: (a) the smaller amount of water is still competing 
successfully wi th the acetonitrile for solvation sites, (b) this effect is accentuated 
by the continuing breakup of water structure so that "nonaqueous" water is a 
far more effective solvent than "aqueous" water, and (c) ordering by the ions 
is m u c h more significant in a weakly associated aprotic solvent. W h i l e this 
general type of behavior has been found before for small ions i n mixed solvents, 
these results indicate that the reversal of the effect i n acetonitri le-water occurs 
at m u c h lower water content than was observed where both components are 
highly structured, e.g., for H C l and HCIO4 in aqueous ethylene glycol (14,15), 
for K B r i n aqueous formic acid (16), and for H C l i n aqueous ethanol (17). In 
contrast, H B r and H I in aqueous methanol (18,19) do seem to behave in a similar 
manner i n this region, although H C l does not (20). In each of these ( H B r and 
HI) cases, it is possible that the movement of A H t r is controlled b y a large and 
sudden increase i n A G t r . This may apply to aqueous acetonitrile also. 

The path of A H t r above X 2 = 0.8 is especially interesting. In order to gain 
a reliable interpretation in this region, further work is planned to investigate the 
effects of small quantities of water on the thermodynamic properties of elec­
trolytes. 
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Standard Gibbs Free Energy of Transfer 
of n-Bu 4NBr from Water to Water­
-Organic Solvent Mixtures as Deduced 
from Precise Vapor Pressure 
Measurements at 298.15°K 

CLAUDE TREINER and PIERRE TZIAS 

Laboratoire d'Electrochimie, E.R.A. 310 Université Pierre et Marie Curie, Bât. F., 
4 Place Jussieu, 75230 Paris Cedex 05 France 

The standard free energy of transfer ∆G0

t of tetrabutylam­
monium bromide (n-Bu4NBr) from water to water-acetone 
and from water to water-tetrahydrofuran mixtures has been 
deduced from precise vapor pressure measurements of dilute 
solutions. The ∆G0

t function is negative from water to the 
water-rich region in both chemical systems and becomes posi­
tive for high organic solvent compositions. With ∆H0

t values 
obtained from calorimetric measurements, the standard molar 
entropy of transfer ∆S0

t has been calculated in the case of the 
water-acetone mixtures. The standard free energy of trans­
fer is so-called entropy controlled in the water-rich region and 
enthalpy controlled in the organic-rich region, ∆H0

t and ∆S0

t 

being positive in the whole solvent concentration range. 
These findings are rationalized assuming that ∆G0

t for n­
-Bu4NBr may be considered the sum of two effects of opposite 
sign: a nonspecific cavity effect caused by the cation and a 
specific effect caused by the bromide ion. 

It has been shown recently (I) that the transfer of urea f r o m water 
to water-rich water-tetrahydrofuran ( T H F ) mixtures is an entropy-controlled 

phenomenon (T| AS° t | > | AH° t |), but f r o m water to w a t e r - T H F mixtures of 
mole fraction Z 2 > 0.20 it is an enthalpy-controlled phenomenon (| AH° t | > 
T\ AS° t|); moreover, the transfer is energetically favorable i n the former case 
and unfavorable i n the latter. A m i n i m u m i n the standard free energy transfer 
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304 THERMODYNAMIC BEHAVIOR OF ELECTROLYTES 

funct ion w i t h solvent composition (or a m a x i m u m in solubility) i n the case of 
aqueous binary mixtures has been observed previously, e.g., for molecules l ike 
some amino acids and polynucleotides, /3-lactoglobulin, and uric ac id (2, 3, 4, 
5). W e found the same k i n d of behavior i n the case of s imple 1-1 electrolytes 
as suggested by the work of D e L i g n y and co-workers on the solubilities of some 
te traa lkylammonium salts i n water-organic solvent mixtures (6). The ther­
modynamic properties of these electrolytes have been studied intensively in water 
and, to some extent, i n binary aqueous mixtures. These studies have been re­
viewed recently (7,8). In the latter case, most of the available informat ion has 
been deduced f r o m enthalpy and heat capacity measurements (9-15). W e 
present here the first results obtained on the standard molar free energy of transfer 
A G ° t of te trabutylammonium bromide ( n - B u 4 N B r ) f r o m water to w a t e r - T H F 
and to water-acetone mixtures as deduced f r o m precise vapor pressure mea­
surements i n dilute solutions at 25° C . T h e w a t e r - T H F mixtures were chosen 
for comparison purposes because of our previous work on thiourea and urea i n 
the same solvent system, and the water-acetone mixtures were chosen because 
standard enthalpy measurements were available for n - B u 4 N B r in these solvents 
(12) so that the standard entropy funct ion could be calculated. 

W e shall now outline brief ly some of the characteristics of the experimental 
method used. 

Theory 

G r u n w a l d and Bacarella (16) have shown that the rate of change of the 
standard chemical potential Go of a solute with water mole fraction Z\ in a binary 
solvent mixture can be expressed by the relation: 

dl — 

M i 2 \ dm / Z ! RT dZi \ 3Zi lm \ dm I z i 

ai = a\/a\° and a2 = a2/02° are the ratio of the activities of each solvent of the 
binary mixture before and after addit ion of the solute of molal i ty m at constant 
Z i ; M12 is the molecular weight of the binary solvent; M12 = M i Z ] + M 2 Z 2 and 
r = M i — M2/M12; 7 ± is the solute activity coefficient. 

The activities are def ined by the fo l lowing set of relations, assuming that 
the vapor behaves as a perfect gas: 

_ P(l - y) 0 P°(l - j/o) Py 0 P°y0 / 0 . 
? i o ' 1

 P i o ' a 2 p 2 o ' a 2 p2o w 

where Pn and y0 are respectively the total pressure and mole fraction vapor phase 
composition of the solvent mixture before addition of the solute, P and y the same 
quantities after addit ion of the solute. T h e reference state for the solute is i n f i ­
nitely dilute solution in the binary solvent mixture of Z\ composition (y± —• 1 
when m 0), dGn/dZi is expressed in the mole fraction scale. Al though the 
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19. TREINER A N D TZIAS Energy of Transfer of n-Bu4NBr 305 

assumption made i n relation 2 does not introduce any appreciable error i n the 
f inal calculations (J), we have used the second v i r ia l coefficients of the gas mix­
tures i n the case of w a t e r - T H F mixtures as these data were available (see Ref. 
16). 

If one assumes that in a dilute solution the activity coefficient of a 1-1 
electrolyte is given by the D e b y e - H u c k e l law, 

In Y± , 
1 + fa 

then the determination of dGo/dZ\ rests upon the measurement of the total 
pressure P and the vapor phase composition y. W e have recently proposed the 
fo l lowing procedure (18). 

The activities a\ and a2 are related through the G i b b s - D u h e m equation: 

( Z i d i n 01 + Z 2 d i n a2) = - 2 d m - 2 d i n y± (3) 
M12 

Assuming again that y± follows the D e b y e - H u c k e l law, the total pressure 
P is measured as a funct ion of the solute concentration, then the vapor phaset/, 
the only u n k n o w n i n Equat ion 4, can be calculated, and hence the activities a\ 
and #2 can also be calculated, provided the activities a i° and a2° of each solvent 
prior to the addition of the solute are known; dG°/dZ\ can be obtained next f rom 
Equat ion 1. F i n a l l y , integration of dG°/dZ\ w i t h respect to Z\ leads to the 
standard molar free energy of transfer A G ° t between Z\ = 1 (if water is chosen 
as the reference solvent) and any value of Z\. 

Experimental 

The apparatus and the experimental procedure have been described in detail 
( i , 18). The solvent mixture is degassed i n a Pyrex cell by freezing w i t h l i q u i d 
nitrogen, pumping , and melting. A cup-dispensing device permits the addition 
of several cups containing the salt samples. The vapor pressure is measured with 
a precision Texas Instruments gauge of a sensitivity of 0.005 Torr . The tem­
perature of the oil-bath i n w h i c h the cell is immersed i n T = 298.15 ± 0 .003°K. 
n - B u 4 N B r (O.S.I, puriss.) was dr ied several days under v a c u u m at 5 0 ° C ; the 
l i m i t i n g conductance of the electrolyte i n water at 2 9 8 . 1 5 ° K was chosen as the 
puri ty criterion: A 0 = 97.46 ± 0.02 as compared to A 0 = 97.46 ± 0.05 (19), A 0 

= 97.23 (20) and A 0 = 97.50 ± 0.01 (21). T H F (Merck pro analysi) and acetone 
(Carlo E r b a purr.) were dr ied and disti l led without further puri f icat ion. The 
water content was of the order of 0.01%. 

Results 

Tables I and II present the variation of total pressure P and vapor phase 
composition y w i t h salt molal i ty obtained for each Z\ composition for the two 
binary systems studied. F o r each addit ion of salt to the solvent a new value of 
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T a b l e I. C h a r a c t e r i s t i c P a r a m e t e r s f o r V a p o r — L i q u i d E q u i l i b r i u m : 
n - B u 4 N B r i n W a t e r - A c e t o n e M i x t u r e s at 2 9 8 . 1 5 ° K 

3G° 
- A G \ wt% m P 

acetone (mol kg'1) (Torr) y (kcal mol~x) 

4.910 0.98425 0 48.91 0.52167 
0.01166 48.84 0.52111 5.90 
0.02401 48.75 0.52049 5.89 
0.03424 48.69 0.51998 5.87 
0.04707 48.60 0.51936 5.88 

Av. 5.89 ± 0.02 

7.941 0.97394 0 62.75 0.61330 
0.00614 62.68 0.61299 6.53 
0.01299 62.62 0.61265 6.28 
0.01819 62.56 0.61234 6.37 
0.02373 62.51 0.61209 6.37 

Av. 6.39 ± 0.15 

11.964 0.95955 0 79.05 0.69837 
0.00571 78.98 0.69815 5.41 
0.01322 78.85 0.69773 6.73 
0.02005 78.76 0.69741 6.52 
0.02653 78.68 0.69719 6.02 

Av. 6.17 ± 0.81 

19.80 0.92887 0 103.33 0.80595 
0.00500 108.22 0.80578 5.89 
0.01886 107.93 0.80533 5.67 
0.02529 107.79 0.80510 5.73 

Av. 5.76 ± 0.06 

29.971 0.88281 0 141.99 0.84773 
0.00952 141.72 0.84747 5.37 
0.01772 141.50 0.84726 5.04 
0.02632 141.30 0.84706 4.74 
0.03549 141.01 0.84677 5.04 

Av. 5.05 ± 0.28 

39.986 0.82873 0 160.90 0.86880 
0.01116 160.60 0.86858 3.84 
0.01889 160.36 0.86839 4.10 
0.02838 160.12 0.86821 3.85 
0.03841 159.84 0.86799 3.84 

Av. 3.91 ± 0.16 

50.061 0.76281 0 172.35 0.88090 
0.00551 172.22 0.88082 2.74 
0.01145 172.09 0.88075 2.37 
0.01704 171.96 0.88066 2.39 
0.02401 171.79 0.88055 2.42 

Av. 2.48 ± 0.18 

85 

150 

240 

430 

680 

915 

1110 
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19. TREINER A N D TZIAS Energy of Transfer of n-Bu4NBr 307 

T a b l e I (Continued) 

60.084 0.68171 

80.226 0.44277 

0 183.10 0. ,89007 
0.00634 183.01 0, .89005 0.38 
0.01103 182.94 0. .89003 0.32 
0.01863 182.83 0, .88999 0.27 
0.02411 182.75 0, .88996 0.22 

Av. 0.30 ± 0. 

0 199.90 0, .90745 
0.00613 199.91 0, .90756 - 3 . 6 7 
0.01075 199.92 0, .90763 - 3 . 7 2 
0.01646 199.93 0, .90773 - 3 . 8 4 
0.02223 199.95 0, .90787 - 3 . 9 0 

Av. - 3 . 7 8 ± 0.24 

1230 

835 

T a b l e I I . C h a r a c t e r i s t i c P a r a m e t e r s f o r V a p o r — L i q u i d E q u i l i b r i u m : 
rc-Bu4NBr i n W a t e r - T e t r a h y d r o f u r a n M i x t u r e s at 2 9 8 . 1 5 ° K 

Wt% 
THF 

5.418 0.98590 

7.611 0.97942 

8.25 0.97703 

15.01 0.95776 

m P 
(mol kg~l) (Ton) 

0 
0.00468 
0.00992 
0.02005 

0 
0.00950 
0.02007 
0.03908 

0 
0.01203 
0.01876 
0.02556 

0 
0.00461 
0.01071 
0.01685 
0.02265 

60.33 
60.28 
60.22 
60.12 

74.38 
74.23 
74.06 
73.78 

78.87 
78.66 
78.55 
78.42 

108.06 
107.94 
107.79 
107.63 
107.47 

0.5886 
0.58883 
0.58800 
0.58747 

0.6553 
0.65475 
0.65409 
0.65305 

0.6772 
0.67650 
0.67614 
0.67571 

0.7725 
0.77230 
0.77205 
0.77177 
0.77149 

- A G % 
(cal mof~x) 

95 

3Go 

(kcal mot~x) 

7.04 
7.47 
7.15 

Av. 7.22 ± 0.18 

8.25 
8.27 
7.80 

Av. 8.11 ± 0.27 

8.34 
8.04 
8.33 

Av. 8.24 ± 0.17 

7.69 
7.24 
7.26 
7.39 

Av. 7.40 ± 0.17 320 

145 

165 
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T a b l e II (Continued) 

19.981 0.94132 

30.04 0.90318 

40.02 0.85772 

50.01 0.80014 

60.239 0.72557 

0 
0.00555 
0.01130 
0.01622 
0.02104 

0 
0.00706 
0.01399 
0.02058 

0 
0.01636 
0.02431 
0.03184 

0 
0.00723 
0.01445 
0.02103 
0.02706 

0 
0.00501 
0.01390 
0.01962 

125.18 
125.05 
124.81 
124.64 
124.58 

144.41 
144.21 
144.01 
143.82 

155.61 
155.22 
155.07 
154.84 

157.39 
157.31 
157.22 
157.13 
157.08 

160.60 
160.61 
160.63 
160.65 

0.8039 
0.80374 
0.80342 
0.80320 
0.80315 

Av. 

0.8280 
0.82781 
0.82763 
0.82745 

Av. 

0.8386 
0.8383 
0.83820 
0.83802 

Av. 

0.8425 
0.84248 
0.84243 
0.84240 
0.84238 

Av. 

0.8450 
0.84508 
0.84519 
0.84528 

Av. 

4.75 
7.35 
7.43 
6.00 

6.38 ± 1.58 

4.81 
4.83 
5.01 

4.88 ± 0.12 

2.59 
2.95 
2.54 

2.69 ± 0.24 

- 0 . 0 4 
- 0 . 0 2 
- 0 . 1 3 
- 0 . 3 3 

0.13 ± 0.19 

- 3 . 2 2 
- 3 . 3 9 
- 3 . 6 2 

- 3 . 4 1 ± 0.14 

435 

650 

820 

895 

770 

dGo/dZi can be calculated and should be independent of concentration if our 
procedure is correct. T h e results presented i n Tables I and II show that this is 
indeed thecase. F i n a l l y A G ° t is obtained by analytical integration. T h e var i ­
ation of dGo/dZi w i t h Z\ is f i t ted to two second-degree po lynomia l functions, 
one for the region of the m a x i m u m (Figure 1) and one for the rest of the 
curve: 

^o = a + b Z l + cZl2 ( 4 ) 

oZ\ 

E a c h of the functions is then integrated w i t h A G ° t = 0 for Z\ = 1. 
Table H I presents the values of the constants used i n the calculations. T h e 

t/o data have been obtained f r o m the variat ion of PQ w i t h Z\ by numer ica l inte­
gration of the G i b b s - D u h e m equation using the R u n g e - K u t t a method (22,23). 
The comparison of the PQ values of Table I w i t h those obtained by some previous 
workers (24, 25) shows that our results are at most higher by 0.5-1 Torr . 
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19. TREINER A N D TZIAS Energy of Transfer of n-Bu4NBr 309 

Final ly one should take into account in Equation 1 the degree of dissociation 
a of the ions into ion pairs, assuming that the chemical potential of the free ions 
is given by the fo l lowing relations: 

G = G 0 + 2RT ln ma + 2RT ln y'± (5) 

where 

However this w o u l d necessitate the determination of the derivative of a w i t h 
respect to Z i . This quantity cannot be measured w i t h enough accuracy, espe­
cial ly when the association constant K\ is small (this is the case i n the h igh d i ­
electric constant values of the solvents studied: D ^ 30). W e have made two 
conductance runs, i n a 59.02% w a t e r - T H F mixture and i n a 81.90% w a t e r - A C 

1.0 0.9 0.8 0.7 Z 1 0.5 0.4 0.3 

Figure 1. Rate of change of the standard chemical po­
tential of n-Bu4NBr with solvent composition vs. water 

mole fraction at 298.15°K 
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T a b l e III. P h y s i c a l C o n s t a n t s o f t h e A q u e o u s B i n a r y M i x t u r e s 

at 2 9 8 . 1 5 ° K (1) 
blogD 

wt% ^0 y0 D bZx 

water—acetone 

0 23.75 0 78.54 — 
4.91 44.91 0.52167 75.9 2.27 
7.94 62.75 0.61330 74.1 2.25 

11.96 79.05 0.69837 71.8 2.22 
19.80 108.33 0.80595 67.0 2.15 
29.97 141.99 0.84773 60.8 2.07 
39.99 160.90 0.86880 54.6 1.96 
50.06 172.35 0.88090 48.2 1.82 
60.08 183.10 0.89007 41.8 1.67 
80.23 199.90 0.90745 29.6 1.20 

water-THF 

0 23.75 0 78.54 — 
5.45 59.33 0.5886 75.2 3.42 
7.61 74.38 0.6553 73.6 3.41 
8.25 78.87 0.6772 73.1 3.39 

15.01 108.06 0.7725 68.6 3.39 
19.98 125.18 0.8039 64.9 3.34 
30.04 144.41 0.8280 57.2 3.35 
40.00 155.61 0.8386 48.4 3.32 
50.01 157.39 0.8425 40.3 3.28 
60.24 156.60 0.8450 31.9 3.23 

mixture, which correspond to D values equal respectively to 28.9 and 32.0. The 
values of K A are 22 ± 1 and 29 ± 1—the apparatus, experimental procedure, and 
conductance equation used have been described elsewhere (26,19). T h e error 
introduced by assuming that K\ is equal to zero can be evaluated by comparison 
w i t h the careful analysis of the solubility of some 1-1 electrolytes i n similar 
aqueous binary systems made by D e L i g n y et al. (6). It can be considered to be 
of the order of 30 cal m o l - 1 at most for the highest values of K A (and the lowest 
value of solvent dielectric constant). 

The accuracy of the A G ° t values can then be estimated as: 

(a) the extrapolation of dG°/dZ\ to Z\ = 1 outside the polynomia l f i t t ing 
involves an error di f f icul t to determine w i t h precision but may be estimated to 
be of the order of ± 1 0 cal m o l - 1 i n the present case; 

(b) the error introduced by the integration procedure is negligible; 

(c) adding the errors on each dG°/dZ\ value and the K A = 0 assumption, 
leads to an estimated absolute error on A G ° t of the order of 20 cal m o l - 1 for the 
points nearest to pure water to about 100 cal m o l - 1 for the point corresponding 
to the richest organic solvent mixture for each solvent system. 
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Discussion 

The only data wi th which our AG° t values can be compared are those of D e 
L i g n y and co-workers who used the solubility method. Unfortunately there is 
only one value w h i c h can be compared w i t h our experimental results: the 
standard free energy of transfer of n - B u 4 N B r f r o m water to a 20 wt % water -
acetone mixture: AG° t = —0.8 kcal m o l - 1 (6,15). This value is too negative 
compared with our AG° t = —430 cal m o l " 1 ; the results concerning the tetrapropyl 
a m m o n i u m salts as deduced f r o m the solubility method are still more negative 
in the water-r ich region than our A G ° t values for n - B u 4 N B r . Dif f icul t ies w i t h 
the solubility method for the determination of free energies of transfer in the case 
of electrolytes w i t h large ions have been pointed out before (28, 29). 

The general features of the experimental results are shown i n Figures 1-4. 
As a first approximation, the variation of total pressure P w i t h solute molal i ty 
may be represented by a linear relationship: P = PQ + km. F igure 2 compares 

On-Bi^NBr 

-401 , , , 
1.0 0.9 Z1 0.8 0.7 

Figure 2. Rate of change of total pressure with solute 
concentration vs. water mole fraction in water-THF 

mixtures at 298.15°K 
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H2O- Acetone 

1.0 0.9 0.8 0.7 Z 1 0.5 0.4 0.3 

Figure 3. Variation of the standard molar free energy 
of transfer of n-Bu4NBrfrom water to aqueous binary 

mixtures at 298.15°K 

the variation of the slope k w i t h solvent composition for n - B ^ N B r , urea, and 
thiourea in w a t e r - T H F mixtures at 298.15°K. In the water-rich region the total 
pressure P decreases (k < 0) when the solute is added to the solvent mixtures. In 
the case of N a C l (18), an increase of the pressure is observed, a common feature 
for alkal i halides i n aqueous binary mixtures (27, 30), and the m i n i m a appear 
for the same Z\ value for the three different solutes. 

This figure was drawn f rom purely experimental results; F igure 1 compares 
the variation of dG°/dZi for n - B u 4 N B r i n w a t e r - T H F and water-acetone mix­
tures. This graph gives us m u c h more information. In mixtures very r i ch i n 
water dG°/dZ\ goes through a m a x i m u m ; this corresponds to an inflection point 
i n the integrated function A G ° t = /(Zi) . T h e n dG°/dZ\ changes sign, w h i c h 
means that AG° t goes through a m i n i m u m (Figure 3); urea and thiourea present 
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19. TREINER A N D TZIAS Energy of Transfer of n-Bu4NBr 313 

the same characteristics in w a t e r - T H F mixtures. The m a x i m u m in the dG°/dZ\ 
functions occurs at the same Z\ value for the electrolyte and the two nonelec­
trolytes. 

W e shall discuss now the variation of the three m a i n thermodynamic 
functions wi th solvent composition for the case of n -Bu4NBr-water -ace tone 
system and shall extend this discussion to the n - B u 4 N B r - w a t e r - T H F system. 
Figure 4 and Table I V present the results obtained. The figure was constructed 
as follows: first the standard enthalpy of transfer AH° t , obtained by A h l u w a l i a 
and co-workers (12) f r o m pure water to Z2 = 0.30, was used in order to get the 
standard entropy of transfer funct ion f r o m the relation: 

T A S ° t = A H ° t - A G ° t 

The results obtained are found i n Table IV . Unfortunately there are no data 

1.0 0.9 0.8 0.7 0.6 z 1 0.4 0.3 0.2 0.1 

Figure 4. Thermodynamic transfer functions for n -
Bu4NBr from water to water-acetone mixtures at 

298.15°K 
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T a b l e I V . S t a n d a r d F r e e E n e r g y , E n t h a l p y , a n d E n t r o p y o f T r a n s f e r 
o f n - B u 4 N B r f r o m W a t e r t o W a t e r — A c e t o n e M i x t u r e s at 2 9 8 . 1 5 ° K 

—AG°t AH°t AS°t 

(cal mot1) (cal mol'1) (cal mol~x deg~x) 

0.98 104 1817 6.44 
0.96 232 3698 13.18 
0.9426 346 5005 17.95 
0.90 591 7080 25.73 
0.85 829 8300 30.62 
0.80 1014 8898 33.25 
0.70 1235 8701 33.33 
0.0 - 3 1 0 0 6400 11.1 

available for AH° t f r o m water to the acetone-rich mixtures nor for the standard 
free energy and entropy of transfer f rom water to pure acetone. However, fairly 
reasonable values can be obtained f rom the fol lowing considerations. Abraham 
(29) has shown that assuming AG° t = 0 for the transfer of M e 4 N + ion f rom water 
to al l solvents, AG° t for transfer of E t 4 N + f r o m water to N - m e t h y l f o r m a m i d e , 
methanol, ethanol, and acetonitrile is equal to —1.43 ± 0.03 kcal m o l - 1 and to 
—1.52 kcal m o l - 1 f r o m water to acetone. This seems to be the only "exper i ­
menta l " value for the transfer of a tetraalkylammonium ion f rom water to pure 
acetone. The same constancy holds for the transfer of the P r 4 N + ion f rom water 
to the solvents listed above, A G ° t = —3.6 ± 0 . 2 kcal m o l - 1 . W e have thus as­
sumed that the same constancy holds for B u 4 N + : A G ° t = —5.9 ± 0 . 4 kcal m o l - 1 

is the average of values obtained for the transfer f r o m water to methanol and to 
acetonitrile (molality scale). Taking the value of 10.7 kcal m o l - 1 for the bromide 
ion given by the same author we get i n the mole fraction scale AG° t ( B u 4 N B r ) 
= 3.1 kcal m o l " 1 . F r o m the compilat ion of A b r a h a m AS° t of n - B u 4 N B r is +11 
cal d e g - 1 m o l - 1 , hence A H ° t = 6.4 kcal m o l - 1 . 

The variation of AH° t vs. Z\ shown in Figure 4 is similar to the corresponding 
funct ion for the same electrolyte i n water-dimethylsul foxide (14) or various 
water -amide mixtures (13); so even large errors (of the order of one or two kcal 
m o l - 1 ) on the estimated values of AG° t and T A S ° t for the transfer f r o m water 
to pure acetone should not change the shape of the curves and the main qualitative 
results w h i c h can be deduced f r o m them. 

