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The first application of electromotive force measurements of cells without 
liquid junctions to the study of weak electrolytes was the calculation of the 
ionization product, mHmH, and the corresponding activity coefficient func- 
tion, YHTOH/UH,O, for water in salt solutions a t  25°C. (15, 38, 46). The 
corresponding puantities for a weak acid were investigated somewhat 
later by suitable cells containing an unbuffered solution of acetic acid (43) 
and various salts. The calculations involved the use of ionization con- 
stants determined by other methods, notably the conductance method. 

In  a later contribution a very thorough investigation of the thermo- 
dynamics of such cells containing unbuffered acids was made (41). It was 
shown that ionization constants and the effect of undissociated acid mole- 
cules could be evaluated from the electromotive force data alone. From 
this stage the use of cells without liquid junctions has expanded rapidly 
and has been applied to a wide variety of systems which include acids, 
bases, and ampholytes. Much of this work has been carried out over 
considerable temperature ranges, and some has involved mixed solvents 
to introduce the effect of variations in the dielectric constant. AN', 
AX', and AC: for the ionization process a t  unit activities in pure water, 
mixed solvent, and salt solutions can be estimated from the proper tem- 
perature coefficients. In  order to present the results in the simplest 
possible manner, we will disregard chronological order and develop the 
subject systematically after a general examination of the fundamental 
aspects of the method. 

1. GENERAL CONSIDERATIONS AND LIMITATIONS O F  THE METHOD 

The fundamental basis of the method consists in computing the con- 
centration of hydrogen ions (protons + solvated ions) in an unknown 
solution, containing a weak acid, from that of a known concentration of 
hydrogen ions in a solution of a halogen acid by suitable cell combinations. 
Its exactness in real solutions, that is to say, solutions other than a t  zero 
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ionic strength, will depend on the certainty with which the hydrogen-ion 
concentration of the halogen acid solution is known. To be explicit, 
consider the usual method of treatment of the cell, 

Hz 1 HX(m) I AgX-Ag 

containing a strong halogen acid solution of molality m. 
motive force, E,  of this cell is given by the equation, 

The electro- 

E = EO - RT/F In a&Cl 
(1) 

= EO - RT/F In */mclmHmcl 

where uHac1, */H*/C1, and mHmCl are, respectively, the activity, activity 
coefficient, and stoichiometric molality products of the acid in the solution. 
The meaning to be attached to the quantities YH, yc1, mH, and mcl is largely 
to be derived from extrathermodynamical knowledge. The subscripts 
are a convenient symbolism for expressing various combinations of cells 
and gain significance with the development of the theory and its experi- 
mental proof. 

All the evidence derivable from modern theory and experiment indicates 
that hydrochloric acid is a very strong electrolyte. We shall assume that 
it is completely ionized, and that consequently mH is the sum of the molal 
concentrations of protons and solvated protons, and mcl that of the 
chloride and solvated chloride ions a t  all ionic strengths. Any actual 
deviations from this hypothesis of completely ionized hydrochloric acid 
which may be brought to light by future investigations will necessitate 
corrections throughout certain of the subsequent computations. How- 
ever, such corrections will become smaller as the ionic strengths of the 
solutions decrease and will vanish for extrapolated results a t  infinite dilu- 
tion of electrolytes. Since mH and mcl are the stoichiometric molalities 
of the sum of all species of hydrogen and chloride ions, yH*/Cl is the cor- 
responding activity coefficient product of acid. Under these conditions, 
this quantity conforms to that capable of being computed by the Debye and 
Huckel theory (8). 

These considerations may be applied to one of the cells which will form 
the subject of the next section, namely, 

HZ I MOH(ml), M X h )  I AgX-Ag 

We shall assume that the strong hydroxide, MOH, is completely ionized, 
so that mH is the sum of the molalities of the hydroxyl and any hydrated 
hydroxyl ions present. The electromotive force of this cell is given by 
equation 1, but in this case the ionization of the weak electrolyte, water, 
will introduce a fundamental thermodynamic relationship which, when 
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combined with equation 1, will produce fruitful results. 
constant of water, K,, we write, 