(a) The transfer of n - B u 4 N B r is favorable f r o m water to the water-r ich 
region and unfavorable f r o m water to the organic-r ich region. 

(b) The transfer is entropy-controlled i n the water-r ich region (T\ AS° t > 
|AH° t|) and enthalpy-controlled (T|AS° t | < |AH° t|) i n the acetone-rich re­
gion. 

(c) ArT° t and AS° t are positive over the whole solvent concentration range. 
This behavior is quite different f r o m that of most c o m m o n 1-1 electrolytes i n 
aqueous binary mixtures. F o r example (31-35), the transfer of alkal i halides 
and halogenated acids f r o m water to these solvent mixtures is often first endo-
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19. TREINER A N D TZIAS Energy of Transfer of n-Bu4NBr 315 

thermic, but the transfer becomes exothermic in organic-r ich mixtures. In this 
respect urea possesses some of the characteristics of the thermodynamic properties 
of electrolytes (36). C lear ly the two ions B r ~ and B u 4 N + contribute very dif­
ferently to the transfer process. 

If we adopt some reasonable extrathermodynamic assumption (37) in order 
to get the " i n d i v i d u a l free energy of transfer" of the ions, we f i n d that AG° t(—) 
of the bromide ion is positive f r o m water to acetone and that AG° t (+) of the 
n - B u 4 N + is negative over the whole solvent concentration range. In terms of 
preferential solvation models we w o u l d say that B r ~ is solvated by the water 
molecules and n - B u 4 N + by the acetone molecules. 

The same situation is found for n - B u 4 N B r in w a t e r - T H F mixtures. Single 
ion 6G°/dZi values have been obtained for several electrolytes in a 40.00 wt % 
w a t e r - T H F mixture using a number of different extrathermodynamic as­
sumptions (38); they all led to the same single ion dG0/dZ\ values within less than 
20%, a result which gives some confidence in the extrathermodynamic approach. 
The fo l lowing table compares dG0/dZi for n - B u 4 N + and B r ~ for a w a t e r - T H F 
and a water-acetone mixture at the same composition and for the same dielectric 
constant of the m e d i u m . The single ion values for B r ~ i n water-acetone were 
calculated f rom Bax et al . (37), and for n - B u 4 N + using our own data. 

Comparison of dG°/dZ\ (in kcal m o l - 1 ) mole fraction scale: 

Br-
rc-Bu4N+ 

fl-Bu4NBr 

water-THF 

(Zx =0.8572, 
D = 48.4) 

- 1 7 . 2 
19.8 

2.6 

water—acetone 

(Z, = 0.8572, 
D = 57.7) 

- 12 .6 
17.4 

4.8 

water—acetone 

(Zx = 48.4, 
D = 0.7628) 

-12 .7 
15.2 

2.5 

Note that these single ion values were obtained f r o m entirely different ex­
trathermodynamic assumptions: elaborate extrapolation procedure in the case 
of the water-acetone mixtures, and tetraphenylboron assumption for the 
w a t e r - T H F mixture. n - B u 4 N + and B r ~ showed similar behavior in the two 
binary systems studied; this might be the consequence of the similarity between 
the thermodynamic properties of the two aqueous binaries; e.g., both are typically 
aqueous systems w i t h | A H E | < T | A S E | . 

F i n a l l y the m i n i m u m observed for the AG° t funct ion of n - B u 4 N B r in both 
chemical systems may be interpreted as follows: the variation of AG° t(+) and 
AG° t ( - ) w i t h solvent composition are generally not linear, so the m i n i m u m can 
be looked upon as the consequence of the opposite behavior of anion and cation 
towards the solvent molecules. H o w e v e r this interpretation does not take into 
account the fact that at low organic solvent mole fraction one has: AH°t < TAS° t . 
This observation means that a structural (nonspecific) effect predominates in 
the water-rich region. This effect might be related to the cavity effect as can 
be evaluated f rom Pierrotti 's scaled particle theory because the large size of the 
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n - B u 4 N + ion and its hydrophobic character precludes any strong ion-dipole i n ­
teractions. In the case of the bromide ion the cavity effect should obviously be 
negligible and the specific effect predominates (AH° t > T A S ° t ) . The same ex­
planation might hold for the observed m a x i m u m of solubil ity of surfactants i n 
hydroorganic solvent mixtures (39). 

W e suggest therefore that for a m i n i m u m to occur i n the standard free en­
ergy of transfer funct ion of a solute i n aqueous binaries we need a structural 
(nonspecific) effect (related here to the hydrophobic character of the cation) i n 
the water-rich region and superposed to it, classical solute-solvent interactions 
wi th predominant water-solute interactions. 

O u r interpretation resembles somewhat that proposed by Roseman and 
Jencks (2) in order to describe the behavior of nonelectrolytes l ike uric ac id in 
aqueous binary mixtures, though these authors seem to refuse to consider the 
respective magnitude of entropy and enthalpy as indications of structural effects, 
as we have done. 

It is pertinent at this stage of the discussion to recall various studies (40, 41) 
on the effect of urea on water structure. It has been shown, for example, that 
the behavior of urea in water can be explained by an essentially structural model. 
This conclusion could wel l be related to our own findings on the behavior of urea 
in w a t e r - T H F mixtures, which is qualitatively similar to that of n-Bu4NBr. The 
predominant structural effect T A S ° t > ArT° t is here in both cases in the water-rich 
region, and the preferential solvation of urea by water becomes the predominant 
effect at higher T H F composition, as does the B r ~ ion for n - B u 4 N B r . 

F i n a l l y , the qualitatively similar behavior of ur ic ac id i n w a t e r - i - B u O H 
mixtures, and urea and thiourea i n w a t e r - T H F mixtures might be due to the 
similari ty between the three organic solutes, but it is clear f r o m a quantitative 
comparison of the standard free energy data that the balance between nonspecific 
and specific effects is very sensitive to changes i n the solute molecule and could 
very easily be shifted to predominant specific or nonspecific effects. 
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Equations for the Work Function, 
Activity Coefficient, and Osmotic 
Coefficient for Particles Having Ion­
-Dipole Characteristics 

EDWARD S. AMIS 

University of Arkansas, Fayetteville, Ark. 72701 

GEORGE JAFFE1 

Louisiana State University, Baton Rouge, La. 70803 

We explain theoretically why the ammonium salts, quaternary 
ammonium iodides, and thallous nitrate, give J values (j = 1 — 
osmotic coefficient) which rise above those of the limiting case 
of the Debye-Hückel theory. The purpose was accomplished 
by deriving an equation for the work function of an ion-dipole 
and applying the equation to the derivation of equations for 
the activity coefficient and for the osmotic coefficient of an 
ion-dipole. These equations could be applied to simple ions by 
eliminating terms involving dipole moments, and to dipolar 
molecules by eliminating terms involving only ionic charges. 
Successful applications of the equations for activity and os­
motic coefficients were made to pertinent data on ions, di­
poles, and ion-dipoles. 

Debye and H i i c k e l (I) have der ived an expression for the work 
function of an ion in an ion atmosphere in solution. They and others (J, 3, 

4) have applied this function to various phenomena in l iquid media. The authors 
(2) have previously deduced, in a similar way, the f ield around a dipole and have 
combined it wi th Onsager's (5) theory of polar liquids to obtain an equation that 
explains the electrostatic effects on the rates of reaction between ions and dipolar 
molecules (2). The equation has been appl ied (2, 6,7,8) to the rates of several 
ion-d ipolar molecular reactions. 

1 Deceased. 

318 

 P
ub

lic
at

io
n 

D
at

e:
 J

un
e 

1,
 1

97
6 

| d
oi

: 1
0.

10
21

/b
a-

19
76

-0
15

5.
ch

02
0

In Thermodynamic Behavior of Electrolytes in Mixed Solvents; Furter, W.; 
Advances in Chemistry; American Chemical Society: Washington, DC, 1976. 



20. AMIS A N D J A F F E Ion-Dipole 319 

In this paper the authors propose to make a general derivation for the work 
function of a particle having the characteristics of an ion-dipole . Further , it is 
planned to apply this result to obtain equations for the activity coefficient and 
osmotic coefficient for an ion-d ipo le particle. The theory w i l l be checked by 
apply ing it to published data on the activity and osmotic coefficients for ions, 
dipole, and ion-dipoles. 

Theoretical 

The fo l lowing calculations are based on the D e b y e - H u c k e l (I) expression 
for the field of an ion and on the corresponding expression for the field of a dipole 
as formulated by the authors (2). However , it w i l l be necessary to m o d i f y the 
f ie ld of Debye and H i i c k e l for the interior of the ion to make it conform to the 
model used by the authors. 

W e shall assume that there are s different species of ions. Le t ^ = ezj be 
the charge on an ion of species j , and let rtj be their number per c m 3 . T h e n the 
parameter K of the D e b y e - H u c k e l theory is given by 

K2 = (4We2/DkT) t n-A (1) 
j=i 

If the ions are idealized as spheres of radius aY the field of Debye and Hi icke l 
is given by 

ypo = Ae-Kr/r, r>a (2) 

yp{ = ez/r + B, r < a (3) 

Here A and B are constants w h i c h are to be determined. (In Equations 2 and 
3 we have omitted the index j and w i l l continue to do so as long as no ambiguity 
arises.) 

In the original treatment of Debye and H i i c k e l these constants were deter­
mined under the assumption that the ion had a point charge at r = 0 and that the 
interior of the ion had the same dielectric constant D as the solvent. In the O n ­
sager (5) theory of dipolar l iquids it is assumed that the molecule is represented 
by a spherical cavity in the l i q u i d w i t h a singularity at its center. The charac­
teristics of the molecule are its electric moment in vacuum /*o and its polarizability 
a. This is to be related to an internal refractive index n by 

a = [ ( n 2 - l ) / ( n 2 + 2)]a 3 

Since our treatment of the ionic atmosphere around a dipolar molecule 
makes use of the Onsager model , it becomes necessary to adopt a similar model 
for the ion. Consequently we are going to assume that the ion is also represented 
by a spherical cavity in the surrounding dielectric with a point charge at its center. 
T h e n the constants by the ordinary boundary conditions become 

A = (ez/D)eKa/(l + KG) (5) 
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and 

B = -(ez/a)\l - 1/D + * a / [ D ( l + KC)]\ (6) 

In the same way the f ie ld around a dipole is represented by (2) 

too = A ' ( e - " 7 r 2 ) ( l + KT) cos 0, r>a (7) 

toi = ( m / r 2 + B ' r ) cos fl, r <a (8) 

where the angle 6 is counted f r o m the direct ion of the dipole. T h e constants 
involved are given by 

A' = 3 me*a/[D(2 + 2*a + * 2 a 2 ) + (1 + KO)] (9) 

B ' = (m/a 3 ) [D(2 + 2*a + /c2a2) - 2(1 + KO)]/ 

[D(2 + 2 fca + * 2 a 2 ) + (1 + an)] (10) 

and 

m = u 0 ( n 2 + 2)[D(2 + 2 *a + /c2a2) + (1 + Ka)]/ 

3[D(2 + 2/ca + K2a2) + n 2 ( l + xa)] (11) 

F o r what follows, it w i l l be convenient to assume that every particle of the 
s species carries both a charge ez and a dipole. T h e n its f i e ld w i l l be given by 

* o = * o + * o , r > 0 (12) 

* i = to + ^ i , f ^ 0 (13) 

The simpler case of an ion can be obtained f r o m the general formula by 
setting UQ = 0, and correspondingly, the case of a pure dipole by setting z = 0. 

W e a i m to derive the expression for the work funct ion and for the activity 
coefficient for an ion-d ipo le of the characteristic k i n d . In doing so we fol low 
the procedure of Debye (9, see Ref. 10), and we calculate the work w h i c h is 
necessary to charge the entire system starting f r o m a given zero state. 

T o avoid inf ini te values of the energy (in w h i c h some of the f iner details of 
the calculation would be lost), we now eliminate the singularities for the i m m e ­
diate neighborhood of r = 0. Therefore we assume that the ionic strength consists 
of little charged spheres of radius p and that the dipoles are formed by pairs of 
such charges separated by a distance 2d. The change of the electric moment 
connected w i t h polarization w i l l be expressed as a change of d. Thus 

Mo = 2ed0 (14) 

represents the permanent moment, and 

m = 2ed (15) 

the modified moment (Equation 11) produced by the polarization of the m e d i u m 
and by the ionic atmosphere. 
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Furthermore we shall have completely defined circumstances if we assume 
the fo l lowing gradation of lengths: 

p « d « a. (16) 

Under these restrictions our Equations 2, 3, 7, and 8 do not become affected 
except in the immediate neighborhood of the charges. Of course the assumption 
d « a w i l l not correspond to actual conditions under w h i c h d, though smaller 
than a, is comparable i n size. This deficiency can be avoided by treating d as 
a finite quantity from the start. Then the solution for \p becomes an infinite series 
of terms corresponding to mult ipole singularities (at r = 0). O u r Equations 2, 
3, 7, and 8 represent the first two terms of this series, and it can be shown by 
straight-forward calculations that the error involved i n the omission of the higher 
terms is not significant. 

N o w we proceed to the work necessary to charge the entire system. Le t 
every charge e have obtained the fractional value Xe where as usual 0 < X < 1. 
T h e n the potential for the interior w i l l be given (from Equations 2, 3, 5, 6, 7, 8, 
9, 10, and 11) by 

_ / x X Xez Xez Xez Xez Xica Xe Xe . „ / i r T X 

= — + — - - — " — + + AB' (X)r cos 0 (17) 
r a rD aD 1 + XKQ, r\ r 2 

H e r e r\ and r 2 represent the distances f r o m the two charges (at r = d, 6 = 0,7r) 
into w h i c h the dipole singularity has been resolved. Furthermore it has been 
taken into account that K is proportional to X. N o w we f i n d the work for i n ­
creasing the charge on the ionic part by ezdX and increasing the charge on the 
dipole by ±edX as 

z2e2KX2dX e2XdX 
- — —- " —r- + 2eB'(X)dX (18) 

D ( l + X/ca) d 

It is not di f f icul t to per form the integration i n a complete way. However , 
we shall be satisfied to state the results up to terms i n K2 only. Thus we f i n d 

A / (2 + z2)e2 e2z2 I 1\ e 3 e2z2 / 1 \ e 3 M O ^ K € Z 

( 1 ) oc — 6 — —— 
2a \ D/ a0 a 3 M 3 D 2p 2a \ D/ a0 fl3 3 D 

(19) + K2a2 

e2z2 e 3 u% 
+ — 7 ~ ~~~ o 

4aD u0 a 3 

Here the coefficients a , ft 7, and 5 are functions of D and n 2 def ined by 

a = 3(2D + n 2 ) / [ ( n 2 + 2)(2D + 1)], (20) 

j8 = (D - 1)(2D + l ) ( n 2 + 2) 2/[9(2D + n 2 ) 2 ] , (21) 
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7 = 3 ( n 2 - l ) D / [ 2 ( n 2 + 2)(2D + l ) 2 ] , (22) 

and 

5 = ( n 2 + 2 ) 2 D [ D ( 4 n 2 + 2) - n 2 4- 4]/[36(2D + n 2 ) 3 ] (23) 

As zero state of our system we chose that state in w h i c h a l l constituents are 
dispersed to infinite di lution wi th in a dielectric of dielectric constant D o (which 
value may or may not be chosen as DQ = 1). T h e n we obtain the contribution 
to the work function by imagin ing the system charged (in the way calculated 
above) at the given concentrations i n a system of dielectric constant D and sub­
sequently discharged at inf ini te di lut ion i n a m e d i u m of dielectric constant D 0 . 
A d d i n g over al l species of particles we obtain an expression for the work function 
w h i c h can be writ ten i n the f o r m 

A=A'-A'0=t (24) 
i=l 

where W{ is def ined by 

w*= ^rlh - -—tow ~ - * i r - [ f t ( ° ) - A(D<>)] 

2 f l i L D D o J Moi 0 3 i 

^ M \ ^ + - y A D ) ~ H D ) ] (25) —Kd\ 
3a { i 

The subscripts i w h i c h have been added refer to the different species of 
ion-dipoles , and the symbols a-X{D),. . . indicate that the respective coefficients 
have to be calculated w i t h the value of D and n 2 i . F r o m the way our work 
function A has been derived, it is evident that it contains the contributions w h i c h 
are caused by the presence of the solutes and by the change in dielectric constant 
of the solvent. The contributions w h i c h result f r o m the first term i n Equat ion 
19 and w h i c h represent the work w h i c h is required to b u i l d u p the i o n - d i p o l e 
in a standard environment (e.g., a vacuum) have disappeared f rom Equat ion 24 
(being identical in A' and A ' 0 ) . This self-energy of the particles is without interest 
for the present investigation and depends, of course, i n a decisive way on the 
under ly ing model . 

It w i l l be convenient to fol low Debye's procedure further and to introduce 
activity potentials hx def ined by Equat ion 26: 

log h{ = Wi/kT; (26) 

then the activity coefficient f[ becomes 

l o g / . - k t t A . + i f ^ (27) 
j = i d log N j 

W e w i l l refer the index 0 to the solvent. It should be pointed out that log 
ho = 0 but that K depends on N o because of the relations 
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20. AMIS A N D JAFFE Ion-Dipole 323 

n, = N i / V (28) 

and 

V = N0v0 + E NiVi 
i=i 

(29) 

H e r e Vo and represent the changes in the total volume caused by adding, re­
spectively, a molecule of solvent or a particle of the i th sort to the solution 
(10). 

Proceeding now i n the usual manner we f ina l ly solve for the activity coef­
ficients of the solvent 

4 2 ? + £ e V > - ^ H (30) 
L 4 D MOJ CL\ J 

The activity coefficients for the solutes can be simplified by neglecting terms 
of the order V-JV. W e w i l l split the activity coefficient into the part for infinite 
di lut ion and the part depending on concentration. This results in 

l o g / i = log/io + l o g / i A (31) 

w here 

M20t 
[ f c ( D ) - f t ( D 0 ) ] (32) 

and 

l o g / i , = - + 2DkT kT kT L 4 D u0i ax J 

+ 
kTE Nkeh 

± N f & + ! & H D ) _ & H D ) \ (33) 
j=i L 4 D MOJ « j J 

Equation 32 expresses the influence of the dielectric constant of the medium 
in the case of infinite dilution of solutions. The first term is attributed to the ionic 
charge and is of the Born form. Born (11) obtained a corresponding term i n A 
(see Equat ion 24) in his derivation of the heat of hydration, and Scatchard (12) 
introduced it i n the theory of activities. The second and th i rd terms represent 
the influence of the dipolar part. The i r f o r m is essentially affected by the use 
of the Onsager model (5). 
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The part of the activity coefficients depending on K (Equation 33) can be 
s impl i f ied further if suitable average values are introduced. If the restriction 
d « a is sufficiently well fulfi l led, the term in yx is small compared with the term 
in 5[. The latter therefore represents the main influence caused by the presence 
of dipoles since the terms in ex are f r o m ionic charges. T h e y are identical w i t h 
terms of corresponding order in the D e b y e - H u c k e l theory. 

W e shall now derive the osmotic coefficient j , making use of the well-known 
relation 

. * 1 dA 
j = l - g = 34 

6 P dV 
where 

P = L n{kT (35) 
i=l 

represents the osmotic pressure of the ideal di lute solution (13). 
M a k i n g use of the relation 

i ^ 0 _ J L ( 3 6 ) 

dV 2V 

w h i c h follows f r o m Equat ion 1, we f i n d f r o m Equations 24, 34, and 35 

j = l - « = ( ! / £ n t 
i=l 

X 

A g a i n , this expression might be s impl i f ied by the introduction of mean values 
of fl, I/a, etc. 

Applications 

A c t i v i t y Coef f i c ient of a D i p o l a r M o l e c u l e . O u r first application w i l l be 
to the activity coefficients of a dipolar molecule as a funct ion of the dielectric 
constant of the solvent. H a r n e d and Ross (14) have determined the activity 
coefficient of methyl acetate in dioxane-water mixtures of various compositions 
at 25 °C. Equat ion 32 can be appl ied to this data, and since the particles have 
no ionic charges, the first term can be omitted. For the difference between the 
activity coefficients of methyl acetate i n dioxane-water mixtures and those in 
water we have f r o m Equat ion 32 

6 3. 

logio/i (D -H 2 o) - logio/i(H 2 o) = - 2 303fc7> 0 [ a i ( D ^ D - H 2 ° 

- « i ( D ) H 2 o ] ~ 2 3 ^ f l 3 [ f t ( D ) D _ H 2 o - A ( D ) H 2 o ] (38) 

 P
ub

lic
at

io
n 

D
at

e:
 J

un
e 

1,
 1

97
6 

| d
oi

: 1
0.

10
21

/b
a-

19
76

-0
15

5.
ch

02
0

In Thermodynamic Behavior of Electrolytes in Mixed Solvents; Furter, W.; 
Advances in Chemistry; American Chemical Society: Washington, DC, 1976. 



20. AMIS A N D JAFFE Ion-Dipole 325 

where a and j8 are defined by Equations 20 and 21, respectively. 
Choosing the reasonable value of 1.50 for the square of the internal refractive 

index of methyl acetate and 1.85 X 1 0 ~ 1 8 (15, 16, 17) for the moment of the 
compound, we f i n d the agreement between the calculated and observed values 
of the differences of molal activity coefficients for methyl acetate recorded i n 
Table I. This moment 1.85 X 1 0 ~ 1 8 is the average of values given for ethyl ac­
etate at 2 5 ° C by Smythe et al . (15), M i l l e r and Sack (16), and K r e h m a and W i l ­
liams (17). W e felt justified i n using this reasonable value of the moment for 
methyl acetate in solution since adding to the length of the hydrocarbon chain 
does not increase material ly the moment of a molecule unless there is simulta­
neously an increase i n distance between polar groups i n the molecule. F o r ex­
ample, in the gas phase at 25°C, the u values of methyl and ethyl acetates are 1.72 
X 1 0 ~ 1 8 and 1.78 X 10~ 1 8 , respectively, w i t h i n an estimated accuracy of ± 5 % 
(26). The radius ax has been taken as 0.732 A . The values of the constants used 
in these calculations were those given by Rysselberghe (18) except for the values 
of the dielectric constants of the mixed solvents. These were taken f rom Akerlof 
(19). A l l future calculations w i l l be based on like values of the constants involved. 
The value of the index of refraction (n = 1.35935; n 2 = 1.848) of l i q u i d methyl 
acetate recorded i n the literature could have been used, but the agreement be­
tween calculated and observed values of (logio / i (D-H 2 o) ~~ logio /i(H 2o)) w o u l d 
have extended only to a dielectric constant of 34.25 using uo\ as 1.85 X 1 0 " 1 8 and 
ax as 0.732 A ; the agreement w i t h n 2 = 1.50 extends fa i r ly acceptably to a d i ­
electric constant of 25.95. It is probable that n , UQ{, and ax a l l have values that 
vary w i t h the solvent because of the difference i n polarization, solvation, etc. i n 
different media (5, 7,20), but since there are so many variables, it is m u c h easier 
to accept some reasonable value or values for one or two of these and then de­
termine whether the theoretical calculations result in acceptable magnitudes for 
the other quantities involved. The fact that calculated and observed data differ 
at low dielectric constants corresponds to observations made i n other cases of 
electrostatic phenomena (5, 7,18,21). 

T a b l e I. C o m p a r i s o n o f C a l c u l a t e d a n d O b s e r v e d V a l u e s o f 
'°g/i(D-H 2 o)—l°g/i(H 2 0) f o r M e t h y l A c e t a t e i n D i o x a n e — W a t e r M i x t u r e s 

Calculated Observed 
D l°g fi(D-H20) — fi(H20) log fi(D-H20) - log 

78.3 0.0000 0.0000 
69.68 0.0246 0.0269 
60.79 0.0500 0.0585 
51.90 0.0944 0.0991 
42.96 0.1381 0.1549 
34.25 0.2280 0.2321 
25.95 0.3470 0.3307 
17.69 0.6031 0.4301 
10.71 1.2432 0.5272 

5.605 2.9953 0.5884 
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T a b l e I I . C a l c u l a t e d a n d O b s e r v e d V a l u e s o f t h e A c t i v i t y 
C o e f f i c i e n t s o f P o t a s s i u m , S o d i u m , L i t h i u m , a n d H y d r o g e n C h l o r i d e s * 

KCl NaCl LiCl HCl 

Wt. % lOgfoo lOg foe lOg foo lOgfoo lOgfoo logfn logU log foo 
D MeOH (Calc.) (Obs.) (Calc.) (Obs.) (Calc.) (Obs.) (Calc.) (Obs.) 

78.3 0 0.000 0.000 0.000 0.000 0.000 0.000 0.000 0.000 
74.05 10 0.144 0.171 0.135 0.160 0.095 0.118 0.039 — 
69.16 20 0.323 0.345 0.303 0.324 0.220 0.239 0.088 0.095 
64.28 30 0.528 0.528 0.495 0.492 0.360 0.361 0.144 0.150 
59.59 40 0.757 0.733 0.710 0.667 0.516 0.487 0.206 0.208 
54.90 50 1.025 0.931 0.962 0.853 0.700 0.620 0.276 0.278 
50.09 60 1.352 1.204 1.268 1.059 0.922 0.769 0.368 0.367 
45.00 70 1.775 1.504 1.663 1.282 1.210 0.936 0.484 0.476 
40.14 80 2.278 1.866 2.135 1.557 1.553 1.124 0.622 0.640 
35.70 90 2.857 2.307 2.679 1.870 1.948 1.369 0.780 0.956 

* A t infinite dilution in M e O H - H 2 0 mixtures corresponding to a water value assumed to 
be unity. 

100 
D 

Figure 1. Calculated and observed values of logi0 f«, for KCL, LiCl, and HCl 
vs. 100/Dfor the solvent 
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Act iv i ty Coeff ic ients of U n i - U n i v a l e n t Chlor ides . The second application 
is to the activity coefficients of electrolytes as a function of the dielectric constant 
of the media. Returning to Equation 32, for electrolytes at infinite di lution only 
the Born term remains, that is, 

since there are no dipoles involved. 
Akerlof (22) has determined the activity coefficients of potassium, sodium, 

l i t h i u m , and hydrogen chlorides at inf ini te di lut ion in M e O H - H 2 0 mixtures i n 
relation to the corresponding water values (assumed to be unity) i n each case. 
In this calculation there is only one parameter involved. The agreement between 
calculated and observed values of logio/oo was obtained using ao as 0.652 A , 0.695 
A , 0.955 A , and 2.39 A , respectively, for the potassium, sodium, l i t h i u m , and 
hydrogen chloride. The data for K C l , N a C l , L i C l , and H C l are presented i n 
Table II, and data for three of them are plotted in Figure 1. In the calculations, 
Akerlof 's values for the dielectric constants for the mixed solvent were used. 

Since electrostatic data generally conform to theory better at higher dielectric 
constants of the solvent, the ax values were chosen to make agreement between 
calculated and observed values of the activity coefficients better i n this region. 
Akerlof 's value for the activity coefficient of H C l i n 90 wt % methanol appears 
to be in error since, unl ike the other activity coefficient, it is higher than the 
calculated value, and the observed plot curves u p w a r d instead of d o w n w a r d i n 
this solvent region. However, the agreement between calculated and observed 
data for H C l is unusually good up to this concentration of methanol in the solvent. 
In all cases fair agreement over the whole range of dielectric constants could have 
been obtained by proper selection of the parameter ax. T h e values of ax listed 
here for the chlorides considered are i n opposite order f rom those found by Born 
(11) for the positive ions involved. Table III gives the comparison. 

Born's ionic radi i pertain to the unhydrated ions. O u r values for ax for the 
alkal i metal chlorides are in the same direct ion as the degree of hydrat ion (23) 
of the metal ions of these chlorides as is shown by columns two and three of Table 
H I . Since each of these positive ions is accompanied by a chloride ion bearing 

T a b l e I I I . T h e V a l u e s o f ax U s e d i n T h e s e C a l c u l a t i o n s C o m p a r e d 
w i t h the R a d i i F o u n d b y B o r n f o r t h e C o r r e s p o n d i n g P o s i t i v e I o n s 

a n d A l s o f o r T h e i r A t o m s 

logio/i0 = 
4.606fcTai 

(39) 

Substance 

Degree of 
Hydration of 
Positive Ions 

Ourat Values, 
for the 

Chlorides 
Born's 

Atomic Radii 
Born's 

Ionic Radii 

K C l 
NaCl 
L i C l 
H C l 

5.4 
8.4 

14.0 
1.0 

0.652 
0.695 
0.955 
2.39 

2.62 
2.10 
1.72 
1.68 

2.00 
1.59 
1.49 
0.625 
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four water of hydration molecules, our values of ax could be related to the degree 
of hydration wi th respect to the alkali metal ions. It does not seem unreasonable 
to assume that the electrostatic forces causing hydration w i l l be larger for smaller 
unhydrated ions. The values of ax used are apparently small except for H C l . 
These small values of ax could indicate the importance of higher-order terms 
omitted in the derivation. O n the whole however, especially at higher dielectric 
constants, agreement between calculation and observation are satisfactory con­
sidering the approximations made in the derivation. In the case of H C l the 
agreement, except for the 90 wt % M e O H , is remarkable. 

O s m o t i c C o e f f i c i e n t s of M i x t u r e s of Ions w i t h I o n - D i p o l e s . In the two 
preceding applications of the theory formulated i n this paper we have made use 
of the l imi t ing cases where either the ion character or the dipole character of the 
particles being considered was absent. In the th i rd applicat ion we w i l l apply 
the equation for the osmotic coefficient to substances w h i c h y ie ld both particles 
possessing ion-d ipo le characteristics and particles w h i c h are only ionic i n char­
acter. The a m m o n i u m salts have been observed (24) to give j values (j = 1 — 
osmotic coefficient) w h i c h i n di lute regions rise above the values of the l i m i t i n g 
case of the D e b y e - H u c k e l theory. Also the quaternary a m m o n i u m iodides and 
thallous nitrate give values of j which are above the l imit ing law values and which 
increase w i t h the increasing concentration of salt (25). There has been no ex­
planation of these phenomena. Scatchard and Prentiss (24) state f rankly that 
they can give no reason for their results. Ebert and L a n g (25) suggest that the 
effect is caused by the quaternary a m m o n i u m ions possessing moments. 

T a b l e I V . C o m p a r i s o n b e t w e e n C a l c u l a t e d a n d O b s e r v e d j V a l u e s 
f o r Q u a t e r n a r y A m m o n i u m I o d i d e s 

a.-
Moi 

(D.U.) 
9 

) = l - g ) = l~g 
at 

Salt M (Calc.) (Obs.) D.H.L.L. (A) 
N ( C H 3 ) 4 I 0.0442 0.2102 0.097 0.104 0.078 0.9 

0.0502 0.2241 0.105 0.104 0.083 
0.0878 0.2963 0.148 0.129 0.110 
0.0896 0.2993 0.150 0.129 0.111 
0.0919 0.3032 0.153 0.146 0.113 

N ( C 2 H S ) 4 I 0.1242 0.3524 0.147 0.158 0.131 1.0 
0.3130 0.5595 0.249 0.245 0.208 
0.4529 0.6730 0.310 0.300 0.250 
0.5443 0.7378 0.346 0.338 0.275 

N ( C 3 H 7 ) 4 I 0.0479 0.2189 0.101 0.113 0.081 1.1 
0.0564 0.2375 0.111 0.103 0.088 
0.0691 0.2629 0.125 0.135 0.098 
0.1055 0.3248 0.160 0.161 0.121 
0.1217 0.3489 0.178 0.182 0.130 
0.1973 0.4442 0.244 0.236 0.165 
0.2863 0.5351 0.313 0.287 0.199 
0.3856 0.6210 0.385 0.326 0.231 
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05' 1 1 I I 1 1 

2 .3 .4 .5 .6 .7 .8 

Figure 2. Calculated, observed, and D.H.L.I. values 
ofj = l~ gforN(C3H7)4IandN(C2H5)4N(C2H5)4I 

VS. V^U 

If it can be assumed that a m m o n i u m and substituted a m m o n i u m ions are 
polar as wel l as ionic, then the data can be explained by E q u a t i o n 37. Us ing an 
internal refractive index of the substituted ammonium ions equal to that of l iquid 
ammonia , 1 . 3 2 5 1 6 5 (26) we have calculated and observed results w h i c h agree 
as indicated in Table IV. The moments in vacuum and the ax values used in these 
calculations are specified i n the tables. The results for tetraethyl- and tetra-
propylammonium iodide are given in Figure 2. The large value of the moment 
in vacuum need not be disturbing since a simple calculation w i l l show that if the 
internal refractive index of the ions concerned be chosen, say, as great as 2, then 
the moment can be decreased (e.g., f r o m MOI = 10 D . U . to MOI < 5 D . U . ) wi th only 
a slight difference i n agreement between calculated and observed results. A 
reasonable value of refractive index was chosen as that of l i q u i d ammonia to 
facilitate calculations as explained in " A p p l i c a t i o n s . " The fact that quaternary 
a m m o n i u m chlorides and bromides do not exhibit these enhanced j values i n d i ­
cates that the ionic and not the dipolar effects are predominant for these salts 
throughout the whole concentration range studied. The data for thallous nitrate 
can be accounted for using similar values of ax, n, and juoi. 

The a m m o n i u m chloride and a m m o n i u m sulfate data i n Table V are pre­
sented as a comparison of observed and calculated values of j using for the cal-
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Table V. Calculated and Observed j Values for Ammonium Salts 
in the Region of Dilute Solutions 

) = l~g } - l - g 
Substance M (Calc.) (Obs.) D.H.L.L. 
NH4C1 0.001 0.0316 0.0131 0.0140 0.0118 

0.002 0.0447 0.0193 0.0203 0.0166 
0.005 0.0707 0.0331 0.0321 0.0263 
0.01 0.1000 0.0506 0.0411 0.0372 

(NH4)2S04 0.001 0.0548 0.0456 0.0471 0.0408 
0.002 0.0775 0.0674 0.0689 0.0576 
0.005 0.1225 0.1154 0.0972 0.0912 
0.01 0.1732 0.1774 0.1228 0.1289 

culations ax as 0.50 A, MOI as 10.0 D.U. and n = 1.325. Again an increase of n to 
a value of 2 would reduce the value of uoi to less than 5 D.U. In the case of these 
salts it is evident that the dipole influences are predominant only in dilute solu­
tions, while in concentrated solutions the ionic characteristics prevail. Similar 
results would be obtained for other ammonium salts; e.g., about the same values 
of fli, Moi, a n d n would apply for ammonium bromide and ammonium iodide. 

Again we wish to emphasize that it is the modified moments (uoi/y(D) and 
(V5(D) Moi) arising from the use of Onsager's theory of the moments in liquids 
that are important. With reasonable values of internal refractive index, the 
moments in vacuum can be reduced. Furthermore, our theory does account 
for values of j greater than those predicted by the Debye-Huckel limiting law 
if the ions can be assumed to have dipole characteristics. 
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Viscosity of Dilute Solutions of Salts in 
Mixed Solvents 

R O B E R T A. STAIRS 

Department of Chemistry, Trent University, Peterborough, Ontario, Canada K9J 7B8 

The viscosity of solutions of KI in water-methanol (W-M) and 
of LiClO4 in W-M and in water-acetone (W-A) at 25°C are 
interpreted (through the Jones-Dole B coefficient) as showing 
preferential solvation of both solutes by water over methanol 
but little discrimination by LiClO4 between water and ace­
tone. Values of B ranged between —0.16 and +0.68 for KI in 
W-M, 0 and 0.80 for LiClO4 in W-M, both showing minima at 
about 0.15 mole fraction of methanol and essentially linear 
from the aqueous value 0.044 to 1.14 in pure acetone for 
LiClO4 in W-A. Upper limits to primary solvation numbers 
calculated from these ranges and the molar volumes of the sol­
vents were: LiClO4 in W-A, 7; in W-M, 16; KI in W-M, 15. 
Precision was insufficient for significant A coefficients to be 
obtained. 

'or a suspension of solid spheres i n a m e d i u m of viscosity 770, Einstein 
± (1) has der ived the fo l lowing expression for the relative vicosity of the sus­
pension over that of the m e d i u m : 

where 0 is the volume fraction of the suspended spheres. In a salt solution there 
w i l l be effects of interionic forces and effects of the ionic f ield on the local viscosity 
of the m e d i u m , but also an effect l ike that of Einstein's suspended spheres caused 
s imply by the volume of the solvated ions. H e r e let us consider a solute M i n a 
solvent of mixed composition, A and B, i n w h i c h both A and B can interact w i t h 
M to f o r m solvates or complexes M A n , M B n and mixed complexes M A n _ q B q . 
If the molar concentration of M i n the solution is C moles/1., and al l of it is 
complexed, 

17/170 = 1 + 2.50 

C = [ M A J + [ M A n _ i B ] + . . . + [ M B n ] . 

332 
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21. STAIRS Viscosity of Dilute Solutions 333 

The volume fraction 0 = C V where V is the mean effective molar volume of the 
complexed forms of M (in liters): 

n 
L [ M A n _ q B q ] V M A n _ q B q 

V = ^ 
2 [ M A n _ q B q ] 

Let the concentration [ M A n _ q B q ] = C q and assume the partial molar volume 
of M A n _ q B q to be V 0 + (n — q ) V A + q V B (where V 0 need not necessarily equal 
V M ) ; then 

V = Vo + n V A + ^ a ^ B - V A ) 
2/C q 

= V 0 + n V A + q ( V B - V A ) 

One may now write for the stepwise substitution of B for A , i.e., for the re­
action 

M A n - q + i B q - ! + B «=> M A n _ q B q + A 

the equi l ibr ium constant (in terms of C q and the mole fractions of A and B i n the 
solvent): 

v Cq*A 

It is tempting to assume that al l the K q are equal, but even if the M A bonds are 
unaffected by the presence of B i n the complex and vice versa, this should not 
be so, for an argument through the probabil i ty of replacing one of the q B's i n 
a complex by A , etc., leads to the relation: 

q 

where K is the value the constant w o u l d have were there only one coordination 
site. [See Ref. 2. Note that m y K is their K 1 / n . ] V i r t u e i n this case brings the 
reward of s implic i ty , for on expressing the sums i n the expression for q i n terms 
of constants of this k i n d and the quantity 

y = K— 
* A 

we obtain 
ny 

q " i + y 

Values of q/n for various K are plotted i n F igure 1. 
Viscosity data for fa ir ly dilute salt solutions are usually discussed i n terms 

of the Jones-Dole equation (3) 

7]/vo = 1 + A A / C + B C 
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Figure 1. Mean fraction q/ n of sol­
vation sites occupied by B molecules in 
solvates of the type MAn-qBq as a 
function of solvent composition for 
different values of the discrimination 
constant K . (K is defined in the text, 
and measures the tendency of A to be 

favored over Bat a single site.) 

in w h i c h 77 is the viscosity of the solution, 770 the viscosity of the pure solvent, C 
the molar concentration, and A and B constants. Both were originally empirical , 
but the significance of A has been elucidated by Falkenhagen and co-workers 
(4) and shown to arise f rom long-range interionic interactions. The B coefficient 
is considered to arise f rom ion-solvent interactions i n three ways, (a) A n Einstein 
contribution B E arises f rom the simple bulk of the solvated ions, (b) The solvent 
is affected in the neighborhood of the ions by electrostriction. In water this tends, 
by breaking d o w n the open hydrogen-bonded clusters of molecules, to reduce 
the viscosity, and hence it is a negative term, (c) Cer ta in ions, by the way they 
fit into the water structure, may enhance it either direct ly b y tetrahedral coor­
dination ( L i + , N H 4

+ ) or i n a curious roundabout way by interacting w i t h water 
so weakly that the neighboring molecules f o r m a local structure of a different 
sort about the ion (hydrophobic interaction, characteristic of larger carboxylate 
anions). 

N o w , for a solute w i t h molar volume V 1. m o l - 1 and molar concentration 
C we can write for the volume fraction </> = V C . T h e Einstein equation be­
comes 

17/770 = 1 + 2.5 V C 

= 1 + B E C 

w h i c h is the Jones-Dole equation w i t h A = 0 and B = BE - Hence 

B E = 2 .5 (V 0 + n V A + q ( V B - V A ) ) 

Since q ranges f rom 0 to n , the possible variation of B f r o m this cause is 2 . 5 n ( V A 

— V B ) . T o estimate the magnitude of the effect, let us take n = 4, and V A — V B 

= 0.040 1. This gives a variation of 0.40 i n B. T y p i c a l values of B for simple 
electrolytes in aqueous solution r u n f r o m about —0.1 to +0.2, so this expected 
variation should be easily detectable. It is clear that for a solute such as L i C l i n 
mixtures of water with a less polar l iquid, n is by no means constant over the whole 
range of solvent compositions, and it is effectively larger i n pure water because 
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21. STAIRS Viscosity of Dilute Solutions 335 

of the structure-making effect of L i + . Perhaps over a l im i te d range of solvent 
composition at the water-poor end, however, it might be roughly constant. 

F i n l a y (5) states that heats of hydrat ion of typica l crystalline salts tend to 
cluster in the vicinity of three kcal per mole of water. If we estimate the energy 
of substitution of a less polar molecule for water as half that figure, i.e., 1.5 kcal, 
we obtain an estimate for K of about ten. F r o m the corresponding curve in 
F igure 1 it may be seen that 70% of the effect should happen i n the range of 
solvent compositions f r o m 0.8 to 1.0 mole fraction of the less polar constituent. 
Unfortunately, recent workers (6, 7,8) have avoided just this region. W e have 
now made such measurements on solutions of K I and LiClC>4 in water-methanol, 
and of LiClC>4 in water-acetone, extending the range of solvent compositions 
into the organic-r ich region. 

Experimental 

Rather than rigorously d r y i n g the acetone and methanol solvents prior to 
adding water, we used reagent grades (Fisher) dr ied roughly w i t h anhydrous 
calc ium sulfate and distilled wi th protection f rom moist air. The distillates were 
stored under dry nitrogen and transferred by nitrogen pressure. T h e stock ac­
etone so prepared contained 1.2% moisture (density at 25 .0°C , 0.7877), and the 
methanol contained <0.1% moisture (density at 25 .0°C, 0.7868 g/ml.). Solvent 
mixtures were made f r o m these and water by direct weighing, and their con­
centrations were calculated w i t h appropriate corrections. Salts were not fused 
but oven-dried at 110° C . K I was then assumed to be dry , but LiClC>4 was ana­
lyzed for moisture by loss on igni t ion at 2 5 0 ° C (12.95 ± 0.16% H 2 0 ) . T h e ap­
propriate correction was made for the concentrations of this salt. 

Viscosity measurements were made w i t h two C a n n o n - U b b e l o h d e viscom­
eters, and t iming was by an optical device actuating an electronic t imer (Wescan 
Instruments, Inc.). A n air thermostat was used. The viscometers were calibrated 
with redistilled air-saturated water over the range 1 0 ° - 5 0 ° C . The kinetic-energy 
correction was used i n the form: 

v = 7)/p = Kit + K2/t 

w i t h one viscometer. W i t h the other the correction K2/1 was negligible. 
Densities required for the calculation of viscosity were obtained i n three 

ways. The densities of the salt solutions were measured by Arch imedean dis­
placement (9) of a borosilicate glass bob weighed i n air, water, and the solvents 
and solutions. The results were expressed as linear functions of the molar con­
centration of salt, and the slopes obtained are recorded i n Table II. Densities 
of the solvent mixtures were taken f r o m published tables (10,11). Densities of 
the stock acetone and methanol were measured by a conventional pycnometer 
to greater precision than the salt solutions, and they were compared w i t h the 
literature values for analysis and w i t h the values obtained by displacement as 
a check. The two methods agreed w i t h i n 0.0005 g/ml. 
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Assuming this f igure to represent the precision of the density values and 
combining it wi th the t iming errors found, which ranged between 0.04 in 50 sec 
and 0.1 in 150 sec, we estimated the relative precision i n viscosity as 0.1 %. The 
resulting precision of the Jones-Dole A coefficient was insufficient to permit much 
significance to be attached to the calculated values, but the B ceofficients were 
estimated to be precise to ± 0 . 0 1 5 for values ranging f r o m —0.2 to +1.0. W e 
estimated the accuracy of the absolute viscosities to be no better than ± 1 % , owing 
main ly to d i f f i cu l ty in reproducing the settings of the air thermostat. Internal 
consistency w i t h i n a run was m u c h better than that, as noted. 

Fi t t ing the Jones-Dole equation to the data was not done in the usual manner 
i n the l inearized f o r m (77/170 — l)/C1^2 = A + B C 1 / 2 , since this casts a heavy 
burden on the required precision of 170 and also inflates the errors at the lower-
concentration end. Instead, we used the form: 

77 = T70 + a C 1 / 2 + b C 

i n w h i c h 770, a(= A 770) and b(= B770) are al l treated as adjustable parameters i n 
a least-squares procedure. The f igure for 170 recorded i n Table II is this param­
eter, not the measured value of 77 at C = 0. 

Results 

Table I contains the viscosities obtained for the solvent mixtures and the salt 
solutions. Table II summarizes the results for the solutions and contains the 
viscosity of each solvent mixture without added salt, the constants A and B of the 
Jones-Dole equation, the value of the density-concentration coefficient dp/dC, 
and the density of the solvent mixture. 

The viscosities of the solvent mixtures are i n general agreement w i t h liter­
ature values (12, 13) and w i l l not be discussed further. T h e A coefficients, as 
noted above, are not expected to be highly significant, but the occasional negative 
value among them prompts the fol lowing comment. W h i l e the theory (4) does 
not al low for negative values of this constant, and there is therefore good reason 
to dismiss them as being i n error, it is not clear to me that this must necessarily 
be so i n a ternary solution. 

The values of B obtained (together wi th some f rom other authors, as noted) 
are plotted i n F igure 2. E a c h of the methanol-water curves shows a m i n i m u m 
in the water-rich region which is attributed by Werblan et al. (6) to enhancement 
of the water structure w i t h increasing amounts of organic solvent up to a point. 
The absence of the m i n i m u m where acetone replaces methanol seems to support 
this interpretation. Attributing the whole of the change in B, between the lowest 
point (the value at the water end or i n the m i n i m u m ) and the value at the 
water-poor extreme, to the change i n the effective volume of the solvated solute, 
i.e., taking it as a measure of 2.5 n ( V A — V B ) , one can obtain a solvation number 
n w h i c h can be compared w i t h solvation numbers der ived i n other ways. This 
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Figure 2. Viscosity B coefficients for salt solutions in mixed water-organic 
solvents, as a function of the mole fraction of the organic component in the 

solvent. O , this work; ©, Ref. 18; Q Ref. 16; • Re}. 6. 

is done in Table III i n w h i c h these solvation numbers are listed together w i t h 
values of pr imary hydrat ion numbers calculated f r o m ionic values listed by 
Bockris and Reddy (14). The numbers are roughly double those f r o m other 
measurements, which is not unexpected as the whole change i n B surely does not 
arise f rom this cause. The differences among ions seem reasonable: L i + > N a + 

and C I " > C 1 0 4 -
The values of the constant K w h i c h indicate the tendency of the solutes to 

discriminate in favor of water over the organic component are i n pr inc iple ob­
tainable f r o m the f o r m of the curves i n the organic-r ich region. Here , rough 
comparison of the curves in F igure 1 w i t h the curves i n the water-methanol 
systems suggests that, for K I , K lies somewhat between 2 and 5, and that for 
L i C l 0 4 , it is slightly larger, perhaps between 3 and 6. K for LiClC>4 i n water -
acetone appears to be close to unity, suggesting that there is no net discrimination 
between water and acetone by this salt. Covington (15) has pointed out that this 
probably represents cancellation of opposing effects, for one ion may favor water 
and the other acetone. 
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Appendix 

T H E R M O D Y N A M I C B E H A V I O R O F E L E C T R O L Y T E S 

T a b l e I. V i s c o s i t i e s o f S o l u t i o n s , c P 

H20-MeOH-KI 

0.0813 0.285 0.525 0.639 

c V c V c r? c 

0 1.255 0 1.624 0 1.351 0 1.159 
0.0137 1.251 0.0088 1.622 0.0055 1.358 0.0132 1.162 
0.0268 1.250 0.0190 1.619 0.0125 1.351 0.0196 1.163 
0.0313 1.250 0.0315 1.616 0.0236 1.353 0.0281 1.168 
0.0493 1.247 0.0397 1.615 0.0278 1.352 0.0451 1.165 
0.0559 1.249 0.0460 1.620 0.0369 1.355 0.0502 1.168 
0.0652 1.244 0.0547 1.612 0.0424 1.355 0.0592 1.172 
0.0787 1.245 0.0599 1.612 0.0507 1.354 0.0693 1.170 
0.0804 1.241 0.0655 1.612 0.0619 1.358 0.0730 1.172 
0.0908 1.235 0.0758 1.608 0.0749 1.358 0.0793 1.173 
0.1033 1.241 0.0846 1.173 
0.1047 1.235 

H20-MeOH-KI 

x2: 
0.689 0.756 0.816 0.899 

c V c V c r? c r? 
0 1.079 0 0.889 0 0.881 0 0.755 

0.0023 1.082 0.0046 0.891 0.0052 0.885 0.0078 0.758 
0.0081 1.083 0.0101 0.892 0.0126 0.886 0.0145 0.765 
0.0158 1.084 0.0193 0.896 0.0208 0.886 0.0182 0.764 
0.0213 1.085 0.0223 0.899 0.0259 0.889 0.0223 0.764 
0.0281 1.088 0.0270 0.903 0.0333 0.892 0.0307 0.767 
0.0352 1.088 0.0341 0.905 0.0373 0.893 0.0345 0.767 
0.0402 1.091 0.0432 0.896 0.0426 0.898 0.0398 0.773 
0.0463 1.091 0.0498 0.909 0.0494 0.898 0.0439 0.776 
0.0516 1.086 0.0573 0.908 0.0555 0.901 0.0508 0.780 

0.0689 0.912 0.0671 0.901 0.0555 0.775 
0.0794 0.916 0.0784 0.906 0.0610 0.781 
0.0853 0.918 0.0905 0.907 

H20-MeOH-LiClOA 

x2: 
0.816 0.847 0.907 0.964 

c V c V c V c V 
0 0.803 0 0.761 0 0.681 0 0.596 

0.0100 0.812 0.0081 0.767 0.0116 0.689 0.0076 0.601 
0.0205 0.818 0.0190 0.774 0.0191 0.690 0.0175 0.607 
0.0254 0.819 0.0272 0.777 0.0267 0.693 0.0328 0.614 
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T a b l e I. (continued) 

H20-MeOH-LiCl04 

0.816 0.847 0.907 0.964 

c c V c V c 7? 