For the ionization 

where mH is again the sum of the molalities of the protons and solvated 
hydrogen ions, ymoH/a&,o is an activity coefficient product, and x is unity 
or greater. By elimination of mH from equations 1 and 2, we obtain for 
the electromotive force, EA, by suitable rearrangement, equations from 
which K,, mHmH, and -ygyOH/aG20 may be computed. The point which 
should be emphasized so that no misunderstanding may arise is that this 
method gives K,  exactly and mHmH exactly if all strong electrolytes 
present in the cells are completely ionized. The interpretation of the 
activity coefficient function depends on the mechanism of the reaction 
and is not definitely determined by the cell mechanism. If the ionization 
takes place only according to the reaction, 

H20 + HzO S H30' + OH- 

then the activity coefficient function is 

Y H ~ o ~ Y o H -  
2 

aHnO 

Since cell measurements alone cannot determine the solvation of ions, we 
shall employ the more vague but simpler symbolism of equation 2, with 
2 = 1. 

These considerations hold also for all subsequent computations in cases 
of cells containing weak acids and ampholytes. Ionization constants 
may be determined exactly, and ionic concentrations may also be deter- 
mined exactly provided that all strong electrolytes present in the cells are 
completely ionized. Future knowledge should make i t  possible to correct 
discrepancies due to this latter assumption. 

2. THE DETERMINATION O F  THE IONIZATION CONSTANT O F  WATER 

The cells employed for the determination of the ionization constant of 
water are: 

I 

I1 

I11 

Hz I HWm) 1 AgX-Ag 

H2 1 HCl(md, MX(m2) 1 AgX-Ag 

HZ I M O H h ) ,  M X h )  I 

K ,  may be determined from cells I and I1 (method 1) or from cells I1 and 
I11 (method 2). 
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Method 1. The electromotive force of cells of type I1 is given by the 

(14 

equation 

E11 = EO - RT/NF In YmxmfImfL 

By combination of this equation and equation 2, and rearrangement of the 
resulting terms in a convenient form, we obtain 

If the left side of this equation is plotted against the ionic strength, p ,  
its value at  zero p equals (- log ICw), since uHO and all ionic activity co- 
efficients equal unity, and therefore all terms containing them vanish. 
Cells of this type were employed by Roberts (72), who used equal con- 
centrations of MX and MOH, thus eliminating the second term on the 
left, and also by a number of investigators (21, 22, 31, 32, 33, 40, 44), who 
employed ratios of mx to moH greater than unity. The standard potential, 
Eo, may be determined by either cells I or cells 111. In  either case the 
extrapolation was made by employing the Debye and Huckel limiting 
equation. 

Method 9. If we subtract the electromotive forces of cells 111, Em, 
from those of cells 11, we obtain 

where the primes and double primes refer to cells I1 and 111, re- 
spectively. The equality to the right introduces the premise that the 
activity coefficient of the acid is the same in the acid-halide mixtures as 
in the hydroxide-halide mixtures of the same ionic strength. This as- 
sumption is closely approximated, since both the acid and hydroxide are 
a t  sufficiently low concentrations (- 0.01 M or less). If we substitute for 
mfr in equation 4 its value derivable from equation 2, we obtain 

A suitable extrapolation function can be derived from the limiting law of 
the theory of Debye and Huckel, for, according to this theory, 
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I 

Substitution in equation 5 gives, upon rearrangement of terms, 

Since EII and EIII are the measured electromotive forces, and m;, m&, 
m&, and 4 1  are known molalities, the left side of the equation is known, 
and if it is plotted against p, its value a t  zero p is (- log K w ) .  Such a plot 
is nearly linear in the dilute solutions. 
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FIG. 1. Evaluation of -0.05915 log K ,  by measurements in various salt solutions 
at 25°C. Reading from top to bottom the salts, MX, are cesium chloride, potassium 
chloride, sodium chloride, barium chloride, lithium bromide, and lithium chloride. 

FIG. 2. Evaluation of the  ionization constant of acetic acid a t  25°C. Diameters 
of the circles correspond to 0.02 millivolt. 