0.0355 0.824 0.0412 0.783 0.0366 0.700 0.0497 0.622 
0.0456 0.827 0.0592 0.792 0.0435 0.703 0.0668 0.629 
0.0582 0.835 0.0774 0.800 0.0631 0.712 0.0770 0.633 
0.0682 0.840 0.0930 0.808 0.0731 0.716 0.0972 0.642 
0.0783 0.845 0.1015 0.810 0.0875 0.722 
0.0895 0.849 
0.0966 0.852 

H20-Acetone-LiCl04 

0.1025 0.185 0.310 0.465 

c V c 7? c V c V 
0 1.377 0 1.351 0 1.067 0 0.737 

0.0040 1.376 0.0081 1.354 0.0087 1.072 0.0082 0.741 
0.0108 1.379 0.0173 1.358 0.0254 1.082 0.0233 0.749 
0.0195 1.378 0.0354 1.364 0.0370 1.088 0.0283 0.753 
0.0314 1.380 0.0540 1.371 0.0535 1.095 0.0380 0.755 
0.0433 1.381 0.0703 1.374 0.0752 1.105 0.0522 0.764 
0.0796 1.383 0.0794 1.377 0.1083 1.119 0.0556 0.769 

0.0980 1.384 0.0744 
0.0857 
0.0909 

0.775 
0.779 
0.782 

H2 0-Acetone-LiCl04 

x2: 

0.535 0.616 0.729 0.849 

c r? c c 7? c 7? 

0 0.626 0 0.524 0 0.424 0 0.352 
0.0051 0.630 0.0041 0.527 0.0118 0.429 0.0089 0.356 
0.0143 0.635 0.0127 0.530 0.0247 0.435 0.0193 0.360 
0.0283 0.642 0.0220 0.534 0.0343 0.438 0.0308 0.364 
0.0371 0.647 0.0337 0.539 0.0472 0.443 0.0418 0.369 
0.0454 0.651 0.0423 0.542 0.0580 0.448 0.0544 0.373 
0.0608 0.659 0.0503 0.545 0.0658 0.451 0.0666 0.376 
0.0743 0.666 0.0622 0.550 0.0779 0.455 0.0757 0.380 
0.0888 0.674 0.0823 0.558 0.0818 0.456 0.0854 0.384 

0.0967 0.564 0.0921 0.461 
0.0975 0.463 
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Table I. (continued) 

H20-Acetone-LiClO 4 

0.864 0.902 0.930 0.962 

c V c V c V c V 
0 0.345 0 0.332 0 0.320 0 0.306 

0.0110 0.351 0.0161 0.337 0.0061 0.323 0.0154 0.312 
0.0184 0.353 0.0303 0.342 0.0186 0.328 0.0262 0.316 
0.0273 0.357 0.0403 0.346 0.0319 0.332 0.0363 0.318 
0.0394 0.361 0.0520 0.350 0.0415 0.337 0.0587 0.328 
0.0509 0.365 0.0699 0.357 0.0552 0.341 0.0733 0.332 
0.0649 0.370 0.0824 0.362 0.0711 0.346 0.0767 0.332 
0.0723 0.372 0.0897 0.365 0.0791 0.349 0.0857 0.336 
0.0769 0.374 0.0929 0.338 

Table II. Solvent Viscosity, Jones—Dole Coefficients, and 
Dependence of Density on Salt Concentration at 

the Various Solvent Compositions 

System 

H 2 0 - M e O H - K I 
x2

a T?, QcPa 

0b 0.890 
0.0813 1.255 
0.285 1.624 
0.525 1.351 
0.639 1.159 
0.689 1.076 
0.756 0.889 
0.816 0.881 
0.889 0.755 
1.000& 0.544 

A B 

0.005 - 0 . 0 7 5 5 
0.017 - 0 . 1 6 2 
0.008 - 0 . 1 3 0 

- 0 . 0 0 6 0.104 
0.024 0.078 
0.027 0.111 
0.028 0.300 
0.008 0.353 
0.010 0.543 
0.016 0.675 

dp 

dC p 0 

0.122 0.9971 
0.121 0.9760 
0.120 0.9295 
0.116 0.8765 
0.114 0.8540 
0.115 0.8460 
0.118 0.8305 
0.122 0.8192 
0.130 0.8035 
0.150 0.7866 

H 2 0 - M e O H - L i C 1 0 4 0.816 0.804 
0.847 0.760 
0.907 0.681 
0.964 0.596 

0.060 0.385 
0.041 0.520 
0.006 0.695 
0.036 0.695 

0.091 0.8192 
0.091 0.8146 
0.091 0.8032 
0.091 0.7929 

H 2 0 - A c e t o n e -
L i C 1 0 4 

0c 0.890 
0.1025 1.3773 
0.185 1.3511 
0.310 1.0668 
0.465 0.7371 
0.535 0.626 
0.616 0.5242 
0.729 0.424 
0.849 0.352 

0.013 0.044 
- 0 . 0 1 2 0.128 

0.016 0.192 
0.028 0.369 
0.022 0.604 
0.034 0.758 
0.020 0.717 
0.027 0.870 
0.034 0.959 

0.055 0.9971 
0.068 0.9590 
0.080 0.9309 
0.092 0.8949 
0.103 0.8596 
0.109 0.8453 
0.113 0.8322 
0.117 0.8150 
0.115 0.7999 
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Table II. (continued) 

dp 

X* T?, QcPa A B dC Po 
0.864 0.345 0.047 0.919 0.115 0.7982 
0.902 0.332 -0.005 1.000 0.115 0.7940 
0.930 0.320 0.019 1.084 0.113 0.7910 
0.962 0.306 0.019 1.095 0.109 0.7877 

System 

H20-Acetone— 
LiC104 

flMole fraction of the organic component in the mixed solvent and the corresponding 
viscosity in the absence of added salt. 

&From Refs. 12 and 17. 
c From Ref. 6. 

Table III. Primary Solvation Numbers. Comparison of 
Results from the Variation of B (vise.) with 

the Most Probable Values by Other Methods 

H2Ob 

H20-acetone H20-methanol (various 
Solvent (this method) (this method) methods) 
Salt 
LiC104 7.14 15.9 6 
NaC104 — 10.5* 5 
NaCl — 15.6* 6 
KI — 15.4 4 
From Ref. 6. 

^From Ref. 14, assigning 1 to C104~. 
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Acidity Functions in Solutions of Strong 
Bases in Mixed Solvents 

T. J. M. POUW, W. J. BOVER, and P. ZUMAN 

Department of Chemistry, Clarkson College of Technology, Potsdam, Ν. Y. 13676 

The addition of hydroxide ions to substituted benzaldehydes 
(ArCHO + OH- ArCH(OH)O-) is used to establish J­
-acidity scales in water-ethanol and water-DMSO mixtures 
containing sodium hydroxide as a base. The pK-values in such 
mixtures are linearly correlated with Hammett substituent 
constants. The independence of reaction constant ρ of sol­
vent composition confirms that substituted benzaldehydes are 
suitable J- indicators for hydroxide solutions in water-ethanol 
and water-DMSO mixtures. Dependence of J- values on so­
dium hydroxide concentration is only slightly affected by etha­
nol up to 90 % and at a constant sodium hydroxide concentra­
tion shows only small increase between 90 and 98 % ethanol. 
J- increases more with increasing DMSO concentration, but 
the effect is much smaller than that of DMSO on H- values 
based on proton abstraction from aniline. 

The electrochemical oxidation of aromatic aldehydes ( i ) must be studied 
in strongly alkaline media. A c i d i t y functions for strongly alkaline aqueous 

solutions of alkal i metal and quaternary a m m o n i u m hydroxides, corresponding 
to dissociation of proton ( H _ ) , are wel l established (2, 3). Substituted anilines 
and diphenylamines (4,5) and indoles (6) were used as acid-base indicators for 
establishment of such scales, but whether an acidity scale based on one type of 
indicator can be rigorously applied to acid-base equil ibria involving structurally 
different acidic groups for reactions i n strongly alkaline media remains ques­
tionable. For substituted anilines, behavior both parallel (7) and nonparallel 
(8) to the H _ scale based on indole derivatives has been reported. The l imi ted 
solubility of anilines in aqueous solutions of alkali metal hydroxides, the reactions 
of the anil ine derivative w i t h more than one hydroxide ion, irreversible substi­
tution reactions (9), and the possibility of hydroxide ion addit ion rather than 
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proton abstraction—in particular for nitro derivatives (10)—complicate the i n ­
terpretation of experimental data. 

Nevertheless, val idi ty of acidity funct ion H _ cannot be expected to extend 
to reactions involv ing addit ion of hydroxide ions rather than dissociation of a 
proton. For addition of hydroxide ions, the acidity function J_ has been defined 
(<S, 9, J J , 12) as in Equat ion 1, where ax are activities, cx concentrations, 

J - = - l o g ( f l H + t/SHOH-/{/SHflw) = P K 2 + P K w + log C S H O H - / C s H (1) 

yx act ivity coefficients, and the subscript w corresponds to water. If the dif fer­
ence in hydrat ion of S H and S H O H " is neglected, the relationship between H _ 
and J _ can be expressed as i n Equat ion 2, where the p r i m e d values correspond 
to indicators 

J - = H _ + log a w + log (t/SHt/Wt/'sHl/SHOH) (2) 

used for establishing the H _ scale. 
Previous attempts (8, JO, 12,13,14) to develop the J_ acidity function scale 

f r o m e q u i l i b r i u m measurements have been unsuccessful. Most frequently 
studied addit ion reactions of hydroxide ions are those invo lv ing nitroaromatic 
compounds (formation of Meisenheimer complexes). Measurements of equilibria 
w i t h hydroxide ions involv ing nitro compounds were found complicated by 
consecutive reactions (8, 9,10), by uptake of a second hydroxide ion (13), or by 
complicated changes i n absorption spectra (13,14). 

In the absence of e q u i l i b r i u m measurements, attempts have been made to 
establish the J _ scale based on kinetic date. The attempt (15) to approximate 
Equat ion 2 by J _ = H _ 4- log a w was only part ly successful. Recently, a kinetic 
scale ]-(k) based on the Z u c k e r - H a m m e t t hypothesis (16) has been proposed by 
Rochester (17). In E q u a t i o n 3, w h i c h relates kinetic and acidity data, k is 

J-(ft) = log ft - log (koKw) = - l o g ( f l H + tTA*wt/s H ) (3) 

the rate constant at a given sodium hydroxide concentration, ko is at [ N a O H ] = 
0, and t/T is the activity coefficient of the transition state in the rate l imi t ing step 
of the particular reaction used to measure J-(ft). The aromatic SN2 reactions 
between hydroxide ions and 2,4-dinitroanisole, 2,4-dinitrophentole, and 1-
chloro-2,4-dinitrobenzene gave the same acidity function J-(ft) for concentrations 
of sodium hydroxide up to 5 M . A comparison w i t h the rate constants of chlo-
ramine and carbon disulf ide SN2 hydrolyses indicates the need for a separate J_ 
acidity function. A n analogous funct ion denoted as H R - has been der ived for 
the addit ion of methoxide and ethoxide ions to a-cyanostilbenes i n d i m e t h y l 
sulfoxide-methanol (and ethanol) mixtures (18). Nevertheless, retroaldolization 
fission made it impossible to use this reaction for determination of the acidity 
funct ion in aqueous media. 

In the course of polarographic and spectrophotometric investigations of 
isomeric phthalaldehydes, it has been observed that substituted benzaldehydes 
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undergo addition of hydroxide ions i n a reversible reaction as shown in Reaction 
4. 

A r C H O + O H " ^ ± A r C H ( O H ) 0 " (4) 

E q u i l i b r i u m constants of Reaction 4 have been measured (19) for a series of 
substituted benzaldehydes by compar ing the differences i n the spectra of the 
benzaldehyde ( A r C H O ) and the geminal d io l anion ( A r C H ( O H ) O " ) . W i t h 
increasing hydroxide ion concentration, the weak carbonyl band at 300 n m de­
creases and the m e d i u m intensity band at 250-280 n m (corresponding to the 
electronic transition involv ing the aromatic r ing conjugated w i t h the carbonyl 
group) decreases. Usual ly absorbance i n the latter region was measured to de­
termine the ratio C A r C H ( O H ) o - / C A r C H O F r o m measured values of this ratio in 
aqueous solutions containing v a r y i n g concentrations of sodium hydroxide, the 
e q u i l i b r i u m constants K2 were determined by the standard overlap procedure 
(20) w h i c h assumes similar act ivity coefficient ratios. 

F r o m determined values of constants K2 for i n d i v i d u a l indicators and the 
expression of log CArCHfOHOo-VCArCHO a t a g * v e n C O H - , v a m e s ° f acidity con­
stants J_ were calculated by Equat ion 1, with an accuracy of ± 0.03J- unit at J -
<16.3 and of about ± 0 . 1 J _ unit at higher sodium hydroxide concentrations. The 
values of J - obtained have shown a good agreement w i t h values ]-(k) obtained 
by kinetic measurements (15,17) for solutions containng 4 M sodium hydroxide 
or less (for which values J-(fc) were available). The relationship between J_ and 
H _ functions is s imilar to that of Jo' (or J 0 ' ") and H 0 . In more dilute solutions 
of sodium hydroxide both functions, J - and H _ fol low a similar trend of the de­
pendence on base concentration. Differences between J _ and H _ i n solutions 
containing 1 0 M or more concentrated sodium hydroxide can be attributed to 
change i n water act ivity ( a w i n Equat ion 2), but meaningful discussion must be 
postponed unti l information w i l l be available about the variat ion of activity 
coefficients of i n d i v i d u a l species w i t h sodium hydroxide concentration. 

In organic solvents the acidi ty functions H _ corresponding to hydrogen 
dissociation from neutral indicator acids were reported for solutions of alkali metal 
alkoxides in various alcohols (2), using nitroanilines (21), aminobenzenecarboxylic 
acids (22), or indols (23) as indicators. For addition reactions of methoxide and 
ethoxide ions to neutral indicator acids, acidity functions J_ (also denoted as H R ) 
based on use of nitrobenzenes (21) and a-cyanostilbenes (18) as indicators in 
methanol and dimethylsulfoxide-methanol and -ethanol mixtures were reported. 
Recently (24) the acidity function J _ (denoted as JM) was derived for methoxide 
ion solutions in methanol using substituted benzaldehydes as indicators. These 
scales involve arbitrary choice of water as the solvent for determination of the 
dissociation constant of the anchoring acid. 

F o r mixtures of organic solvents w i t h water, the available information (2) 
is der ived only f r o m reactions invo lv ing dissociation of hydrogen ion, leading 
to acidity function H _ . Measurements for solutions containing a constant con­
centration of a base and a vary ing ratio of water and the organic solvent were 
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carried out using sodium alkoxides as bases in mixtures of water and alcohols (25). 
Tetramethylammonium hydroxide was also used as the base in mixtures of water 
w i t h pyr id ine (4, 7), tetramethylenesulfone (4, 7), dimethylsulfoxide (4, 7,26), 
and d imethyl formamide (27). W h e n 0 .005M sodium ethoxide was used, a 
relatively modest increase of the value of H _ (from 11.74 to 13.35) was observed 
(25) when the ethanol concentration was increased f r o m 0 to 100 mole %. In 
solutions containing 0 .011M te tramethylammonium hydroxide and increasing 
dimethylsulfoxide ( D M S O ) concentration, the increase i n the value of H _ was 
found to be much more dramatic, f rom 12.0 in water to 26 i n 99.5 mole % D M S O . 
The increase in-the value of H _ w i t h D M S O concentration was smaller at con­
centrations below 85 mole %, but very steep at higher D M S O concentrations 
(26) . 

Substituted benzaldehydes have proved useful as acid-base indicators for 
reactions involv ing the addit ion of hydroxide ions n strongly alkaline aqueous 
media (19). It seemed logical to extend their use to solutions of sodium hydroxide 
in water-ethanol and w a t e r - D M S O mixtures. In ethanol-water, it was of interest 
whether the competit ion between addit ion of hydroxide and ethoxide ions w i l l 
be reflected i n the dependence of the J _ funct ion on ethanol concentration. In 
w a t e r - D M S O mixtures, it was important to investigate whether the radical 
change at higher D M S O concentrations, observed for H _ values and attributed 
•to changes i n solvation of the hydroxide ion, w i l l be observed for the addit ion 
reaction as wel l . 

The J_ function was determined at constant sodium hydroxide concentration 
(0.01M), and varying ethanol or D M S O content and measurements were carried 
out to define the acidity funct ion J _ i n solutions containing f ixed percentages 
of the organic solvent component and vary ing concentrations of sodium hy­
droxide. Such scales provide the possibility of preparing solutions of k n o w n J_ 
in mixtures containing a given concentration of the organic component and thus 
seem to be of practical importance (e.g., for electroanalytical measurements). 
T h e y have rarely been reported, even for the H _ funct ion. 

Furthermore, e q u i l i b r i u m constants K2 for the format ion of the adduct 
corresponding to Reaction 4 were determined by the overlap procedure i n so­
lutions containing f ixed concentrations of the organic component, and the effect 
of solvent composition on the H a m m e t t reaction constant p was fol lowed. 

Experimental 

Most of the benzaldehydes employed were obtained f rom A l d r i c h Chemical 
Co. (Milwaukee). Purity was checked chromatographically and by measurement 
of boi l ing or mel t ing points. T h e few benzaldehydes whose puri ty proved to 
be unsatisfactory were recrystallized f r o m ether or ethanol. 

T w o sets of 0 .01M stock solutions of the benzaldehydes were prepared, one 
i n absolute ethanol and one i n D M S O , to be used for the experiments i n w a t e r -
ethanol and w a t e r - D M S O mixtures, respectively. Both D M S O (Baker Chemical 
Co.) and ethanol were used without puri f icat ion. 
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Sodium hydroxide stock solutions were prepared of three different con­
centrations, v iz . , 0.1, 1.0 and 1 0 M . T h e 0.1 and 1 . 0 M solutions were obtained 
by d i lu t ing Baker reagent grade D i l u t - i t standardized solutions. The 1 0 M so­
lution was prepared by di lut ion of 50% Baker A n a l y z e d sodium hydroxide 
(18.86M). Carbonate free water was used for all dilutions and the solutions were 
protected f r o m contact w i t h air. 

U V spectra were recorded w i t h a Unicam-SP-800-A (Pye U n i c a m , C a m ­
bridge, England) recording spectrophotometer, using matched quartz cells (10 
m m optical path). 

A l l solutions used for the measurement of spectra were prepared by mix ing 
adequate volumes of the hydroxide and benzaldehyde stock solutions together 
wi th an appropriate amount of water and ethanol or D M S O . A l l these solutions 
were made up to a total volume of 10 m l . 

In the majority of cases, the absorbance at 250-280 n m was measured i n 
solutions containing 1 X 10~ 4 M of the benzaldehyde studied. In solutions 
containing higher concentrations of D M S O , these benzenoid absorption bands 
were overlapped by a cut-off caused by solvent absorption. In those cases, the 
absorbance corresponding to n — ir* transition of the carbonyl group was mea­
sured. Because of the lower extinction coefficient of this absorption band, 
measurements were then carried out i n 5 X 1 0 _ 4 M benzaldehyde solutions. 

The ionization ratios CArCH(OH)o-/CArCHO n e e Q l e ( l w e r e calculated f r o m 
experimentally accessible absorbancies, using Equat ion 5 

CArCH(OH)0-/CArCHO = C^o ~ A ) / ( A - A R ) (5) 

where A o is the absorbance of the benzaldehyde solution at such a hydroxide ion 
concentration or in a buffer of such a p H that no addition of O H - to benzaldehyde 
occurs, and A R is the residual absorbance i n a solution where a l l of the benzal­
dehyde is present as the anion A r C H ( O H ) 0 " . A is the absorbance at the given 
O H - concentration. Unless otherwise stated, the values of A , A o and A R were 
measured at the wave length of m a x i m u m benzenoid absorption (250-280 nm). 
The value of A R was usually obtained by an extrapolation procedure. 

Values of C A rCH(OH)o-/CArCHO f ° r e a c n benzaldehyde derivative were 
measured at 10-15 different sodium hydroxide concentrations i n solutions con­
taining fixed ethanol or D M S O concentrations ranging f rom 1 to 90 vol %. Since 
spectra obtained i n the presence of 1% ethanol were indistinguishable f r o m 
spectra recorded i n purely aqueous solutions, it was possible to use absorbancies 
obtained i n 1% ethanolic solutions for the calculation of p X 2 ( H 2 0 ) values. 
Ionization ratios were also determined i n benzaldehyde solutions containing a 
constant concentration of sodium hydroxide (0.01M) and an ethanol or D M S O 
content w h i c h was varied between 1 and 98 vol %. 

The addit ion of ethanol appears to have an appreciable influence on the 
absorptivity of substituted benzaldehydes. General ly the molar absorptivity 
decreases by about 40% when the ethanol content of the solution is increased f rom 
1 to 90 vol %. Moreover, there is a slight shift of both the benzenoid and the 
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carbonyl band to shorter wavelengths. These changes must be taken into con­
sideration when absorbancies in solutions containing v a r y i n g concentrations of 
ethanol are compared. N o such effects were observed i n the study of solutions 
containing varying amounts of D M S O . 

Unless otherwise stated, spectra were t ime independent over the 3 -5 m i n 
needed for recording the spectra. 

Results 

p J ^ - V a l u e s . Attention is focused first on the values of e q u i l i b r i u m constant 
K2 of substituted benzaldehydes i n i n d i v i d u a l mixed solvents wi th reference 
to a standard state i n those particular solvents. F o r this purpose, the ratios 
CArCH(OH )o - /CArCHO w e r e determined i n each solvent mixture as a funct ion 
of hydroxide concentration. F o r benzaldehydes w i t h electronegative substitu-
ents, the value of the e q u i l i b r i u m constant K2 def ined by Equat ion 6 

^2 = (C A r CH(OH)0 - /C 'ArCHoCoH-)( /ArCH(OH)0 - / /ArCHo/oH-) (6) 

can be obtained by extrapolation of the plot of [log (C A r C H(OH )o - /CArCHo) — 

log CNHOH ] against concentration of sodium hydroxide to CNaOH = 0 (i.e., u = 
0). 

For benzaldehydes wi th higher p K 2 values, the overlap procedure (20) can 
be used. Values obtained by both procedures in the indiv idual solvent mixtures 
are summarized i n Tables I and II. 

In every solvent system studied, pK2 values above a certain limit (dependent 
on the solvent system) could not be measured because of either l imited solubility 
of sodium hydroxide or changes of the spectra wi th t ime (indicating competitive 
processes at h igh organic solvent concentrations). 

Variations in the differences, A , between p K 2 ( H 2 0 ) and p K 2 (mixed solvent) 
for each i n d i v i d u a l solvent composition are relatively small (Tables I, II), i n d i ­
cating that Reaction 4 for different substituted benzaldehydes is influenced almost 
equally by the change in solvent composition. This fact, together w i t h the ex­
isting evidence (19) that for aqueous hydroxide solutions substituted benzal­
dehydes form a suitable set of J_ indicators, proves that substituted benzaldehydes 
can be used also for the establishment of J - scales i n water-ethanol and water -
D M S O mixtures. 