Numerous examples of extrapolations according to equations 3 and 7 
have been given in the literature cited above. One graph which is very 
informative and which clearly illustrates the high accuracy of the method 
is shown in figure 1. Here - r 

LE11 - Eo + 2.303RT/NF log - 
moH mx 1 

a t  25OC. is plotted against the total ionic strength, p = mx + moH . Since 
the coefficient of the third term equals 0.05915, this quantity according to 
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equation 3 equals (0.05915 log ~ o ~ / y x a ~ , o  - 0.05915 log K,) a t  all values of 
p and (- 0.05915 log K,) when p equals zero. Results for six salts 
obtained by as many investigators are plotted. At the lower values of p 
these plots are straight lines, and their intercepts at zero p all lie within 
0.05 millivolt. This corresponds to an accuracy of k0.1 per cent in the 
determination of K,. In  all these cases mOH was kept a t  0.01, and mx 
varied. 

In  addition, we note that a t  finite values of p these results can be used 
to evaluate the interesting stoichiometrical activity coefficient ratio, 
y o ~ / y x ,  in the salt solutions designated. This result in itself is of con- 
siderable interest in connection with the theory of interaction of ions in 
aolutions of finite ionic strength. 

3. THE DETERMINATION O F  THE ACTIVITY COEFFICIENT FUNCTION, 

Y H Y O H / ~ H ~ O ,  AND THE IONIZATION PRODUCT, mHmH, IN 
SALT SOLUTIONS 

In  addition to cells I, 11, and 111, the cells 

IV 

v 
HZ I MOH(md, MX(mz) I M,Hg I MOH(m1) I Hz 

Ag-AgX I MX(mz) I M,Hg 1 MX(m1) I AgX-Ag 
have been employed in these investigations of the thermodynamics of 
ionized water in salt solutions. The first determinations of the quantity, 
Y H * / O H / ~ H ~ O  (equation 2) were made by Harned (15), Harned and Swin- 
dells (46), Harned and James (38), and Harned and Schupp (44) by means 
of measurements of cells of types 111, IV, and V by a method which is 
essentially the same as that which will now be described. 

( I )  Cell 111 may be used to determine yHyX at  any concentration in a 
halide solution of any concentration. Therefore, starting with values of 
yHyx at  various concentrations at  a given constant molality, it is a simple 
matter to extrapolate to zero acid concentration and obtain YHYX at  zero 
concentration of acid in the pure aqueous halide solution (16). 

(2) Similarly, ~ s f ~ o ~ / a H a  at  zero hydroxide-ion concentration, that is 
to say in pure salt solution, may be obtained from cells of type IV. 

(3) From cells of type V, in the pure aqueous salt solution a t  the 
same molality may be determined. 

( 4 )  Since all these quantities have been evaluated in the pure halide 
solution, they may be combined without any loss of accuracy. Thus, by 
multiplying the first two and dividing by the third, we obtain 

which gives us the desired quantity a t  one salt concentration. 
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This method is theoretically sound and yields good results but requires 
measurements of the more cumbersome flowing amalgam cells and incor- 
porates the combined errors of the three types of cells. This method has 
been superseded by a procedure which involves cells of types I1 and 111. 

The equation for cells I11 may be written, 

Equation 3 may be stated in the form 

from which YHYOH/CIH~O may be determined from a knowledge of the stand- 
ard potential, EO, and the values of ygyx derivable from equation 9. It is 
convenient to combine these equations and compute YHYOH/aHa  by means 
of the relation, 

I f  If  I 

(EII - EIII) - log m ~ f ~ H  + log K ,  ( 1 1 )  log Y H Y O H / ~ H ~ O  = 2~ 
F 

mX 
Finally, combination with equation 2 gives 

from which the ionization, mHwH, in the halide solutions may be obtained 
directly from the molalities of the electrolytes and the electromotive forces. 

In  the investigations above mentioned, YHYOH/aHzO and mHmOH have 
been evaluated from 0" to 50°C. in cesium (44), potassium (32) ,  sodium 
(40), and lithium (21)  chloride solutions, potassium (33 ) ,  sodium (33) ,  
and lithium (22)  bromide solutions, and barium (31)  chloride solutions. 
In  these and other contributions (18) the results have been tabulated and 
discussed. The methods of obtaining the derived heat data have also 
received attention. Since the results have been discussed in detail in the 
above contribution (18), further specialized discussion of them will be 
omitted . 