J - for H y d r o x i d e Solutions i n A q u e o u s E t h a n o l . F r o m the p K 2 ( H 2 0 ) 
values and values of log C A r c H ( O H ) o - / C A r c H O a t a g l v e n COH~ in a given solvent 
mixture, it is possible to calculate J _ values for the solvent mixture under con­
sideration using Equat ion 1 where p K w is the autoprotolytic constant of water 
and p K 2 ( H 2 0 ) is inserted for p K 2 . This def ini t ion expresses J_ values w i t h 
reference to a standard state in pure water, and therefore basicities of sodium 
hydroxide solutions in mixed solvents can be compared to basicities of sodium 
hydroxide solutions i n water by J - values. 
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T a b l e I. pK2 V a l u e s f o r S u b s t i t u t e d B e n z a l d e h y d e s i n 
W a t e r — E t h a n o l M i x t u r e s 

10% EtOH 50% EtOH 90% EtOH 

Benzaldehyde l%EtOH PK2 Ab pK2 Ab pK2 Ab 

p - N 0 2
c +0.78 -1.05 -1 .26 0.21 -1 .28 0.23 -1 .84 0.79 

3,5 d i C K +0.74 -0.91 -0 .97 0.06 — — — — 
ra-N02

c +0.71 -0 .81 -1 .11 0.30 -1 .06 0.25 -1 .11 0.30 
m - C N * +0.68 -0.64 -0.79 0.15 -0 .85 0.21 -0 .95 0.31 
p - C N * +0.66 -0.84 -1 .01 0.17 — — -1 .25 0.41 
3,4 d iCl +0.60 -0.19 
p - C F 3 +0.55 -0 .32 -0.46 0.14 -0 .68 0.36 -0 .88 0.56 
m - C F 3 +0.41 -0.07 
m-Cl +0.37 +0.12 -0 .26 0.38 -0 .05 0.17 -0 .46 0.58 
m-F +0.34 +0.22 -0 .03 0.25 0.00 0.22 -0 .41 0.63 
p - C l +0.23 +0.54 +0.27 0.27 +0.27 0.27 -0 .11 0.65 
p - C O O H +0.13 +0.38 
m - O C H 3 +0.11 +0.76 +0.55 0.21 — — — — 
p - F +0.06 +0.09 — — — — +0.43 0.56 
Bzh 0.00 +1.05 — — — — +0.48 0.57 
m - C H 3 -0 .07 +1.18 
p - C H 3 -0 .17 +1.48 
p - O C H 3 -0 .27 +2.04 
p - O H -0 .52 
m - O H -0 .71 +2.12 

flHammett substituent constant. 
b A- pK2(H20) - pK2 (solvent mixture). 
cpK2 values of these compounds were obtained by extrapolation of a [log 

( C A r C H ( O H ) 0 ~ / C A r C H O ) ~ I o g c N a O H l vs- c N a O H P l o t t o c N a O H = ° -

T a b l e II. pK2 V a l u e s f o r S u b s t i t u t e d B e n z a l d e h y d e s i n 
W a t e r - D M S O M i x t u r e s 

Benz­ 10% DMSO 50% DMSO 80% DMSO 90% DMSO 

aldehyde PK2 A " PK2 A * pK2 A * pK2 A * 

p-N02
b -1.14 0.09 -1.29 0.24 -2 .03 0.98 -2 .35 1.30 

m - N 0 2 * -0.94 0.13 
-0.90 0.26 

p-CNb -0 .92 0.08 -1.10 0.26 -1 .67 0.83 -2 .18 1.34 
P - C F 3 -0 .43 0.11 -0 .67 0.35 -1.27^ 0.95 -1 .64* 1.32 
m-Cl 0.00 0.12 -0 .21 0.33 - 1 . 2 1 * (1.33) 
m-F — — -0 .09 0.32 
p - C l +0.49 0.06 +0.28 0.26 
m - O C H 3 +0.64 0.12 
Bzh +0.86 0.19 
m - C H 3 1.20 (-0.02) 

a A = pK2(H20) - pA: 2 (mixed solvent). 
^ F o r these compounds, pK2 was found by extrapolation of the [log (CArCH(OH)O"/ 

C ArCHO) - l o § C N a O H l P l o t -
c D e t e r m i n e d in 5 X 10 4M benzaldehyde solutions. 
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Table III. J _ of Solutions of N a O H in H 2 0 / E t O H 

J- = 14 + pK2 (as determined in water) + log R Q H 

J _ 

1% 10% 50% 90% 
CNaOH Eton EtOH EtOH EtOH 

0.01 11.91 — — — 
0.05 12.74 — — — 
0.1 13.07 13.20 13.57 13.41 
0.2 13.45 13.66 13.73 13.92 
0.3 13.68 13.80 13.86 14.14 
0.4 13.89 13.94 14.00 14.27 
0.5 13.97 14.04 14.14 14.41 
0.6 14.04 14.12 14.22 14.53 
0.7 14.10 14.20 14.28 14.60 
0.8 14.18 14.22 14.34 14.67 
0.9 14.24 14.30 14.40 14.73 
1.0 14.28 14.34 14.48 14.77 
1.5 14.52 14.56 14.70 C N a O H = 1-32 14.95 
2.0 14.69 14.72 14.80 

C N a O H = 1-32 14.95 

2.5 14.85 14.92 14.96 C N a O H = 1-89 15.15 
3.0 14.95 15.06 15.16 

C N a O H = 1-89 15.15 

3.5 15.08 15.22 
4.0 15.20 15.38 
4.5 15.32 15.50 
5.0 15.47 15.62 
6.0 15.69 
7.0 15.69 
8.0 16.16 
9.0 16.34 

10.0 16.54 
11.0 17.20 
12.0 17.45 

Calculated values (Table III) of J_ i n ethanol-water mixtures show a de­
pendence on sodium hydroxide concentration (Figure 1) resembling that i n 
water. 

T o investigate the influence of ethanol concentrations higher than 90 vol 
% on the values of the J_ function, two series of measurements were carried out. 
The sodium hydroxide concentration was kept constant at 0.01 and 0 . 1 M , re­
spectively, and the concentration of ethanol changed, using p-nitrobenzaldehyde 
(for the 0 . 0 1 M N a O H solutions) and m-tr i f luoromethyl - and ra-chlorobenzal-
dehyde (for the 0 . 1 M N a O H solutions) as indicators. Af ter correction for me­
d i u m effects caused by ethanol, the slight decrease i n benzenoid absorption ob­
served resulted i n a small increase i n J_ w i t h increasing ethanol concentration 
(Figure 2), paral lel ing the trend calculated for 1 M sodium hydroxide solutions 
f r o m F igure 1. 
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J ! I I I L 
1 2 3 4 5 6 

[NaOH] 

Figure 1. Dependence of the J- acidity function on sodium 
hydroxide concentration in water-ethanol mixtures of dif­
ferent composition. Curve 1 (O); 1 vol % EtOH; curve 2 
(•): 10 vol % EtOH:curve 3 (O): 50 vol % EtOH;curve 4 

(9) : 90 vol % EtOH. 

J - for H y d r o x i d e Solutions i n Aqueous D M S O . J _ values for solutions 
containing fixed amounts of D M S O and varying sodium hydroxide concentrations 
were determined (Table IV) using Equat ion 1. These show a similar trend for 
al l D M S O concentrations investigated (Figure 3). 

The effect of D M S O contents above 90 vol % was studied i n mixtures where 
the sodium hydroxide concentration was kept constant at 0 . 0 1 M and the D M S O 
content varied. p - N i t r o , p-cyano, p- t r i f luoromethyl , m-chloro, m-f luoro, p -
chloro, and m-anisaldehyde were used as indicators. A t D M S O concentrations 
higher than 90 vol %, some of the spectra (particularly those of ra-Cl, m - F , p - C l , 
and ra-OCH3 benzaldehyde) became time dependent and extrapolation of ab-
sorbance measurements to zero t ime became necessary. Hence , the calculated 
J _ values displayed a larger average deviation (Table V ) at these higher D M S O 
concentrations. Below 80 vol % D M S O , the average deviation was hardly ever 
higher than 0.05. The dependence of J_ on D M S O concentration was compared 
w i t h that of H _ (Figure 4). 
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90 
Vol.% EtOH 

Figure 2. Influence of ethanol on the J- value of 
0.01 M (curve 1) and 0.1 M (curve 2) sodium hy­
droxide. The two points of curve 3 are taken from 

Figure 1 for 1M sodium hydroxide. 
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1 3 5 7 

0.01 0.03 0.05 0.07 
[NaOH] 

Figure 3. Dependence of the J- acidity function on sodium hydroxide 
concentration in water-DMSO mixtures of different composition. 
Curves 1 and 6: aqueous solutions. Curves 2 and 7 (O) : 10 vol % 
DMSO. Curves 3 and 8 (m): 50 vol % DMSO. Curve 4 (Q): 80 
vol % DMSO. Curve 5 (O): 90 vol % DMSO. The [NaOH] scale 
on top of the figure refers to curves 6, 7, and 8, the one on the bottom 

to curves 1,2,3, 4, and 5. 
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50 70 90 
Vol.* DMSO 

Figure 4. Acidity functions H- (curve 1) and J- (curve 
2) for water-DMSO mixtures containing 0.01 M base 
(tetramethylammonium hydroxide in case of H- and 

sodium hydroxide in case of /_). 
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T a b l e I V . J _ o f S o l u t i o n s o f N a O H i n W a t e r - D M S O M i x t u r e s 

CNaOH 

J-(10% 
DMSO) 

J-(50% 
DMSO) CNaOH 

J-(80% 
DMSO) 

J.(90% 
DMSO) 

0.01 12.08 12.23 0.001 — 11.93 
0.02 12.43 12.60 0.002 — 12.66 
0.03 12.54 12.79 0.003 — 12.79 
0.04 12.75 12.94 0.004 — 13.10 
0.05 12.82 13.04 0.005 12.67 13.22 
0.06 12.99 13.11 0.006 — 13.20 
0.07 12.98 13.31 0.007 — 13.24 
0.1 13.22 13.35 0.008 — 13.24 
0.2 13.47 13.63 0.01 13.09 13.45 
0.3 13.78 13.84 0.02 13.46 13.89 
0.4 13.92 13.95 0.03 13.68 — 
0.5 13.99 14.07 0.04 13.98 14.27 
0.6 14.01 14.19 0.06 14.37 — 
0.7 14.12 14.21 0.07 14.65 — 
0.8 14.27 14.25 
0.9 14.24 14.35 
1.0 14.38 14.40 
1..5 14.61 14.67 
2.0 14.76 
2.5 14.97 
3.0 15.07 
3.5 15.17 
4.0 15.33 
4.5 15.37 
5.0 15.46 

T a b l e V . J . i n W a t e r - D M S O M i x t u r e s C o n t a i n i n g 0 . 0 1 M N a O H 

% 
DMSO 
(V/V) J_ Av. Dev. Indicators Used 

50 12.26 2 0.04 p - N 0 2 , p - C N 
80 12.97 2 0.09 p - N 0 2 , p - C N 
90 13.48 6 0.13 p - N 0 2 , p - C N , p - C F 3 * , m - C l * , m - F * , p - C l 
91 13.58 3 0.11 m - C l * , m - F * , p - C l 
92 13.77 4 0.16 p - C f 3 * m - C l * , m - F * , p - C l 
93 13.84 3 0.12 m - C l * , m - F * , p - C l 
94 13.98 4 0.09 m - C l * , m - F * , p - C l , p - O C H 3 * 
95 14.08 4 0.14 p - C N , m - C l * , m - F * , p - C l 
96 14.28 4 0.11 m - C l * , m - F * , p - C l , m - O C H 3 * 
97 14.62 4 0.18 m - C l * , m - F * , p - C l , m - O C H 3 * 
98 15.07 3 0.06 m - F * , p - C l , m - 0 C H 3 * 

a Number of measurements. 
* Measurements with these compounds were carried out in 5 X 1 0 ~ 4 M benzaldehyde solu­

tion. 
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Discussion 

Structural Ef fec ts a n d Solvent. T h e effect of solvent on the e q u i l i b r i u m 
of Reaction 4 can be first discussed in terms of effects on the susceptibility to 
substituent effects. The values of p K 2 , characterizing this e q u i l i b r i u m , are a 
satisfactorily linear function of the Hammet t constants ax as shown by the values 
of the correlation coefficient r (Table VI) . The values of reaction constant p are 
practically independent of the ethanol concentration (Table VI) , as was already 
indicated by the almost constant value of the difference (A) between p K 2 ( H 2 0 ) 
and p X 2 (mixed solvent) for a given composition of the m i x e d solvent (Table I). 
The same situation is indicated for D M S O mixtures (Table II) by the small 
variations i n A for any given solvent composition. In this case, the number of 
accessible p K 2 values was too small to al low a meaningful determination of re­
action constants p. The structural dependence for various water-ethanol mixtures 
is thus represented by a set of parallel lines. T h e shifts between these lines are 
given by the differences between the p K 2

H values ( p K 2 of Reaction 4 for the 
unsubstituted benzaldehyde) i n the different solvent mixtures. 

T a b l e V I I n f l u e n c e o f E t h a n o l Percentage o n t h e F r e e E n e r g y 
R e l a t i o n s h i p 

pK2=-pox +pKH 

Std. Dev. Std. Dev. 
Jo EtOH (V/V) pa (P) pK»b (PK») rd 

1 2.65 0.09 1.08 0.05 18 - 0 . 9 8 7 
10 2.58 0.17 0.82 0.10 10 - 0 . 9 8 4 
50 2.84 0.18 0.97 0.11 7 - 0 . 9 9 1 
90 2.58 0.20 0.52 0.11 10 - 0 . 9 7 3 

a Reaction constant. 
bpK2 for the unsubstituted benzaldehyde. 
c Number of measurements. 
d L i n e a r correlation coefficient. 

Provided that the influence of the water-ethanol composition on the reaction 
involv ing addit ion of hydroxide ions to benzaldehydes can be characterized by 
any parameter Y , (the applicat ion of Y _ used for benzoic ac id dissociations i n 
ethanol-water mixtures (28) might be doubtful) , applicat ion of the relation p Y i 

- p Y 0 = C ( Y i - Y 0 ) w o u l d indicate that the value of C (0.638) for benzoic acids 
(28) and - 0 . 5 7 3 for anilines (29) is close to zero for the benzaldehyde reaction 
(4). 

T h e V a l i d i t y of the J _ F u n c t i o n . F o r aqueous sodium hydroxide solutions 
the val idi ty of the J_ function, describing the basicity of a solution by its abi l i ty 
to add hydroxide ions to a carbonyl group to f o r m an anion of the geminal d io l , 
has been proved earlier (19). F o r a l l substituted benzaldehydes studied 
i n water-ethanol or water-dimethylsul foxide ( D M S O ) , the value of log 
( ^ A r C H ( O H ) o - / C , A r C H o ) determined f rom absorbance measurements was found 
to be a linear funct ion of the J _ funct ion w i t h a slope v a r y i n g between 0.95 and 
1.05 i n the region of J _ values where measurements were possible. The C a n -
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nizzaro reaction or other consecutive processes d i d not affect the measurements 
at 2 5 ° C except i n solutions containing the highest concentrations of D M S O . 
Careful measurements wi th derivatives bearing electronegative substituents d i d 
not indicate any evidence of formation of dianions of the geminal d io l 
(ArCH(0~)2). Hence, benzaldehydes are simpler indicators than cyanostilbenes 
(18), where competition of carbanion formation, even if not predominant, cannot 
be completely excluded. The behavior of the benzaldehydes is also simpler than 
that of nitroaromatic compounds where measurements of equi l ibr ia leading to 
the formation of Meisenheimer complexes were complicated by consecutive 
reactions (9, JO, 15), by uptake of a second hydroxide ion (13), or by complicated 
changes i n the absorption spectra (J3,14). 

C o m p a r i s o n of Aqueous a n d W a t e r - E t h a n o l Solut ions. T h e effect of 
the presence of ethanol in aqueous solutions of sodium hydroxide is usually small. 
This is shown by the similar shape of the dependence of J - on sodium hydroxide 
concentration (Figure 1) and by the small differences i n J _ values obtained at 
the different constant ethanol concentrations up to 90 vol % (Table III). E v e n 
when the concentration of sodium hydroxide was kept constant (e.g., 0 .1M), the 
difference between J _ values i n 90 vol % ethanol and 98 vol % ethanol was only 
0.16 J - units (Figure 2). In this range of ethanol concentrations, it is necessary 
to consider the competit ive influence of ethoxide ions, the addit ion of w h i c h 
would result i n a decrease of the C6H5CO— absorbance indistinguishable f r o m 
the decrease caused by hydroxide ion addit ion. In 90 vol % ethanol, the ratio 
of hydroxide and ethoxide concentrations is about 1:1, whi le in 98 vol % ethanol, 
it is possible to extrapolate (30) that about 90% of the base w i l l be present as the 
ethoxide ion. 

The relatively modest increase in the value of the J_ function upon increasing 
the ethanol content of a sodium hydroxide solution f r o m 90 to 98 vol % indicates 
that either the nucleophilic reactivity of the ethoxide ion under these conditions 
does not di f fer substantially f r o m that of the hydroxide ion (while solvation of 
the hydroxide ion and the geminal diol anion is similar to solvation of the ethoxide 
ion and the hemiacetal anion) or that compensation of effects takes place. 

The procedure by which Yagi l and Anbar calculated theoretical H _ values 

(3J) can be applied to the J_ funct ion as wel l , leading to Equat ion 7, where 

C H 2 O 

J_ = 14 + log C O H - " n log C H 2 o (?) 

is the free water concentration and n can be considered (3J) either as the hy­
dration number of the hydroxide ion or as the difference i n hydrat ion numbers 
between ( A r C H O + O H ~ ) and A r C H ( O H ) 0 " Calculations of J_ w i t h n = 3 
and n = 4 were made for aqueous sodium hydroxide solutions, using for C H 2 O 
the expression C H 2 O - d — 0.001(18n + 40) C O H - i n w h i c h d is the density of 
the solution (Table VII) . Compar ison of the calculated values w i t h the experi­
mental J _ values for aqueous sodium hydroxide solutions seems to indicate a 
change in n wi th the concentration of sodium hydroxide. In solutions w h i c h are 
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T a b l e V I I . T h e o r e t i c a l a n d E x p e r i m e n t a l V a l u e s o f J _ f o r 
A q u e o u s N a O H S o l u t i o n s 

CNaOH J-(exp) J_(theor.)n=3a J _(theor.)n=4<* 

1 14.28 14.08 14.12 
2 14.69 14.46 14.58 
3 14.95 14.73 14.90 
4 15.20 14.95 15.20 
5 15.47 15.16 15.51 
6 15.69 15.35 15.82 
7 15.96 15.56 16.17 
8 16.16 15.78 16.58 
9 16.34 16.01 17.09 

10 16.54 16.27 17.71 
11 17.20 16.50 18.61 
12 17.45 

0J_(theor.) = 14+ \ogCOH--n log C ^ Q where C H 2 0 = D ~ ° - 0 0 1 ( 1 8 N + 4 0 ) C O H " 
(d is density of the solution). 

2 M sodium hydroxide or less, the best agreement between calculated and ex­
perimental J - values is obtained for n larger than 4, between 3 M and 5 M for n 
= 4, and between 6 M and 8 M for 3 < n < 4. Al though the results for aqueous 
sodium hydroxide solutions w i t h concentrations 9 - 1 1 M also suggest a value of 
n between 3 and 4, it is more l ike ly that i n this concentration range a further 
dehydration takes place causing an increase in the activity of the O H ~ ion. Under 
those circumstances, it is no longer appropriate to calculate J - values by Equation 
7, w h i c h takes into account only the mass action effect of the decrease i n free 
water concentration. 

A n attempt to apply Equat ion 7 to the calculation of J _ values i n e thanol -
water mixtures containing base, using the expression C H 2 O = d — 0.001 I C O H 
- (18n + 40) — 0.0079* (x is the vol % of ethanol present), fa i led especially for 
the higher ethanol percentages where it led to J - values considerably higher than 
actually found. This again indicates that the decrease in free water concentration 
w h i c h takes place on adding increasing amounts of ethanol is obscured since 
ethanol i n many respects displays a behavior similar to the water it replaces. 

C o m p a r i s o n of Aqueous a n d W a t e r - D M S O Solut ions . The increase i n 
J _ w i t h increasing D M S O concentration cannot be ascribed to a change i n one 
single physical or chemical property. It is necessary to consider the change i n 
dielectric constant, the effect of hydrogen bonding between D M S O and water 
(particularly at high D M S O concentrations), the change i n water activity, 
dspersion interactions, and the effect of D M S O on the structure of water and on 
the hydration of the hydroxide ion. These aspects of the increase i n the basicity 
of solutions containing a constant amount of base wi th increasing D M S O content 
have been adequately discussed by D o l m a n and Stewart (26). 

The reason for the considerably smaller effect of D M S O concentration on 
the J - acidity function describing hydroxide ion addition to benzaldehydes than 
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the effect on the H _ function obtained from measurements involving proton 
abstraction from anilines and diphenylamines requires further discussion. 

Some idea about the origin of this difference might be obtained by com­
paring Equation 8 for H _ (32) 

H _ = 14 + log C O H - " (n + 1) log aH20 + log (8) 
JA-

with a similar expression, Equation 9, which can be derived for the J_ func­
tion: 

J_ = 14 + log C O H - - n log a H 2 o + log { A R ° H ° / O H ~ (9) 

/ ArCH(OH)0~ 
From Equations 8 and 9, the difference between H _ and J - is found to be 

IT T 1 i l /HA , /ArCHQ 
H - - J - = -log a H 2 o + log — - log 

JA- /ArCH(OH)0-
If it is assumed, in a first approximation, that the activity coefficient ratios / H A / 
/ A - and /ArCHo//ArCH(OH)o- do not differ very much, the difference between 
H _ and J_ for a given solution would be expressed by H _ — J_ = —log AH 2O-
However a calculation of the difference by the latter formula, using the only 
available information (33) about the activity of water in water-DMSO mixtures, 
leads to values much smaller than those found in practice. This would indicate 
that the ratio /HA//A-> for the H _ indicator acids, is considerably larger than the 
ratio of /ArCHo//ArCH(OH)o- for the benzaldehydes used as J_ indicators. 
Probably this difference in activity coefficient ratios is caused by a larger extent 
of charge derealization in the A - anion compared to the geminal diol anion, 
which causes an extra stabilization of A~ (manifested by a decrease in /A-) by 
dispersion interaction with DMSO. 

The acidity function J - (denoted as JM) for addition of methoxide ions to 
benzaldehydes (24) increases with base concentration much less steeply than 
acidity function obtained for additions of methoxide ion to polynitrobenzenes 
(21) or a-cyanostilbenes (18). No single acidity scale can be applied to strongly 
basic media, and a given acidity scale can be used only in connection with reaction 
of the same type. 
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Activity Coefficients of Electrolytes in 
Water-Polyethylene Glycol Mixed 
Solvent by Isopiestic Method 

Z. ADAMCOVÁ 
Department of Physical Chemistry, Institute of Chemical Technology, Prague, 
Czechoslovakia 

With the use of thermodynamic relations and numerical pro­
cedure, the activity coefficients of the solutes in a ternary sys­
tem are expressed as a function of binary data and the water 
activity of the ternary system. The isopiestic method was used 
to obtain water activity data. The systems KCl-H2O-PEG-
200 and KBr-H2O-PEG-200 were measured. The activity 
coefficient of potassium chloride is higher in the mixed solvent 
than in pure water. The activity coefficient of potassium bro­
mide is smaller and changes very little with the increasing 
nonelectrolyte concentration. PEG-200 is salted out from the 
system with KCl, but it is salted in in the system with KBr 
within a certain concentration range. 

The determination of the thermodynamic functions of i n d i v i d u a l 
components i n a mult icomponent system is based either on the total molar 

thermodynamic quantity (I) as in Equat ion 1 

c = E Nfii (1) 
i 

or on the use of the G i b b s - D u h e m equation (Equat ion 2). 

£ riidui = 0. (2) 
i 

M c K a y (2) showed the possibility of using the Euler cross differentiation equation 
for the thermodynamic treatment of a three-component system. 

/d l n f l A _ /d l n fl2\ ^ 

\ <9n2 / n i ,n3 \ dn\ / n 2,7*3 

361 

 P
ub

lic
at

io
n 

D
at

e:
 J

un
e 

1,
 1

97
6 

| d
oi

: 1
0.

10
21

/b
a-

19
76

-0
15

5.
ch

02
3

In Thermodynamic Behavior of Electrolytes in Mixed Solvents; Furter, W.; 
Advances in Chemistry; American Chemical Society: Washington, DC, 1976. 



362 T H E R M O D Y N A M I C B E H A V I O R O F E L E C T R O L Y T E S 

H i s procedure was used for the calculation of the activity coefficients i n the 
aqueous solution of two electrolytes wi th a common ion f rom isopiestic data (3). 
Kel ly , Robinson, and Stokes (4) proposed a treatment of isopiestic data of ternary 
systems with two electrolytes by a procedure based on the assumption that at al l 
values of molal concentrations, m 1,7712, the partial derivatives may be expressed 
by a sum of two functions i n their dif ferential f o r m as follows: 

\ dm2 / m i \ dm 1 / m2 
(4) 

In the system with one electrolyte and one nonelectrolyte, where one-parameter 
terms are insufficient to describe the dependence mentioned above, the m i x e d 
terms w i t h both variables were added (5). 

W e used an analogous procedure (4) to derive the relations for activity 
coefficients assuming that the partial derivatives in Equat ion 4 can be expressed 
by means of a funct ion f (7711,7712). T h e n for the activity coefficients of the first 
and second component i n a three-component system, the fo l lowing integrated 
relations are va l id : 

In 71 = In 7? + C f ( m i , m 2 ) d m 2 (5) 
L J m 2 = 0 J m i 

In 72 = In 72 + J f ( m i , m 2 ) d m i (6) 
|_ J m i = 0 J m2 

If the funct ion f ( m i , m 2 ) is a polynomia l of the general f o r m 

i(mum2) = £ B p . q (mi)P(m 2 ) < » (?) 
p=0,l,2,...,q=0,l,2,..., 

then 

In 71 = In 7? + 2 B p > q ( m 1 ) P ( m 2 ) ^ 1 ( l / q + D (8) 

In 72 = In 72 + 2 B M ( m i ) P + 1 ( m 2 M l / p + 1) (9) 

The differentials of Equations 5 and 6 are introduced i n the G i b b s - D u h e m 
equation, the terms m i d In (m^yf) are replaced by Bjerrum's terms d(m i0f )), and 
the integration is carried out. T h e resulting equation is 

—55,51 In a w = m i 7 i + m 2 7 2 + m i | f ( m i , m 2 ) d m 2 + 
L J ni2=0 J m i 

[m 2 j f ( m i , m 2 ) d m i (10) 
J m i = 0 J 7712 

T h e sum of the two last terms is replaced by the quantity A (4). After the inte­
gration of f (m 1,7712) under the conditions indicated in Equat ion 10, the quantity 
A is equal to 
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23. A D A M C O V A Activity Coefficients 363 

A = m i Z B p . q f m i J P ^ a ^ + K V q + l ) + m 2 S B p , q ( m i ) P + 1 ( m 2 ) q ( l / p + 1) (11) 

w h i c h can be rearranged into the f o r m 

A / m i • m 2 = Z B M ( m i ) P ( m 2 ) « V^Vix = 2 A P ) q ( m 1 ) P ( m 2 ) q (12) 
(q + l ) (p + 1) 

The quantities A or A / m i m 2 are available f rom isopiestic and binary data. Then 
the constants A p q of Equat ion 12 are calculated by means of the nonlinear cor­
relation and if transferred into B p q 

( q + l ) ( p + l ) 
B P , q - A p , q p + q + 2 (13) 

the f inal forms of Equations 8 and 9 are obtained 

In 7 i = In 7 ? + Z A ^ m , ^ 1 ( ! + l o ) 
p=0,l,2,...,q=0,l,2,... \p + q + 2/ 

P + l In 7 2 = In y°2 + l/v E A p , q ( m i ) P + 1 ( m 2 ) < i ( V ) 
p=0,l,2 q=0,l,2,... \p + q + 2/ 

(15) 

where v is the number of ions i n one molecule of the present electrolyte. 
Equations 14 and 15 dif fer f r o m the work by Robinson, Stokes, and Marsh 

(6) in the coefficients (q + l)/(p + q + 2) and (p + l)/(p + q 4- 2). Nevertheless, 
as no physical meaning can be ascribed to the i n d i v i d u a l terms i n the funct ion 
f ( m i , m 2 ) , their choice and their analytical f o r m are somewhat arbitrary. Thus 
the most convenient set (the smallest number of empir ica l constants) of terms 
can be found to reproduce the experimental quantity w i t h an accuracy equal 
to that of the experimental measurement. 