On the other hand, there is something to be said regarding the accuracy 
of the determination of the ionization, mHwH, in the halide solutions. It 
has been shown (section 1) that if all the electrolytes employed in the cells 
are completely ionized a t  all concentrations, then mHwH is exactly deter- 
mined. Evidence from thermodynamic and conductance data shows that 
hydrochloric acid, hydrobromic acid, and the alkaline halides are very 
strong electrolytes, so that corrections in the values of m13mOH from this 
source will be small. The hydroxides are also strong electrolytes, but 
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there is evidence that lithium hydroxide and, to a less extent, sodium 
hydroxide form associated ionic pairs, Potassium and cesium hydroxides 
are very strong. The fact that the plot of equivalent conductance against 
square root of the concentration for lithium hydroxide does not lie below 
the Onsager slope a t  any concentration indicates that any corrections in 
these results due to ionic association will not be of large magnitude. 

4. IONIZATION CONSTANTS OF WEAK ACIDS AND BASES 

The simplest and most direct determination of the ionization constant 
of a weak acid is based upon measurements of the electromotive forces of 
cells of the type (24, 25) 

VI H2 1 HR(ml), M R ( 4 ,  MCl(m3) I AgC1-Ag 

Although such cells have been limited to the determination of dissocia- 
tion constants only, they are peculiarly well adapted to this purpose. 
Buffer action permits accurate and easy measurements a t  small hydrogen- 
ion concentrations and a t  relatively low ionic strengths. The necessary 
extrapolation is practically linear except when carried out in media of 
low dielectric constant and does not require numerous experimental data. 
The concentrations of the weak acid, HR, and the two salts, MR and MC1, 
are made approximately equal, and the cation M is usually sodium or 
potassium. The use of chlorides and the silver-silver chloride electrode 
has many practical advantages, but other combinations will suggest them- 
selves in special cases. The electromotive force of this cell is given by the 
same equation as for cells I, 11, and 111, namely, 

As before, EO is the electromotive force of the cell 

HP 1 HC1 I AgC1-Ag 

at unit activity. 
with the expression for the ionization of the weak electrolyte, 

The product, YHmH, can be eliminated by combination 

Thus the equation 

is obtained. The terms of the left-hand side are all experimentally de- 
terminable, since m c l  = m3, mHR = ml - mH, m R  = mz + mH, and 
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mH may be estimated with sufficient accuracy by a short series of suc- 
cessive approximations explained elsewhere (24, 57, 67). The last term 
on the right contains the logarithm of the activity coefficient ratio of two 
univalent ions and the logarithm of the activity coefficient of a neutral 
molecule, both of which are known to vary linearly with the ionic 
strength at  high dilution, Accordingly, a plot of the left-hand member of 
equation 14 against the ionic strength, pI  permits the determination of 
-log KA by extrapolation to p = 0. Figure 2 illustrates the extrapolation 
by which the dissociation constant of acetic acid is evaluated a t  25°C. (24). 
The extrapolated value of KA is 1.754 X which is in almost exact 
agreement with the value 1.758 X obtained by conductance measure- 
ments (53) and 1.75 X derived from electromotive force data on 
unbuffered solutions (41). Ionization constants of the order of or 
lo-' cannot be determined by this method with the same precision because 
of the increased difficulty of estimating mH for use in equation 14 (14). 

In  the case of polybasic acids the extrapolation function is complicated 
by stepwise dissociation and the presence of polyvalent ions, but this is of 
little practical importance if the ratios of the constants of the several 
dissociation processes are greater than lo3 or lo'. The second ionization - constant of phosphoric acid is especially well suited for determination by 
this method and will be used to outline the details of the calculations (57). 
The cel may be represented by 

VI1 Hz 1 MH2POa(md, MzHPOd(mz), MC11 AgC1-Ag 

and its electromotive force by equation 1. 
stant of phosphoric acid is given by 

The second dissociation con- 

which leads to 

by elimination of yHmH with equation 1. The last term on the right 
contains the activity coefficients of two univalent ions in the numerator and 
of a bivalent ion in the denominator. Application of the Debye-Huckel 
equation to this term allows its replacement by - 2 S d L  =t flp a t  high 
dilution. Combining all known quantities in the left member, equation 
16 becomes 
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The value of the constant = t t p  is not determined by present theory, but 
this is immaterial because it is introduced solely to indicate that a plot 
of the bracketed member of equation 17 against p should be linear a t  high 
dilution and permit the evaluation of -log K 2 A  by extrapolation. Figure 3 
illustrates the extrapolation at 25OC. (57). 