In this work the ternary systems w a t e r - K C l - p o l y e t h y l e n e glycol-200 were 
studied. Polyethylene glycols ( P E G ) are used widely as water soluble polymers 
(7) . The i r behavior i n the aqueous solution w i t h an electrolyte is a subject of 
interest f r o m the practical as wel l as theoretical viewpoint. 

Experimental 

The isopiestic method described elsewhere (<S, 9,10) was used to obtain the 
experimental data of water activity of the aqueous solutions. In our arrangement, 
eight gold-plated silver crucibles were embedded into hollows of a copper block 
and placed i n the glass vacuum desiccator. The crucibles were provided w i t h 
covers w h i c h can be handled f r o m inside. Three desiccators were placed i n a 
water bath (maintained at 25 ± 0.01 °C) on a brass construction w h i c h moved 
f rom one side to the other. This movement, aided by a moving glass bead in each 
crucible, mixed the solutions. The desiccators wi th the samples were evacuated 
to the pressure of about 20 torr and the evacuation after a t ime interval was re­
peated 2 -3 times. The time needed for the establishment of e q u i l i b r i u m was 

 P
ub

lic
at

io
n 

D
at

e:
 J

un
e 

1,
 1

97
6 

| d
oi

: 1
0.

10
21

/b
a-

19
76

-0
15

5.
ch

02
3

In Thermodynamic Behavior of Electrolytes in Mixed Solvents; Furter, W.; 
Advances in Chemistry; American Chemical Society: Washington, DC, 1976. 



364 T H E R M O D Y N A M I C B E H A V I O R O F E L E C T R O L Y T E S 

KCl 

Figure 1. The curves of the same water activity in the system KCl-
H2O-PEG-200 

CKCUCPEG . .the concentration of the solute [g/1000 g H20] 

0 200 400 600 800 C 

Figure 2. The curves of the same water activity in the system KBr-
H2O-PEG-2OO 

CKBT,CPEG • • • the concentration of the solute [g/1000 g H20] 
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72-120 hr. The ini t ia l weight of the solutions was 1-2 g. The weighing before 
and after reaching the equi l ibr ium was carried out with covers on the crucibles. 

Because of solvent loss, w h i c h occurred even wi th covered crucibles and 
w h i c h was of the same order as the weighing errors ( ± 5 X 10~ 4 g), the correction 
of weighing for the vacuum was not considered. Then the mean error i n the 
molality determination was 0.3%. In each desiccator, 2-3 standard solutions ( K C l 
or C a C k ) were present. Their osmotic coefficient was taken f r o m the literature 
(11). In the system considered equil ibrated, the molal concentrations of the 
standard solutions di f fered by no more than 0.5%. 

W i t h the same samples, several determinations were made w i t h either i n ­
creasing or decreasing concentration so that the results could be plotted on a graph 
where each line represents the points of one equil ibrated system w i t h the same 
water activity and different ratio of the solutes. The points on the coordinates 
are the molalities of isotonic binary solutions. The experimental points must lie 
simultaneously on the straight l ine of the constant ratio of the concentrations of 
the solutes (Figures 1 and 2). 

The homogeneous region of the ternary system is l imi ted by the solubil ity 
curve (12). The area wi th isopiestic measured points is dashed i n Figures 3 and 
4. 

KCl 

Figure 3. The phase diagram of the system KCl-H2O-PEG-200 
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KBr 

Figure 4. Phase diagram of the system KBr-H2O-PEG-200 

K C l and K B r of analytical reagent grade were recrystalized f r o m dist i l led 
water and dr ied to constant weight at 150° C . 

P E G - 2 0 0 was a commerc ia l product (Chemische W e r k e Hi i l s , A . G.) w i t h 
mean molecular weight 182 as determined osmometrically i n the vapor phase 
(with an error of ± 5 % ) and w i t h water content of 4.42% as determined by K . 
Fischer's method. ( A l l weights were corrected w i t h respect to this moisture.) 
CaCl2 was of analytical reagent grade. F o r the standard solutions, the stock 
saturated solution was prepared and maintained at the constant temperature of 
25° C . The concentration of CaCl2 was tested by the chloride content argento-
metrical ly . 

Results 

T h e C a l c u l a t i o n of A c t i v i t y C o e f f i c i e n t s i n the B i n a r y System. The ex­
perimental quantity A was calculated f r o m the relation: 

A = *>refmref</>ref ~ m i 0 i - V2m<i^\ (16) 

T h e osmotic coefficients of the binary electrolyte solutions, 0§ and (/>ref were 
calculated by means of the Lietzke-Stoughton relation (11) enlarging the 
D e b y e - H u c k e l equation w i t h empir i ca l terms: 
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^ = 1 - ^ [ ( 1 + A V 7 ) - 2 1 n ( 1 + A V 7 ) - r T ^ ] + 

BI + CI2 + D / 3 (17) 

T h e corresponding equation for the activity coefficient required in Equat ion 
15 is then 

l n 7 g = r + 2 B / + -CI*+ -Dl* (18) 
1 + AVI 2 3 

The constant S is the D e b y e - H u c k e l constant, the value of w h i c h is for 25 °C and 
1:1 electrolyte 1.17202 and for 2:1 electrolyte 2.34404. The other constants are 
listed i n Table I. 

The osmotic coefficient of the binary nonelectrolyte solution was obtained f rom 
isopiestic measurements 

^ = " r e f m r e f 0 r e t ( 1 Q ) 

m i 

The three-parameter equation was chosen for the analytical description of the 
dependence 0? = f (mi ) : 

</>?=! + A i m i + A2mf + A 3 m ? (20) 

T a b l e I. T h e V a l u e s o f C o n s t a n t s f r o m E q u a t i o n 17 

K C l 
C a C l 2 

K B r 

1.30752 
1.61291 
1.29231 

Bx 102 

-0.359188 
4.56577 
0.994831 

C x 103 

7.17091 
8.57310 
4.34095 

Dx 10' 

-5.6750 
-2.7380 
-3.50742 

Limits of 
validity 

0.106-4.81 
0.002-6.00 
0.100-5.00 

T a b l e II. C o n s t a n t s o f E q u a t i o n 2 0 a n d O s m o t i c a n d A c t i v i t y 
C o e f f i c i e n t s i n the A q u e o u s S o l u t i o n o f P E G - 2 0 0 

A , A2 A 3 

0.0796 0.0333 -0.0089 
ml 0,° IS 
0.2 1.017 1.034 
0.4 1.036 1.071 
0.6 1.057 1.117 
0.8 1.081 1.166 
1.0 1.104 1.218 
1.2 1.128 1.274 
1.4 1.152 1.334 
1.6 1.176 1.397 
1.8 1.199 1.461 
2.0 1.221 1.527 
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T a b l e III. T h e E x p e r i m e n t a l a n d C a l c u l a t e d D a t a o f t h e S y s t e m 
K C l - H 2 O - P E G - 2 0 0 a 

A Dev. mref 
mref mPEG rnKCl A mPEGmKCl (%) 

1.2810 0.2134 1.1268 0.0632 0.263 -0 .22 
0.2882 1.0775 0.0745 0.240 -0.14 
0.6330 0.8664 0.0784 0.143 0.79 

1.4620 0.2434 1.2851 0.0760 0.243 -0 .01 
0.3282 1.2270 0.0930 0.231 -0 .05 
0.7181 0.9836 0.1018 0.144 0.55 

1.4139 0.2359 1.2457 0.0673 0.229 0.15 
0.3184 1.1904 0.0815 0.215 0.19 
0.6980 0.9553 0.0880 0.132 0.92 

1.5550 1.1823 0.7632 0.1083 0.120 -0.67 
1.5964 0.4879 0.0537 0.069 -0 .70 

1.5909 1.2080 0.7798 0.1121 0.119 -0 .78 
1.6345 0.4995 0.4735 0.058 -0 .56 

1.6008 0.2650 1.3991 0.1016 0.274 -0 .39 
0.3564 1.3228 0.1447 0.307 -1 .61 
0.7834 1.0721 0.1243 0.148 0.27 

1.6321 0.2720 1.4359 0.0848 0.217 0.37 
0.3662 1.3700 0.1059 0.211 0.27 
0.8041 1.1005 0.1062 0.120 1.02 

1.8221 0.3010 1.5890 0.1267 0.265 -0.27 
0.4060 1.5181 0.1461 0.237 -0.17 
0.8946 1.2243 0.1303 0.119 0.88 

2.0258 1.6302 0.9802 0.0112 0.007 1.70 
2.2361 0.3679 1.9427 0.1815 0.254 0.09 

0.4955 1.8525 0.2139 0.233 -0 .20 
1.0892 1.4907 0.1932 0.119 0.39 

2.2811 1.8084 1.0873 0.0610 0.031 0.02 
2.5564 0.6248 -0.1917 -0.120 2.12 

2.5034 1.9514 1.1733 0.1374 0.060 -1 .85 
2.7646 0.6757 -0.1513 -0.081 0.20 

2.6916 0.4406 2.3260 0.2603 0.254 0.28 
0.5931 2.2177 0.3012 0.229 0.14 
1.3048 1.7857 0.2633 0.113 0.09 

2.7427 2.1162 1.2724 0.1939 0.072 -3 .01 
2.9939 0.7311 -0.1051 -0.048 -1 .55 

3.0150 2.3836 1.4332 0.0581 0.017 -0 .40 
3.3910 0.8288 -0.2726 -0.097 0.75 

3.4050 3.8620 0.9439 -0.2369 -0.065 0.81 
4.0709 0.6657 3.5149 0.4773 0.204 0.28 

0.8946 3.3456 0.5627 0.188 -0.57 
1.9932 2.7278 0.3643 0.067 -0 .20 

4.1412 3.2182 1.9351 0.2927 0.047 1.16 
4.5989 1.1240 0.4549 0.088 -0.84 

aAo0 = 0.3224, Al0 = -0.1454, Anl = -0.1397, A20 = --0.01884, A02 = 0.1048, An 

= 0.01378, A30 = 0.00459, AQ3 = -0.0165, A 2 1 = 0.01934, A 1 2 = -0.01872. 
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23. A D A M C O V A Activity Coefficients 369 

l a b l e I V . T h e E x p e r i m e n t a l a n d C a l c u l a t e d D a t a o f t h e S y s t e m 
K B r — H 2 O - P E G - 2 0 0 

A 
Dev. mref 

™ref mPEG mKBr A mPEGmKBr (V 

0.8223 0.2934 1.1778 
0.4825 1.0645 
1.0093 0.7438 

0.8548 0.2920 1.2344 
0.505S 1.1161 
1.0572 0.7791 

0.8777 0.2874 1.3094 
0.6485 1.0931 
1.0251 0.8607 

0.8999 0.3270 1.3129 
0.5381 1.1872 
1.1252 0.8292 

0.9394 0.2920 1.4234 
0.8502 1.0989 

0.9676 0.3573 1.4346 
0.5879 1.2970 
1.2311 0.9073 

0.9908 0.3111 1.5162 
0.9037 1.1681 
1.6283 0.7024 

1.0203 0.3271 1.5947 
0.9515 1.2299 
1.7286 0.7457 

1.0821 0.4112 1.6512 
0.6766 1.4927 
1.4159 1.0434 

1.0992 0.3543 1.7270 
1.0314 1.3332 
1.8616 0.8031 

1.1509 0.4420 1.7746 
0.7303 1.6110 
1.5260 1.1246 

1.2201 0.4784 1.9209 
0.7888 1.7702 
1.6523 1.2176 

1.2491 0.4162 2.0288 
1.2139 1.5691 
2.1886 0.9442 

0.0142 0.041 -0 .18 
0.0205 0.040 -0.09 

-0.0030 -0.004 0.09 
0.0299 0.083 -0 .73 
0.0190 0.034 -0 .18 

-0.0066 -0.008 -0.14 

-0.0196 -0.052 1.05 
-0.0121 -0.017 0.80 
-0.0300 -0.034 0.68 

0.0159 0.037 -0.29 
0.0211 0.033 -0.47 

-0.0131 -0.014 -0 .41 

-0.0029 -0.007 0.24 
-0.0206 -0.022 0.50 

0.0169 0.033 -0 .46 
0.0229 0.030 -0 .70 

-0.0279 -0.025 -0.59 

0.0038 0.008 -0.07 
-0.0055 -0.010 -0 .10 
-0.0904 -0.079 -0.62 

-0.0438 -0.084 1.36 
-0.0655 -0.056 1.41 
-0.1882 -0.146 1.66 

0.0122 0.018 -0.39 
0.0192 0.019 -0 .68 

-0.0547 -0.037 -0 .69 

0.0000 0.000 -0 .03 
-0 .0303 -0.022 0.15 
-0.1540 -0.103 -0.40 

0.0345 0.044 -0 .92 
0.0247 0.021 -0 .75 

-0.0601 -0.035 -0.84 

0.0156 0.017 -0 .27 
-0.0447 0.032 1.25 
-0.1006 -0.050 0.06 

0.0034 0.004 0.08 
-0.0495 -0.026 0.89 
-0.2252 -0.109 -0.18 

<*A00 = 0.7531, Al0 = -0.6519, Aol = -0.974, A20 = -0.09711, A02 = 0.3964, Axl 

= 0.5854, A30 = -0.0041, A03 = -0.05008, A2l = -0.05018, Al2 = -0.1193 
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T h e activity coefficient is as follows: 

ln 7? = 2Alml + 3 / 2 A 2 m f + 4 / 3 A 3 m ? (21) 

The calculated constants A i ,A2,A3, the relative deviation of the measured osmotic 
coefficients f r o m calculated ones, and a set of calculated values of osmotic and 
activity coefficients for chosen concentrations of P E G - 2 0 0 are given i n Table 
II. 

T h e C a l c u l a t i o n of A c t i v i t y C o e f f i c i e n t s i n the T e r n a r y System. T h e 
polynomia l w i t h 10 constants was used to describe the experimental quantity 

A ( m i , m 2 ) i n the whole concentration range 

A ( m i , r a 2 ) = A oo + A i 0 m i + A 0 i m 2 + A20mi + A 0 2 m | + A n m ^ + 

A 3 o m i + A 0 3 m 2 + A2imim2 + A d m i r a l (22) 

T h e abil i ty of Equat ion 22 to reproduce the experimental data was checked by 
means of the calculated molal concentration of reference solution f r o m the 
relation 

0?fWi + ^202^2+ A c a i c . 
m r ef,calc. = To ( 2 3 ) 

"ref0ref 
for each experimental point. 

The mean relative deviation was 0.64% i n the system w i t h K C l and 0.49% 
in the system with K B r . If we consider that the experimental error is of the same 
value, then the result can be taken as a satisfactory one. 

W e tried to reduce the number of the polynomial terms, but the reproduc­
ib i l i ty always became worse. F o r example, the six-parameter po lynomia l gave 
the mean relative deviation 1.30% in the system wi th K C l , w h i c h is twice as high 
as that f r o m Equat ion 22. 

The constants of Equat ion 22 were calculated by means of nonlinear cor­
relation. The results are summarized i n Tables H I and IV. 

T a b l e V . A c t i v i t y C o e f f i c i e n t o f K C l i n t h e T e r n a r y S y s t e m 

mPEG 

™KCI 0.5 1.0 1.5 2.0 2.5 3.0 3.5 

0 0.6495 0.6034 0.5822 0.5717 0.5674 0.5672 0.5700 
0.2 0.657 0.611 0.590 0.581 0.578 0.579 0.582 
0.4 0.664 0.617 0.597 0.590 0.588 0.589 0.590 
0.6 0.670 0.622 0.603 0.596 0.595 0.596 0.595 
0.8 0.674 0.626 0.608 0.602 0.601 0.600 0.597 
1.0 0.678 0.630 0.611 0.606 0.605 0.603 0.597 
1.2 0.680 0.632 0.614 0.609 0.608 0.605 
1.4 0.680 0.633 0.616 0.611 0.610 0.604 
1.6 0.680 0.633 0.618 0.613 0.611 
1.8 0.679 0.633 0.619 0.615 0.612 
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23. A D A M C O V A Activity Coefficients 371 

T a b l e V I . A c t i v i t y C o e f f i c i e n t 

mPEG 

™KCl 0 0.5 1.0 

0.2 1.0344 1.101 1.164 
0.4 1.071 1.131 1.184 
0.6 1.117 1.166 1.209 
0.8 1.166 1.204 1.237 
1.0 1.218 1.245 1.269 
1.2 1.274 1.290 1.304 
1.4 1.334 1.337 1.342 
1.6 1.397 1.386 1.383 
1.8 1.461 1.437 1.425 

o f P E G - 2 0 0 i n the T e r n a r y S y s t e m 

1.5 2.0 2.5 3.0 3.5 

1.236 1.326 1.440 1.575 1.723 
1.244 1.319 1.409 1.512 1.612 
1.258 1.318 1.389 1.464 1.527 
1.276 1.324 1.379 1.431 1.462 
1.299 1.336 1.377 1.410 1.417 
1.325 1.354 1.383 1.402 
1.356 1.377 1.399 1.406 
1.390 1.407 1.423 
1.429 1.443 1.457 

T a b l e V I I . A c t i v i t y C o e f f i c i e n t o f K B r i n the T e r n a r y S y s t e m 

mPEG 

mKBr 0.5 1.0 1.5 2.0 2.5 3.0 3.5 
0 0.6663 0.6453 0.6522 0.6733 0.7048 0.7455 0.7953 
0.2 0.663 0.615 0.596 0.590 0.591 0.595 0.600 
0.4 0.668 0.614 0.594 0.589 0.592 0.597 0.598 
0.6 0.671 0.613 0.594 0.590 0.594 0.597 
0.8 0.672 0.613 0.596 0.592 0.596 0.597 
1.0 0.671 0.613 0.599 0.596 0.599 
1.2 0.669 0.613 0.602 0.599 0.601 
1.4 0.666 0.614 0.606 0.604 
1.6 0.662 0.614 0.611 0.608 
1.8 0.657 0.615 0.615 0.612 

T a b l e V I I I . A c t i v i t y C o e f f i c i e n t 

mPEG 

mKBr 0 0.5 1.0 

0.2 1.034 1.132 1.149 
0.4 1.071 1.144 1.153 
0.6 1.117 1.162 1.165 
0.8 1.166 1.185 1.183 
1.0 1.218 1.213 1.207 
1.2 1.274 1.246 1.236 
1.4 1.334 1.283 1.269 
1.6 1.397 1.323 1.306 
1.8 1.461 1.365 1.346 

o f P E G - 2 0 0 i n the T e r n a r y S y s t e m 

1.5 2.0 2.5 3.0 

1.130 1.112 1.108 1.119 
1.143 1.138 1.148 1.163 
1.162 1.171 1.191 1.206 
1.188 1.208 1.237 1.247 
1.218 1.249 1.284 
1.254 1.294 1.330 
1.293 1.341 
1.336 1.390 
1.382 1.438 
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The activity coefficients of the nonelectrolyte and electrolyte were calculated 
by means of Equations 14 and 15 for chosen concentrations, and are listed in 
Tables V - V I I I . 

Discussion 

The binary aqueous solution of P E G - 2 0 0 has the osmotic coefficient greater 
than one, and its value rises w i t h increasing concentration. F r o m Bjerrurn's 
def ini t ion of osmotic coefficient, 

- 55 .51 ln a w = 0?ra? (24) 

it is evident that the water act ivity falls w i t h increasing mola l concentration of 
the solute. The more the osmotic coefficient increases over one, the greater is 
the drop. Considerable water activity lower ing is caused by the interaction of 
solvent molecules wi th ethylene oxide segments and P E G end groups, as was also 
assumed in the discussion about the structure of polyethylene oxide chain and 
in the interpretation of viscosity data of P E G aqueous solution (13). The activity 
coefficient of P E G - 2 0 0 (greater than one) indicates the association of the non­
electrolyte molecules in aqueous solution. 

In the ternary solution K C l - H 2 O - P E G - 2 0 0 , the quanti ty A , w h i c h can be 
considered a type of excess function, is positive except i n the range of higher 
nonelectrolyte concentration, where it becomes negative. Its contr ibution to 
the binary data is 5-10%. 

In the system K B r - H 2 O - P E G - 2 0 0 , the quantity is negative and, on the 
average, its value is smaller than that in the system w i t h K C l . 

The trend of act ivity coefficients of potassium chloride and potassium 
bromide is different i n measured mixed solvent. The act ivi ty coefficient of 
potassium chloride is higher in the mixed solvent than in the pure water and rises 
smoothly with the nonelectrolyte content. The m i n i m u m value, about 2.0-3.0m 
in pure water, can be observed i n the mixed solvent also. Because of the activity 
coefficient of the nonelectrolyte i n the ternary system (also higher than that in 
pure water), both components are mutual ly salted out. 

The activity coefficient of potassium bromide is smaller in the mixed solvent 
than i n pure water and changes very little w i t h the increasing nonelectrolyte 
concentration. 

The activity coefficient of the P E G - 2 0 0 w i t h the concentration u p to 0.8m 
is higher than i n pure water. Thus, in this range, P E G is salted out. But above 
I ra , its value is lower than in pure water with a gap at the K B r concentration about 
I r a ; both solutes are salted in . 

Nomenclature 

N[ mole fraction of a component 
rii number of moles of a component 
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23. ADAMCOVA Activity Coefficients 373 

U[ chemical potential of a component 
ax activity of a component 
mx molal concentration of a component in ternary system 
71 molal activity coefficient of a component in ternary system 
V{ number of ions from one mol of electrolyte 
m? molal concentration of nonelectrolyte in pure water 
rag molal concentration of electrolyte in pure water 
7? molal activity coefficient of nonelectrolyte in pure water 
72 molal activity coefficient of electrolyte in pure water 
m r ef molal concentration of reference electrolyte 
7ref molal mean activity coefficient of reference electrolyte 
vTe{ number of ions from one mol of reference electrolyte 
<£? osmotic coefficient in binary solution 
/ ionic strength 
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Salt Effect on Carbon Dioxide 
Solubility in Mixture of 
Methanol and Water 

EIZO SADA, S H I G E H A R U KITO, and Y O S H I T A K A ITO 

Department of Chemical Engineering, Nagoya University, Furo-cho, Chikusa-ku, 
Nagoya, 464 Japan 

Salt effects of lithium chloride and calcium chloride on the sol­
ubility of carbon dioxide in a mixture of methanol and water 
were observed at 25°C and 1 atm. Experimental results can be 
correlated by the Setschenow equation for a fixed solvent com­
position of salt-free basis. The salting-out parameter is not 
linear with solvent composition, which is opposite to the results 
obtained when a mixed salt is used. 

The salt effect of single or m i x e d electrolytes on the solubility 
of a gas i n water is of considerable industrial and theoretical interest. 

Methods to predict or correlate these effects have been presented by various 
workers and have been reviewed br ief ly (I). W i t h the exception of a study by 
Clever and R e d d y (2), previous investigations found no salt effect data on gas 
solubility i n non-aqueous or mixed solvents. Clever and Reddy (2) observed the 
solubilities of h e l i u m and argon i n methanol solutions of sodium iodide at 30° C 
and showed that the fo l lowing Setschenow equation is not always applicable to 
such a system. 

l o g 2 2 " * - / (1) 
a 

In the present investigation, the salt effects of l i th ium chloride and ca lc ium 
chloride on the solubility of carbon dioxide i n the mixed solvents of methanol 
and water were experimentally studied at 2 5 ° C and 1 atm. 

Experimental Apparatus and Procedure 

Solubilities of carbon dioxide were determined as i n the previous investi­
gations (3, 4,5, 7). F u l l descriptions of the apparatus and the mode of operation 

374 
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24. SADA E T AL. Salt Effect on Carbon Dioxide Solubility 375 

are given elsewhere (3). The pr inc iple of this method is that a k n o w n volume 
of gas i n liquid-saturated vapor state is brought into contact w i t h a measured 
amount of gas-free l i q u i d . E q u i l i b r i u m is established by agitation, and the 
volume of remaining gas is measured. After correction for vapor pressure, the 
change i n gas volume gives the solubility. Here , the vapor pressures of salt so­
lutions at 2 5 ° C were calculated by use of Raoult's law. 

A gas-free solution was prepared by mix ing methanol, water, and salt, each 
of w h i c h was separately degassed or desorbed. The methanol and water were 
each boiled in a flask with a reflux condenser under a reduced pressure to remove 
dissolved gases i n the solvent. T h e n they were introduced into constant-tem­
perature measuring devices out of contact with air. The amounts of both solvents 
were adjusted to accommodate a desired composition of the mixture. 

Salt was degassed (desorbed) as follows. A measured amount of sample salt 
was put into a Pyrex degassing vessel and heated to about 200° C for about one 
hour, w i t h strong shaking i n vacuo. It was then al lowed to cool to room tem­
perature. Thus, water and adsorbed gas i n salt were removed. The gas-free 
water and methanol were introduced into the degassing vessel without exposure 
to air. 

The composition of mixed solvent (free of salt) was calculated f r o m the 
amounts of methanol and water before mix ing . The reproducibi l i ty of the 
preparation of the mixed solvent was w i t h i n 0.001 mole fract ion over the whole 
composition range. 

The concentration of salt i n a solution was determined by evaporation to 
dryness and measurement of the density of the solvent remaining i n the degassing 
vessel. 

As a check on the degassing procedure, solubilities of carbon dioxide i n 
aqueous ca l c ium chloride solutions prepared i n the same manner were deter­
m i n e d at 2 5 ° C and 1 atm. T h e results agreed w i t h the previous results (4), i n 
w h i c h the aqueous solutions were prepared by another method. Thus the de­
gassing procedure adopted in this work can be considered satisfactory. 

Reagent-grade methanol and salts manufactured by N a k a r a i Chemicals , 
L t d . (Tokyo) were used without further purifications; disti l led water was used. 
The physical properties of methanol and water were compared wi th the published 
data (8). Carbon dioxide was supplied f r o m a commerc ia l cyl inder and the 
pur i ty was conf i rmed by gas chromatogram to be greater than 99.8%. 

A series of gas solubility measurements was carried out by vary ing salt 
concentration at a fixed solvent composition. Such a measurement was repeated 
at various solvent compositions. 

Experimental Results and Discussion 

In this study, the solubilities of carbon dioxide were represented by the 
Bunsen absorption coefficients and their values given i n Table I for l i t h i u m 
chloride and in Table II for calc ium chloride. The densities of salt solutions are 
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T a b l e I. E x p e r i m e n t a l R e s u l t s o f C a r b o n D i o x i d e S o l u b i l i t y i n 
M e t h a n o l — W a t e r — L i t h i u m C h l o r i d e at 2 5 ° C a n d 1 a t m 

xMeOH I[mole/L] *[-] P2S[g/cc] 

0.0 0 0.7597 — 
0.7707 0.6565 1.0157 
1.0798 0.6207 1.0229 
1.1883 0.6050 1.0254 

0.280 0 0.9695 — 
0.7433 0.8078 0.9493 
0.9897 0.7714 0.9553 
1.3854 0.7066 0.9661 

0.389 0 1.1775 — 
0.7288 0.9875 0.9271 
1.0750 0.9010 0.9366 
1.1291 0.8955 0.9386 

0.587 0 1.8161 — 
0.8652 1.4639 0.8899 
1.1876 1.3525 0.8998 
2.2293 1.0496 0.9253 

0.800 0 2.7813 — 
0.4316 2.4566 0.8367 
0.5525 2.4073 0.8478 
0.8636 2.2003 0.8518 
1.2905 1.9650 0.8661 

1.0 0 3.9003 — 
0.5930 3.2643 0.8104 
0.8000 3.0662 0.8182 
2.2550 2.0391 0.8707 

T a b l e II. E x p e r i m e n t a l R e s u l t s o f C a r b o n D i o x i d e S o l u b i l i t y i n 
M e t h a n o l — W a t e r — C a l c i u m C h l o r i d e at 2 5 ° C a n d 1 a t m 

xMeOH I [mole/L] otH P25[g/cc] 

0.280 0 0.9695 — 
0.6072 0.8885 0.9472 
0.9154 0.8486 0.9565 
1.4510 0.7897 0.9721 
2.0969 0.7228 0.9912 

0.389 0 1.1775 — 
0.6389 1.0707 0.9260 
0.7978 1.0546 0.9308 
0.9624 1.0249 0.9358 
1.7948 0.9180 0.9610 
2.2506 0.8694 0.9743 

0.587 0 1.8161 — 
0.7021 1.6361 0.8857 
0.9454 1.5963 0.8931 
2.1877 1.3187 0.9330 
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T a b l e II ( C o n t i n u e d ) 

xMeOH 1[mole 11.] a[-] p25[g/cc] 

0.800 0 2.7813 — 
0.9771 2.3869 0.8562 
1.7551 2.1193 0.8827 
2.6001 1.8634 0.9112 

1.0 0 3.9003 — 
0.8805 3.3315 — 
1.9928 2.7794 0.8637 
2.8868 2.4118 0.8952 

also shown. H e r e the concentration of salt is represented b y an ionic strength 
calculated f r o m the fo l lowing equation to d imin i sh the effect caused by the 
difference of ionic charges. 

/ = ^ ( C e * * + C . z * ) (2) 

The variations of carbon dioxide solubilities w i t h salt concentrations are shown 
i n Figures 1 and 2 as forms of the m o d i f i e d Setschenow plot for each solvent 

0.3 

0.2 

3 
o 

o 

IONIC S T R E N G T H , I 

Figure 1. Solubilities of carbon dioxide in 
methanol-water-lithium chloride at 25°C 
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composition. As can be seen i n these figures, the effects of these salts on the 
solubility of carbon dioxide in the mixed solvents was found to correlate relatively 
w e l l wi th the Setschenow equation for every salt species at each solvent compo­
sition. These features are the same as i n aqueous salt solutions. 

Salting-out parameters for each salt and each solvent composition were 
calculated by a linear regression analysis. In order to examine the dependence 
of the salting-out parameter on solvent composition, the salting-out parameters, 
k, are shown as a function of solvent composition in F igure 3. In this figure, the 
salting-out parameter corresponding to aqueous ca l c ium chloride solution was 
calculated f r o m the data reported in the previous paper (3). F r o m this f igure 
it can be seen that when the solvent is a mixture, the sajting-out parameter does 
not always vary l inearly w i t h solvent composition. This trend contradicts the 
results seen when a mixed salt is used. 

I 2 

IONIC S T R E N G T H , I 

Figure 2. Solubilities of carbon dioxide in methanol-water-
calcium chloride at 25°C 
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0 .2 .4 .6 .8 1.0 
M O L E F R A C T I O N O F M E T H A N O L 

Figure 3. Variations of salting out pa­
rameters with solvent composition 

Bocklis et al. (J) and Sergeeva et al. (9) have observed the salt effects on 
solubilities of benzoic ac id in a few m i x e d solvents. However , upon review of 
their results and ours, no uni f ied features of the dependence of the salting-out 
parameter on solvent composition were found. 

Nomenclature 

C j = molarity of ionic species i , mole/1. 
/ = ionic strength def ined i n Equat ion 2, mole/1. 
k = salting-out parameter i n Equat ion 1, l ./mole 
x = mole fraction (salt-free basis) 
zx = valency of ionic species i 

Greek letters 
a = the Bunsen absorption coefficient 
p 2 5 = density at 2 5 ° C , g/cc 

Subscripts 
0 = free of salt 
a = anion 
c = cation 
M e O H = methanol 
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The Removal of Organic Lead from 
Aqueous Effluents by a Combined 
Chemical Complexing-Solvent 
Extraction Technique 

A. J. B A R K E R and S. R. M . E L L I S 

Department of Chemical Engineering, The University of Birmingham, P.O. Box 363, 
Birmingham B15 2TT England 

A. B. C L A R K E 

Colworth Welwyn Laboratory, Unilever Ltd. , Colworth House, Sharnbrook, Bedford 
MK44 1LQ England 

The removal of organic lead from aqueous solution can be 
achieved by a method of chemical complexing followed by sol­
vent extraction. The mechanism of removal depends first on 
the formation of a coordinate complex; this is determined by 
the distribution of organic lead species in the aqueous phase in 
the presence of NaCl. The second step in the process is the 
transfer of the coordinate or neutral species from the aqueous 
to the solvent phase. The extent of this transfer is determined 
by the distribution of these species between the two phases. 
The continued formation of the complex depends on the law of 
mass action, and the rate of extraction is determined by factors 
controlling the physical distribution in the process. The major 
operating parameters determining the level of organic lead re­
moval are the organic-to-aqueous phase ratio and the com­
plexing reagent-to-organic lead ratio. 

Waste waters containing low concentrations of soluble organic 
lead in the presence of high concentrations of other diverse ions such as C l ~ 

pose a part icularly d i f f i cu l t treatment problem. General ly, organic lead exists 
i n solution as the tr i - or dialkyl lead chloride species. These salts are not amenable 
to the conventional methods used to remove inorganic lead, v iz . , those of p H 
adjustment fol lowed by settling. The technique of chemical conversion of the 

381 
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organic lead salts to the inorganic state, whi le possible, is precluded on economic 
grounds because of the very high capital and energy costs of effective processes. 
A n alternative process w h i c h d i d not possess these major disadvantages was 
therefore sought. 

The method of chemical complexing followed by solvent extraction has been 
used for some time as an analytical technique for metal determination by chelate 
extraction (I). The chelating agent d ie thyl di thiocarbamic ac id sodium salt is 
an established reagent for the determination of inorganic lead. The chelating 
power of the dithiocarbamates and other potentially interesting reagents such 
as the thiazoles and xanthates is based upon the aff ini ty of the sulfur-bearing 
groups of the chelating agent for heavy metals. 

Initially the application of this analytical technique to an effluent treatment 
problem would not appear to be very favorable. In the analytical technique high 
reagent concentrations relative to the metal salt are employed, and the extraction 
is dependent upon p H level of the aqueous phase (1,2). Furthermore , organic 
lead salts i n the presence of h igh concentrations of ions such as C l " w i l l f o r m a 
series of complexes. As a consequence, any method of extraction must take into 
account the e q u i l i b r i u m of these species. However , these apparent objections 
to the use of the analytical technique can be resolved and so the process of c o m ­
bined chemical complexing-solvent extraction does have the potential of suc­
cessful deployment i n the f ie ld of the large scale treatment of organic-lead-
contaminated waste waters. 

Experimental 

F o r the investigation of the potential of a chemical complexing-solvent 
extraction technique for the treatment of waste waters containing organic lead, 
a sequence of experiments was performed using synthetic effluents. As the major 
organic lead contaminant in these waste waters is generally tr ia lkyl lead chloride 
i n the presence of a high concentration of chloride ions, the synthetic effluents 
made usually contained up to 100 p p m of t r ia lky l lead chloride and 0.83 m so­
d i u m chloride. 

The chemical complexing-solvent extraction technique employed i n this 
work involved the formation of a neutral complex in the aqueous phase between 
t r ia lkyl lead chloride and a dithiocarbamate reagent such as sodium die thyl d i -
thiocarbamate. The complex was subsequently removed either as a precipitate 
or by extraction into an organic solvent. The extent of lead removal was traced 
by analysis of the aqueous phase for residual t r ia lky l lead using a P y e - U n i c a m 
8000 spectrophotometer. 

A n y d i a l k y l lead present was determined spectrophotometrically as the 
dia lkyl lead 4(2-pyridylazo)resorcinol (P. A . R . ) complex at p H 9. T r i a l k y l lead 
does not f o r m a complex w i t h P . A . R . ; therefore its concentration was obtained 
by conversion to the d ia lky l lead form in iodine monochloride solution fol lowed 
by determination as the P . A . R . complex. A n y inorganic lead i n solution was 
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25. BARKER E T AL. Removal of Organic Lead 383 

masked by the addit ion of excess ethylenediaminetetraacetic ac id, d isodium 
salt. 

Characterization of the Complex 

O f the complexing reagents investigated, sodium diethyl dithiocarbamate 
proved on a number of counts to be the most effective. The bulk of experiments 
therefore used this compound. The nature of this complex between the reagent 
and trialkyl lead chloride was first characterized in the absence of sodium chloride 
i n the aqueous phase. 

A sample of complex sufficient for elemental analysis was obtained by adding 
0.5 g ( C 2 H 5 ) 2 N C S S N a . 3 H 2 0 in 50 m l distilled water to 0.5 g of solid ( C 2 H 5 ) 3 P b C l 
dissolved i n 50 m l disti l led water. A substantial precipitate was formed w h i c h 
flocculated sufficiently for a large percentage of it to be separated in a laboratory 
filter. T h e precipitate was washed w i t h disti l led water and dr ied i n a v a c u u m 
desiccator for 30 hr. 

Examination of the precipitate showed that it consisted of floes of irregularly 
shaped particles 1—5 ^ i n size. Accordingly , at low organic lead concentrations 
of, e.g., 10 p p m , the use of Centr i f lo membrane filters was required for efficient 
separation of the precipitate f r o m solution. T h e filters, ho lding 7-ml aliquots 
of the aqueous phase were centrifuged for 3 m i n at 1500 r p m . 

Elementa l analysis of the product formed between ( C 2 H s ) 3 P b C l and 
( C 2 H 5 ) 2 N C S S N a « 3 H 2 0 showed the product to contain stoichiometric quantities 
of reagent and organic lead corresponding to complexing on a 1:1 molar basis; 
that is the formation of ( C 2 H 5 ) 3 P b S C S N ( C 2 H 5 ) 2 - 3 H 2 0 . The results of the analysis 
were compared with those calculated for a 1:1 and 2:1 complex as shown in Table 
I. 

The formation of a 1:1 complex was conf i rmed by examination of the re­
moval of organic lead f r o m the aqueous phase as a funct ion of the reagent-to-
organic lead ratio C R / C L at a temperature of 30° C . Figure 1 shows that removal 
of organic lead corresponds to what is calculated. F o r a molar reagent-to-lead 
ratio ( C R / C L = 1), complete removal of organic lead is achieved. This d e m ­
onstrates that, i n the absence of N a C l , the complex is essentially insoluble i n the 
aqueous phase, at least to w i t h i n the accuracy of analysis, ± 0 . 1 p p m . 

F r o m the results of a f actorially designed experiment, variance analysis of 
the complexing reaction showed that over the range 1 5 ° - 6 0 ° C , temperature had 

T a b l e I. A n a l y s i s o f C o m p l e x o f T r i e t h y l L e a d C h l o r i d e a n d 
S o d i u m D i e t h y l D i t h i o c a r b a m a t e 

Element Calculated (2:1) Calculated (1:1) Found 

C 27.5 26.6 26.9 
H 6.7 6.3 5.8 
S 18.6 12.7 12.9 
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100 

REAGENT TO ORGANIC LEAD RATIO,(m) 

Figure 1. Complex of {C2H^PhCl with 
(C2H5)2NCSSNa 

no significant effect on either the level or rate of organic lead removal , reaction 
being vir tual ly instantaneous i n a l l cases. 

Characterizat ion of the complexing reaction was then conducted i n the 
presence of 0.83 m sodium chloride i n the aqueous phase over a temperature 
range 1 5 ° - 6 0 ° C . In addit ion, removal of ^ H s ^ P b C l as a funct ion of the re­
agent-to-organic lead ratio C R / C L in the presence of 5 wt % N a C l was examined 
at 30° C using in turn three other dithiocarbamate reagents besides that of sodium 
diethyl dithiocarbamate. 

In a l l cases, the results demonstrate that i n the presence of sodium chloride 
i n the aqueous phase, the level of organic lead removed f r o m solution is s ignif i ­
cantly reduced. F igure 2 shows that for complete precipitation of organic lead 
a ratio, C R / C L , of at least 350 is necessary. This is over two orders of magnitude 
greater than in the absence of sodium chloride. Clearly such an excess of reagent 
is undesirable i n both economic and environmental terms. 

The high reagent-to-organic lead ratio required is attributed to the formation 
of the series of chloro complexes, ( C 2 H 5 ) 3 P b C l n

 1 _ n , n = 0 ,1 , 2, 3, in the presence 
of the chloride ion. A high excess of reagent is required to cause a swing i n the 
e q u i l i b r i u m , viz . 

(C 2 H r , ) 3 Pb + 

complex with 
(C 2 H 5 ) 3 N C S S N a - 3 H 2 0 

+ n C F ^ ( Q J U P b a 1 - " 
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25. B A R K E R E T A L . Removal of Organic Lead 385 

The existence of the anionic species ( C 2 H 5 ) 3 P b C l 2 ~ and ( C 2 H 5 ) 3 P b C l 3
2 ~ 

has previously been established by paper chromatography (3, 4), ion exchange 
(5, 6, 7), and amine extraction techniques (8). 

The work of Barker and C l a r k e (9) has demonstrated the influence of the 
chloride ion on the relative concentration of i n d i v i d u a l chloro species. F igure 
3 shows the concentration of the species ( C 2 H 5 ) 3 P b + and ( C 2 H 5 ) 3 P b C l 2 ~ re­
m a i n i n g i n the aqueous phase after amine extraction, assuming ( C 2 H 5 ) 3 P b C l 2 ~ 
to be the dominant species (as suggested by values of the stability constants) and 
assuming the neutral species ( C 2 H 5 ) 3 P b C l ° to be absent f r o m the aqueous phase 
or in a concentration too low to measure. The latter assumption is consistent wi th 
a h igh distribution of the neutral species between organic and aqueous phases. 

O w i n g to the inadequacy of the mathematical model available for analysis 
of the amine extraction system (7), accurate values of the stability constants could 
not be evaluated for the ( C 2 H 5 ) 3 P b n

1 - n system i n the presence of N a C l . 
However , using the values of stability constants obtained by Bertazzi for the 
system ( C 2 H 5 ) 3 P b C l n

1 - r i i n L i C l at 8.0 m (10), viz . ft = 3.5, 0 2 = 1.0, j83 = 0.1, 
the neutral species (C 2 H5) 3 PbCl° (n = 1) is seen to be dominant. Therefore a 
simple solvent extraction w o u l d be expected to remove a certain amount of 
triethyl lead f rom solution. As shown i n Table II, this is seen to be so. However , 

10 1 1 0 2 1 0 3 

REAGENT TO ORGANIC LEAD RATIO (m) 

Figure 2. Complex of ( C 2 H s ) 3 P f c C / with various 
dithiocarbamate reagents 
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T a b l e I I . S o l v e n t E x t r a c t i o n o f ( C 2 H S ) 3 C 1 f r o m S y n t h e t i c E f f l u e n t 

Initial Concentration of (C2HJ3PbCl: 

Concentration of NaCl = 0.833m 
V,q/Von=5 
No reagent 

10 ppm 

Solvent 

Benzene 
Chloroform 
CC1 4 

Xylene 
Trichloroethylene 
Diethylether 
rc-Octane 
Isooctane 
C 14 H 30 
C. , H „ 

Final Concentration 
(C2H5)3PbCl (ppm) 

6.5 
2.5 
6.6 
7.5 

6.5 
10 
10 
10 
10 

Solvent Solubility 
(per 100 parts water) 

0.07 
0.82 
0.08 
0.05 
0.10 
7.50 
0.002 

insignificant 
insignificant 
insignificant 
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25. BARKER E T AL. Removal of Organic Lead 387 

this is true for only certain solvents w h i c h i n general are those having a h igh 
solubility in the aqueous phase (relative to desirable limits for toxic solvents such 
as benzene, chloroform, carbon tetrachloride). 

Format ion and subsequent extraction of a neutral species such as 
(C2H 5 )3PbCl° suggest that a combined chemical complexing-solvent extraction 
technique might be more effective i n terms of a lower C R / C L ratio than direct 
precipitation. This is conf i rmed by the results of the chemical complexing sol­
vent-extraction studies. 

Chemical Complexing-Solvent Extraction Studies 

C h e m i c a l complexing-solvent extraction studies were conducted using a l -
iquots of synthetic effluents w h i c h contained varying quantities of ^ H s ^ P b C l 
and ( C 2 H 5 ) 3 N C S S N a - 3 H 2 0 wi th the sodium chloride concentration maintained 
at 0.83 m . 

The ratio of reagent-to-organic lead in the effluent was varied between 0.1 
and 10.0. For an initial [ (C2H 5 ) 3 PbCl] = 10 p p m , 50-ml aliquots of effluent were 
shaken for 15 sec wi th 10 m l of an organic solvent i n a 250-ml separating funnel . 
T h e choice of the phase ratio, V a q / V o r g , was an arbitrary one. After phase 
separation, the aqueous phase was run off and analyzed for organic lead. This 

T a b l e III. C h e m i c a l C o m p l e x i n g - S o l v e n t E x t r a c t i o n o f 
( C 2 H s ) 3 P b C l f r o m S y n t h e t i c E f f l u e n t 

Initial Concentrations of (C2H5)3PbCl = 67ppm 
Concentration of NaCl = 0.833m 

Reagent (C2H5)2NCSSNa3H20 

CR/CL = 0.75 CR/CL = 1.00 

Final Final 
concentration concentration 
(C2H5)3PbCl (C2H5)3PbCl 

Solvent (ppm) % Removal (ppm) % Remoi 

Kerosene 21.0 70.0 9.6 81.0 
Petroleum Ether 17.2 74.6 10.0 80.0 
Diethyl Ether 4.8 93.0 — — 
Xylene 6.4 90.3 — — 
Benzene 4.6 93.2 0.0 100.0 
/2-Pentane 27.0 59.7 7.0 86.0 
Isooctane 20.0 69.0 12.0 76.0 
CC1 4 6.6 90.0 — — 
Chloroform 0.0 100.0 — — 
n-Nonane, 99% 12.0 82.0 10.2 79.0 

20.3 70.0 — — 
C 1 S H 3 2 18.1 72.0 12.0 76.0 
Toluene 9.6 86.0 — — 
Cyclohexane 12.6 82.3 8.4 83.0 
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Theoretical 
"1-1 Complex 

o ^ o 

(CH ) PbCl. . =10ppm 
2 5 3 init. K K 

(NaCl ] a q =0-833 m 

V a a ' V org = 5 

o Xylene 
* Iso-Octane 

10"' 10 u 10 

REAGENT TO ORGANIC LEAD RATIO (m) 

Figure 4. Solvent extraction of the complex by xylene and isooctane 

procedure was repeated for the solvents diethyl ether, isooctane, xylene, kerosene, 
C14H30 and C15H32, a l l at ambient temperature 1 6 ° C ± 2 ° C . 

Further experiments were conducted w i t h a wide range of organic solvent 
for the ini t ia l conditions: [ ( C 2 H 5 ) 3 P b C l ] = 67 p p m , V a q / V o r g = 1.0. C R / C L 

= 0.75 m , [NaCl] = 0.83 m . 
Reference to Table III shows that in the presence of 0.83 m sodium chloride 

and for an aqueous-to-organic phase ratio V a q / V o r g = 1.0, a ratio C R / C L of 1.0 
is sufficient to remove at least 75% organic lead. For solvents such as benzene 
and chloroform this ratio is sufficient to achieve complete organic lead extraction. 

REAGENT TO ORGANIC LEAD RATIO (m) 

Figure 5. Solvent extraction of the complex by diethyl ether 
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T a b l e I V . C o m p a r i s o n o f S o l v e n t S t r e n g t h 

Solvent 

Most 
Effective 

Chloroform 
Diethyl ether 
Benzene 
Xylene 
Toluene 
Carbon Tetrachloride 
Cyclohexane 
Kerosene 
Petroleum ether (30-40%) 
rc-Nonane 99% 

Least 
Effective 

Isooctane 
Pentane 

T a b l e V . R e m o v a l o f ( C 2 H 5 ) 3 P b C l as a F u n c t i o n o f the R a t i o s 

^ a q / ^ o r g , C R / C L 

Initial concentration of (C2Hs)3PbCl = 27ppm 
Concentration of NaCl = 0.833m 
Reagent (C2H5)2NCSSNa • 3H70 
Solvent CXSH32 

pH7.2 
Aqueous phase shaken with two aliquots of organic phase to give residual lead 
concentrations ofPbf^ and Pbf2 

CR/CL (m) ^ a q / ^ o r g Pbfi (ppm) Pbf2 (ppm) 

0.75 25 9.0 9.0 
0.75 50 11.5 11.4 
0.75 75 13.5 11.2 
0.75 100 19.0 11.2 
1.5 25 3.0 1.7 
1.5 50 2.7 2.7 
1.5 75 4.4 2.8 
1.5 100 3.5 3.3 
2.2 25 0.1 0.0 
2.2 50 1.3 2.7 
2.2 75 1.3 1.3 
2.2 100 2.7 1.3 
4.0 25 0.3 0.0 
4.0 50 0.3 0.0 
4.0 75 1.6 0.5 
4.0 100 2.4 0.5 
4.0 150 4.5 2.7 
4.0 200 7.4 5.3 
4.0 300 9.1 6.1 
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Figures 4 and 5 for V a q / V o r g = 5.0 show that removal of organic lead corresponds 
closely to that w h i c h w o u l d be obtained for a theoretical 1:1 complex i n the ab­
sence of sodium chloride. Variations i n extraction eff ic iency are observed for 
different solvents, but for al l of the solvents employed a ratio C R / C L = 1.0 is 
sufficient to reduce an ini t ia l t r iethyl lead chloride level of 10 p p m to <1 p p m . 
A comparison of solvents used suggests an approximate order of effectiveness 
(corresponding to solubility of the organo-lead complex ^ H s ^ P b S C S N ^ H s ^ 
and also the neutral species (C2H5)3PbCl° i n the solvent) of the f o r m shown i n 
Table IV . 

W h i l e organo-lead removal is a function of the solvent employed, the level 
to w h i c h the concentration can be reduced depends upon the interaction of the 
variables V a q / V o r g and C R / C L . This effect is clearly illustrated i n Table V for 
the solvent C15H32 at an ini t ia l tr iethyl lead chloride level of 27 p p m . 

F r o m the results of the more extensive experiments using a range of organic 
solvents, typical values of operating ratios required to reduce an organic lead level 
of 10 p p m to less than 1 p p m are 10 < V a q / V o r g < 20, 2 < C R / C L < 3. 

Stirred Cell Studies for the Investigation of Extraction Mechanism 

F o r ascertaining whether removal of organic lead by chemical com­
plexing-solvent extraction was chemical reaction or physical diffusion controlled, 
stirred cell studies were conducted. 

The stirred cell of D a vies (11) was used to investigate the possible interfacial 
mechanism of extraction. Transfer of the complex ^ H s ^ P b S C S N ^ H s ^ f rom 
the aqueous to the organic phase was studied as a funct ion of the stirring rate in 
the aqueous phase. 

The ini t ia l aqueous phase concentration of tr iethyl lead chloride was ap­
proximately 20 p p m , determined accurately in each case. The sodium chloride 
concentration was maintained at 0.83 m and the reagent-to-lead ratio, C R / C L 
at 3.0, thus ensuring complexing at the phase ratio employed, V a q / V o r g = 2.0. 
T h e volume of the aqueous phase was 400 m l , and that of the organic phase, 
xylene, 200 m l . The extraction, conducted at ambient conditions of 1 6 - 1 8 ° C , 
was fol lowed by a determination of the concentration of tr iethyl lead i n the 
aqueous phase at t ime intervals up to 150 m i n . 

T h e results are shown in F igure 6, w h i c h gives a plot of mass transfer coef­
ficient, ku at time t, for the transfer of the complex ^ H s ^ P b S C S N ^ H s ^ f rom 
the aqueous phase as a function of the stirring speed in the aqueous phase, N . The 
mass transfer coefficient, kt, was calculated f r o m a relationship of the type 

Q/t = kt-Ac-(AC\ 

The plot of kt vs. N has a functional form which closely resembles that found 
by Austin and Sawistowski (12) for the interdiffusion of pairs of liquids by physical 
absorption (for which values of k ranged f rom 2 X 10~ 6 to 50 X 10~ 6 m/s). Austin 
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10T' 

«? 10" 
e 

10 

+ K t at 80min 

o at 140 min 

_ L J_ _ L 
0 100 200 300 400 500 600 

N, (r.p.m.) 

Figure 6. Mass transfer coefficient Kt vs. stirring speed in 
aqueous phase N\ 

and Sawistowski observed a change of slope for k vs. N between 150 and 200 r p m 
signifying the onset of interfacial renewal. A t lower stirring speeds, the density 
gradients associated wi th diffusion opposed interfacial renewal. Such a change 
of slope is observed i n the present work and w o u l d appear to be consistent w i t h 
mass transfer by physical absorption. H a d the rate control l ing step been a 
chemical reaction, the mass transfer coefficient w o u l d have been independent 
of st irring speed (13). 

Distribution Studies 

In order to examine the influence of sodium chloride concentration on the 
distribution of tr iethyl lead chloride between an organic and aqueous phase, 
distribution studies were initiated. The solvent chosen for the init ial studies was 
benzene because it had been shown that up to 30% of tr iethyl lead chloride is 
transferred to the organic phase as the neutral species ^ H s ^ P b C l 0 when using 
the chemical complexing-solvent extraction technique. 

Aliquots of 60 m l of an aqueous phase containing vary ing concentrations 
of triethyl lead chloride and sodium chloride were shaken w i t h 10 m l of benzene 
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i n a 250-ml separatory funnel . After phase separation, the aqueous phase was 
analyzed for residual triethyl lead chloride. The results of these studies are shown 
i n F i g u r e 7. 

It is assumed that transfer of triethyl lead chloride between an organic phase 
of low dielectric constant and water w i l l reduce to the distribution of the neutral 
species, an e q u i l i b r i u m being established for this species between the aqueous 
and organic phases. In the absence of sodium chloride i n the aqueous phase, 
(C2H5) 3 PbCl° w i l l ionize to form the positive species ^ H s ^ P b " 1 - , thus affecting 
the e q u i l i b r i u m between the two phases and lowering the distribution between 
them. Al though a simple distribution law (based on saturation solubilities of 
triethyl lead chloride in each phase) would suggest a value of 40:1 for distribution 
between organic and aqueous phases i n the benzene solvent chosen, such a value 

10 

z 
o 

ZD 
CO 

£ 1-0 

0-3 

I 

9 * 

1 

rNaCl ] a q = 1-67 m O 

+ (NaCllaq =0*83 m 

X 

[NaCl ] a q = 0-167 m 

— o 

0 

+ 

X 

[NaCI] aq = 0-083 m 

X o 

[NaClJaq = 0-0167 m 
o 

i 

X 

1 

10 -4 10' 10 ,-2 

CONCENTRATION OF (C^H l^PbCl IN THE AQUEOUS PHASE (m) 

Figure 7. Distribution of (CzHsJsPbCl between water and benzene 

is not attained. In fact, as shown by Figure 7, the distribution tends toward zero 
as the sodium chloride concentration decreases. In the presence of sodium 
chloride the series of chloro species (C2H5 )3PbCl n

1 - n is established, ^ H s ^ P b C l 0 

being the dominant species. A n e q u i l i b r i u m is considered to exist between the 
different species i n the aqueous phase. The overall distr ibution is therefore a 
funct ion of the e q u i l i b r i u m between both the species w i t h i n the aqueous phase, 
and the aqueous and organic phases. 

Mechanism of Extraction 

F r o m the evidence of the foregoing studies, the fo l lowing mechanism of 
extraction of triethyl lead chloride from aqueous solution using an organic solvent 
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may be propounded. In chloride solutions, a horizontal e q u i l i b r i u m concen­
tration of the neutral species is formed. This, for the majority of solvents, i m ­
mediately transfers to the organic phase by virtue of its greater solubility in that 
phase. A t the same t ime there exists i n the aqueous phase an e q u i l i b r i u m con­
centration of the positive species ^ H s ^ P b " 1 " . This complexes w i t h the negative 
dithiocarbamate reagent to f o r m the complex ^ H s ^ P b S C S N ^ H s ^ w h i c h 
is insoluble i n aqueous solution but is readily soluble in the majority of c o m m o n 
organic solvents, and, therefore, is extracted f r o m the aqueous phase. A c c o r d ­
ingly, triethyl lead is removed f rom the aqueous phase by simultaneous extraction 
of the neutral species, ^ H s ^ P b C l 0 and the complex ^ H s f e P b S C S N ^ H s f e . 

Because there exists an e q u i l i b r i u m distribution of species i n the aqueous 
phase, removal of certain species w i l l lead, by the law of mass action, to a read­
justment of the equil ibrium. The concentration of negative species w i l l decrease 
to compensate for continued loss of the neutral and positive species to the organic 
phase (loss of the positive species is, of course, caused by complexing). This 
continued adjustment of e q u i l i b r i u m w i l l be maintained unt i l a l l of the organic 
lead has been removed f r o m the aqueous phase if the organic phase is not satu­
rated. 

Exper imental results indicate that the loadings of the organo lead complex 
w h i c h may be obtained for the solvent kerosene are approximately 300 g/1. If 
such an order of magnitude can be taken as typica l of what might be obtained 
for common organic solvents, considerable recycle potential exists for the solvent, 
part icularly for effluents containing only trace quantities of organic lead. 

Discussion 

F r o m ini t ia l studies on the removal of tr iethyl lead chloride f r o m aqueous 
chloride solution it was possible to establish the mechanism of the chemical 
complexing-solvent extraction technique. Furthermore, working values of the 
operating parameters V a q / V o r g and C R / C L suggested that the technique might 
provide the basis of an economic industrial process. However , in i t ia l investi­
gations were conducted largely w i t h synthetic effluent and were l i m i t e d to lab­
oratory-scale batch operations. Therefore, i n order to assess the val idi ty of the 
results i n terms of design data for an industrial operation, a continuous pilot scale 
process was developed. The chemical complexing-solvent extraction technique 
was appl ied to a continuous mixer -centr i fugal separator unit using a synthetic 
effluent at flow rates of 501. /hr. The solvent was kerosene. This was continually 
recycled wi th in the unit i n order to obtain the m a x i m u m loading of organic 
lead. 

The pilot scale work conf i rmed that levels of the operating parameters, 
Vaq/Vorg and C R / C L w h i c h might typical ly be used to achieve a reduction of 
90% or greater i n organic lead levels (for ini t ia l lead levels up to 50 ppm) were 
identical to those observed for the laboratory-scale batch experiments, v iz . 2 < 
C R / C L < 3 for 10 < V a q / V o r g < 20, and in all cases a C R / C L ratio of five reduced 
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the organic lead level to <1 p p m . Since the performance of laboratory cen­
tr i fugal separators is representative of what w o u l d be obtained for industrial 
models (14), the levels of operating parameters suggests a viable industrial process. 

C lear ly the running costs of extraction based on a chemica l c o m p l e x i n g -
solvent extraction technique would be dictated largely by the quantities of solvent 
and reagent employed. Therefore, the use of a cheaper solvent such as kerosene 
would be economically attractive. However, it was observed f rom the laboratory 
experiments that kerosene was one of the least effective solvents. This was i l ­
lustrated part icularly in the extraction of t r imethyl lead chloride; for solvents 
such as benzene and chloroform, using the reagent sodium die thyl dithiocarba­
mate extraction of t r imethyl lead chloride was completely analogous to using 
tr iethyl lead chloride on both laboratory and pilot scale. Us ing kerosene, the 
loadings of the tr imethyl lead complex in the organic phase were approximately 
one f i f th of those obtained for the triethyl lead complex, i m p l y i n g that up to f ive 
times the quantity of solvent w o u l d be required to achieve the same levels of 
removal (excluding the possibility of regenerating the solvent). 

Extract ion eff ic iency is not the only factor to be examined i n the choice of 
solvent or reagent for a particular application. Environmenta l , as w e l l as eco­
nomic considerations must be taken into account. Solvents such as benzene and 
chloroform (which have solubilities of 0.07 and 0.82 parts per 100 parts of water) 
might be preferred for extractive eff ic iency, but their use w o u l d result i n large 
losses to the aqueous phase. N o t only w o u l d this be expensive, but it w o u l d be 
undesirable for reasons of health; the toxic organo lead salts w o u l d be removed, 
but an equally toxic organic solvent w o u l d be added to the effluent. A d d i t i o n 
of a solvent recovery unit subsequent to the extraction step might render the 
technique uneconomic (relative to alternative effluent treatment techniques). 

S imi lar ly , consideration must be given to the reagent employed. Sodium 
die thyl dithiocarbamate is a relatively cheap and readily available reagent. 
Unfortunately, it is toxic and the level w h i c h may be added to an effluent stream 
is l imi ted . However , it should be stressed that the extraction technique is not 
restricted to the use of this one reagent. Screening tests conducted wi th a number 
of other reagents (<S,15) have shown the extraction of trialkyl lead to be analogous 
to that obtained for ( C 2 H 5 ) 3 N C S S N a - 3 H 2 0 . 

The established use of ( C 2 H 5 ) 3 N C S S N a - 3 H 2 0 as an analytical reagent for 
the determination of metals i n solution suggests that the chemica l c o m p l e x i n g -
solvent extraction technique could be appl ied to the removal of a w i d e range of 
metals f r o m solution. Whereas analytical determination (by solvent extraction 
of metal chelates) are generally p H dependent and require h igh loadings of re­
agent i n the organic phase, the chemical complexing-solvent extraction technique 
offers f lexibi l i ty i n its applicat ion for any chloride (anion) concentration, f r o m 
zero to saturation levels, and at reagent levels directly related to concentrations 
of solute. The only restriction is that the reagent stability may be p H dependent, 
as is the case w i t h ( C 2 H 5 ) 3 N C S S N a - 3 H 2 0 w h i c h is subject to decomposition i n 
strongly acidic media. 
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In conclusion, the chemical complexing-solvent extraction technique is 
particularly suited to the polishing of effluents containing trace quantities of 
metals or organo metallic compounds, since this would minimize the amount of 
reagent added to the effluent (as excess) and the ratio of organic phase to aqueous 
phase. Choice of solvent and reagent for a particular application will be dictated 
by both economic and environmental considerations. 
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Nomenclature 

C R / C L = Molar ratio of complexing reagent to organic lead 
Vaq/Vorg = Volume ratio of the aqueous phase to the organic phase 
/? = Stability constant for a chlorocomplex 
Q = Quantity of complex transferred to the organic phase in time t 
t = Time 
Kt = Mass transfer coefficient at time t 
Ac = Interfacial area of the stirred cell 
( A C ) = Interfacial concentration driving force 
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Diethyl dithiocarbamic acid 382 
Differences between 

J _ a n d H _ 345 
Dilution 197 

activity coefficients, infinite . . . . 38 
heats of 297 

1,1-Dimethoxymethane 231 
1.3- Dimethoxypropane 231 
Dimethyl bromosuccinate . 245, 248, 261 
Dimethylformamide 346 
Dimethylsulfoxide . . . 173, 178, 183, 189, 

275, 289, 297, 314, 344-346 
2.4- Dinitroanisole 344 
2,4-Dinitrophentole 344 
Dioxane 172,297 
Diphenylamines 359 

substituted 343 

Dipolar liquids, Onsager 
theory of 319 

Dipolar molecule, activity 
coefficient of a 324 

Dipole(s) 318 
moment 210 

Distillation, extractive 3,128 
of nitric acid 143,129 

Distribution of solvated 
species, nonstatistical 173 

Dithiocarbamates 382 
D M F 215,289 
D M S O 178, 187, 275, 289, 346 
Drum concentrator 129 

E 

Effluents, aqueous 381 
Electric field 201 
Electrolytes, multivalent 212 
Electrolytes, preferential 

solvation 153 
Electronegative substituents 357 
Electrostatic effects 318 
Electrostatic free energy 203 
Electrostriction 99,334 
E M F measurements 156, 170 
Energy, electrostatic free 203 
Enthalpy 304 

of solution 289,290 
of transfer 300 

Enthalpy-controlled 
phenomenon 303 

Equation 
Fuoss-Onsager 280 
Furter 28 
Gibbs-Duhem 31,37 
Jones-Dole 333,336 
L E M F 6 
Long-McDevit 30 
N R T L 4 
Redlich-Kister 30 
Setschenow 374 
van Laar 4 
Wilson 4,18,36 

Equilibrium constants 348 
Equilibrium data, correlation and 

prediction of vapor-liquid . . . . 26 
Equilibrium, salt effect 

in vapor-liquid 26, 99 
Equi-solvation point 173 
Ethanol 189, 264, 314, 345 
Ethanol-water mixtures 85, 102 
Ethoxideions 344,357 
Ethyl acetate-calcium chloride 

system, methanol- 53 
Ethylacetate 53 
Ethylene glycol 301 
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I N D E X 401 

Euler cross differentiation 
equation 361 

Extraction, chelate 382 
Extractive distillation 3, 36, 128 

of nitric acid 129, 143 

F 
Formic acid 301 
FOS equation 244 
Fractional distillation 99 
Free energy of 

preferential solvation 157 
Free energy of transfer 156, 162, 

164, 167, 171, 303 
Function, acidity 343 
Function, work 318 
Fuoss method 247 
Fuoss-Onsager equation 280 
Fuoss-Onsager-Skinner 

equation 244 
Furter equation 28 

G 
Gaillard tower 129 
Geminal diol anion 345, 357 
Gibbs-Duhem equation 31,37, 

305, 361 
Glass 148 

electrode 263 
Guntelberg's method 204 

H 
H _ , differences between 

J - a n d 345 
Halides, tetraalkylammonium . . . . 100 
Halogenated acids 314 
Hammett constants 346, 356 
Heat(s) 

capacity 274,304 
of dilution 297 
of hydration 335 
of solution 297-299 
of transfer 297 

Helium 374 
Hemiacetal anion 357 
Hexamethylphosphoramide 173 
H R 345 
Hydrate, clathrate 285 
Hydration 327 

heats of 335 
hydrophobic 285,289,294 

Hydrobromic acid 221, 225 
Hydrogen 

bonding 358 
bromide 247 

Hydrogen (continued) 

electrode 263 
peroxide 164 

Hydrolysis reactions 271 
Hydrophilic ions 285 
Hydrophilic solute 286 
Hydrophobic 

behavior 99 
hydration 285,289,292-294 
interaction 334 
solutes 286 

Hydroxide ions 343,346 

I 
Indols 345 
Infinite dilution activity 

coefficients 38 
Infinite dilution shifts 164 
Interionic effects 197 
Interpolation of calculated 

vapor compositions 17 
Iodide solvation 176 
Ion association 216 
Ion(s) 

bulk of the solvated 334 
couple 76 
-dipolar molecular reactions . . . 318 
-dipoles 318,319 
hydrophilic 285 
hydroxyl 345 
polarization of 199 
-selective electrodes 165, 167 
-solvation 220 
-solvent interactions 154, 334 

Isodielectric solvent 164, 193 
Isomeric phthalaldehydes 344 
Isomeric solvates 187 
Isopiestic method 361 
Iso-solvation . 173 

J 
J_ function, validity of the 356 
J_ and H _ , differences 

between 345 
JM 345 
Jones-Dole equation 250, 333, 336 

K 
Kerosene 393 
Kinetic Scale 344 
Kirkwood-Buff theory 193 

L 
0-Lactoglobulin 304 
Laplace potential 203 
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402 T H E R M O D Y N A M I C B E H A V I O R O F E L E C T R O L Y T E S 

Large-ion assumption 172 
Larkin method 18 
Lead, removal of organic 381 
Legendre polynomials 202 
L E M F equation 6 
Lietzke-Stoughton relation 366 
Ligands, bidentate 183 
Liquid phase, preferential 

solvation in the 75 
Liquids, Onsager theory 

of dipolar 319 
Liquid-vapor equilibria 

correlation and prediction of . . . . 26 
salt effect in 26,99 

Lithium 
bromide 75,244-247,252, 

255, 261 
chloride 75,374 
nitrate 129 
perchlorate 246, 298 
picrate 247 

Long-McDevit equation 30 
Lowering, vapor pressure 38 
L P B E 198,200 

M 

M 275 
Magnesium nitrate 129, 131, 

134, 137, 143, 144 
Mantius concentrator 129 
Margules equation 4 
Medium-effect activity 

coefficients 163 
Meisenheimer complexes 344, 357 
Mercuric chloride 5 
Metallic nitrates 129 
Metallic salts 129 
Methanol 53,167,189,212, 

214, 301, 314, 327, 344, 374 
-ethyl acetate-calcium 

chloride system 53 
-ethyl acetate system 53 

Methoxide ions 344 
Methoxide ions to 

benzaldehydes, addition of . . 359 
Methyl alcohol, aqueous 

solutions of 37 
Miscible systems, partially 18 
Mixed aqueous solvents 274 
Mixed solvents 374 
Mixtures, binary solvent 153 
Model, solute-solute 279 
Modified cubic spline 

procedure 17 
Molten salts 218 
Moment p 211 
Monoglyme-water mixtures 221 

Morpholine 275 
Multipoles 206,211 
Multivalent electrolytes 212 

N 
Nickel(II) chloride 86-91 
Nitrates, metallic 129 
Nitric acid 128,137 

extractive distillation of 129, 143 
-water-magnesium nitrate . . . . 134 

Nitroanilines 345 
Nitroaromatic compounds 344, 357 
Nitrobenzenes 345 
Nitromethane 173 
N M 173 
N M R chemical shift 159 
Non-hydrophobic solutes 293 
Nonideality 205 
Nonstatistical distribution 

of solvated species 173 
Nonvolatile salts 36 
N R T L equation 4 

O 
Organic ions 99-127 
Organic lead, removal of 381 
Onsager cavity model 161 
Onsager theory 319, 330 
Osmotic coefficient 318,328 
Othmer still 21 
Overlap, repulsive 160 
Oxidation, ammonia 129, 143 

P 
P.A.R 382 
Parameter, salt 43 
Parameters, Wilson 43 
Pauling pot 129 
Partially miscible systems 18 
P C 289 
P D 275 
P E G 363 
Perchlorates 171, 184 
Phenol 264,272 
Phenolate ion 272 
Phoreogram 255 
Phosphoric acid 129 
Phthalaldehydes, isomeric 344 
Piperazine 275 
Piperidine 275,286 
Poisson-Boltzmann equation . . . 198, 217 
Polarization of ions 199 
Polarization term 208 
Polyethylene glycol 361, 363 
Polynitrobenzenes 359 
Polynomials, Legendre 202 
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I N D E X 403 

Polynucleotides 304 
Potassium 

acetate 7, 11 
bromide 101, 102 
iodide 101 
nitrate 129 

Potentiometric method 263 
Prediction 

from pure-component 
properties 30 

of salt effect 53-74 
from the solvation number, 

procedure for 63 
of vapor-liquid equilibrium 

data, correlation and 26 
Preferential solvation 153, 173 

of electrolytes 153 
free energy of 157 
in the liquid phase 75 
number 55, 56, 63 

Pressure lowering, vapor 38 
2-Propanol, salting-in effect 82 
2-Propanol-water-lithium 

perchlorate system 78 
2-Propanol-water mixture 75 
Propylene carbonate 170, 289 
Proton bonding 220 
Pseudobinary 7,37,38 
Pure-component properties 30 
Py 173 
Pyridine 173, 346 
PZ 275 

R 

Radial distribution functions 189 
Raoult's law 375 
Redlich-Kister equation 30 
Reduced ionic cloud 200 
Removal of organic lead 381 
Runge-Kutta method 308 
Repulsive overlap 160 

S 

Salt(s) 
ammonium 328 
effect 374 

prediction of 53-74 
from the solvation number . . . 63 
in vapor-liquid 

equilibria 26, 99 
metallic 129 
molten 218 
nonvolatile 36 
parameter 43 

Salting in 99 
effect of 2-propanol 82 

Salting out 99 
parameters 378 

Second-order structural 
effects 170 

Setschenow equation 374 
Shielding constants 160, 191 
Short-range forces 205 
Silver chloride 264 
Smenogenic solvents 252 
Smoothing, problems of 18 
Sodium 

alkoxides 346 
bromide 101 
chloride 101 
diethyl dithiocarbamate 394 
ethoxide 346 
nitrate 129 
tetraphenylborate 191 

Solubility 156 
of caroon dioxide 374 
product constants 264 

Solute, effective volume 
of the solvated 336 

Solute, hydrophilic 286 
Solute-solute model 279 
Solution 

enthalpies of 289 
heats of 297 
viscosity 334 

Solvated 
ions, bulk of the 334 
solute, effective 

volume of the 336 
species, nonstatistical 

distribution of 173 
Solvates 332 
Solvation 214 

of electrolytes, preferential . . . . 153 
free energy of preferential . . . . 157 
iodide 176 
in the liquid phase, 

preferential 75 
number 154, 160, 167, 169, 

178, 184, 189, 193, 336 
calculation of the 

preferential 63 
preferential 55, 56 
procedure for predicting the 

salt effect from the 63 
preferential 153, 173 
shell 156,158 

Solvents 
charge transfer to 161 
mixed aqueous 274 
mixtures 153,336 
sorting 153, 170 

Special binary method 33 
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404 T H E R M O D Y N A M I C B E H A V I O R O F E L E C T R O L Y T E S 

Spline procedure, 
modified cubic 17 

Still, Othmer 21 
Strontium chloride 86,87,90,91 
Structural effects 170,356 
Structural interactions 285 
Structure-breaking 216,230,285 
Structure factor 208 
Structure-making 216, 335 
Structured ionic cloud 198 
Substituted 

anilines 343 
benzaldehydes 343-347 
diphenylamines 343 

Sulfolane 183 
Sulfuric acid 129, 143 
Surface effect 285 
Surfactants, solubility of 316 
Suspension, relative viscosity 332 
Symmetry number 180 

T 

T A A 100 
T B A 275 
Teflon 148 
Ter*-butanol 275, 283, 286 
Testing, thermodynamic 

consistency 26 
Tetraalkylammonium 

bromides 274, 284, 290 
halides 100,289 
ions 292, 314 
salts 304 

Tetrabutylammonium 
bromide 304 

Tetrahydrofuran 191, 220, 264, 272 
Tetrahydropyran 275 
Tetraethylammonium 

bromide 102 
Tetramethylammonium 

bromide 102 
Tetramethylammonium 

hydroxide 346 
Tetramethylenesulfone 346 
Tetramethylurea 173 
Tetra-n -butylammonium 

bromide 102,247,290 
Tetra-n -butylammonium 

fluorotriphenylborate 247 
Tetra-n -butylammonium 

picrate 247 
Tetraphenylborate 171, 172 
Tetraphenylboron 315 
Tetraphenyl-phosphonium ion . . . 172 
Thallous nitrate 328 
Thermodynamic consistency 

testing 26 

T H F 191 
Thiazoles 382 
Thiourea 304,316 
T H P 275 
Transfer 

enthalpy of 300 
entropy of 300 
free energy of 156, 164 
heats of 297 

Trialkyl lead chloride 381, 390 

U 
U 275 
Ultraviolet spectral shifts 161 
Urea 275, 282, 286, 303, 316, 384 
Uric acid 304,316 

V 
van Laar equation 4 
Vapor compositions, interpolation 

of calculated 17 
Vapor-liquid equilibrium, 

salt effect in 26,99 
Vapor-liquid equilibrium data, 

correlation and 
prediction of 26 

Viscosity 332,334,336 
of suspension, relative 332 

V L E 3 
Volume of the solvated 

solute, effective 336 

W 

Water 
-acetone mixtures 304 
- D M S O solutions 358 
-ethanol solutions 357 
ionization 264 
-magnesium nitrate, 

nitric acid- 134 
mixture, 2-propanol- 75 
structure, enhancement of 336 
tetrahydrofuran mixtures 303 

Wilson equation 4, 18, 36 
Wilson parameters 43 
Work function 318 

X 
Xanthates 382 

Z 
Zeolite 248 
Zinc nitrate 129 
Zucker-Hammett hypothesis 344 
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