It is interesting to note that, in the phosphate buffer solutions employed, 
the value of mH is of the order which is so small relative to mi and mz 
that it may be disregarded in computing mH,po, and mHp0,. If, however, 
mH is very much less than the effects of the hydroxyl-ion concentra- 
tion and hydrolysis of the acid anion must be taken into account. In  
general practice it will be found that both mH and mOH may be neglected 

if N 1 and K is between and lo-'. 
m2 

P 
FIG. 3.  Evaluation of the second ionization constant of phosphoric acid a t  25°C 

Lower curve: sodium salts, n t ~  = ml. Upper curve: monosodium phosphate and 
dipotassium phosphate, 4ml = 3m2. 

The dissociation constant of HB02, or perhaps more properly the first 
dissociation constant of H3B03, is so small (ca. 6 X lo-'') that  OH must 
be considered at  high dilution. In  this case mHR = m1 +  OH, mR = 

m2 -   OH, and mOH N Kn 3 can be estimated with sufficient accuracy 

from a rough approximation of the hydrolysis constant, Kh, of the acid 
anion. The tendency of boron to form complex acids in concentrated 
solution results in a peculiar plot of the extrapolation function of equa- 
tion 14. The ratio ml/W 
is 1 in the upper curve, about 1.2 in the short central curve, and about 
2.7 in the lower curve. It should be remarked that the upper curve is 
practically horizontal below p N 0.01, which makes extrapolation of that 
series unnecessary beyond this point. Furthermore, equation 14 may be 
used to determine Eo once KA has been evaluated. The combination of 

ml 

Figure 4 illustrates its behavior at 25'C. (67). 
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these circumstances and the stability of iodides in alkaline solutions has 
made it possible to determine Eo for the silver-silver iodide electrode (69) 
with much greater ease than by the orthodox use of cells containing dilute 
hydriodic acid solutions. The use of buffer solutions has been found 
advantageous in determining other standard electrode potentials (3, 70) 
as well. 

The dissociation constants of weak bases can be determined by a method 
analogous to that used for acids. Since silver chloride is soluble in am- 
monia and most amines, some substitute for the silver-silver chloride elec- 
trode must be used in many basic systems. The sodium amalgam 
electrode is known (42) to give results comparable with those of the 
silver-silver chloride electrode in a system where both can be used, and 
the use of thallium amalgam has been suggested (73). The silver-silver 

9.27[, , I--- I 1 

P 
FIG. 4. Evaluation of the ionieation constant of boric acid at 25°C. The ratio 

mRBO,/mBO, is 1 in the upper curve, 1.18 in the center curve, and 2.69 in the lower 
curve. 

iodide electrode is the most convenient one for the purpose and will be 
used to illustrate the method. 

The cell can be written 

VI11 Hz I BOH(ml), BI(m2) I AgI-Ag 

and its electromotive force can be expressed by equation 1 if the substitu- 
tion of I- for C1- is taken into account. The unknown factor -,"mH can 
be eliminated by the introduction of the expressions 

YHYOH K ,  = - ~ H ~ O H  
UHlO 

and 
YBYOH 

KB= - ~ B ~ O H  
YBOH 
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The resulting extrapolation function can be written 

after -S& f Pp has been substituted for log YB^/I/YBoH. Preliminary 
measurements on ammonia buffers (68) resulted in a value for KB of the 
expected order of magnitude. The high vapor pressure of ammonia and 
its action upon the glass of the cells make it much less amenable to precise 
investigation than weak acids, so that it has not yet received the attention 
i t  deserves. The most reliable values for the dissociation constants of 
bases are probably the values of KB derived for the basic dissociation of 
ampholytes discussed in the next section. 

5. DETERMINATION OF THE IONIZATION CONSTANTS O F  AMPHOLYTES 

The determination of the ionization of the most important ampholyte, 
water, by cells without liquid has been discussed in section 2. The other 
ampholytes that have been investigated by this method have all been 
aliphatic amino acids. The neutral molecules of these compounds in solu- 
tion have been shown (2, 5, 9, 79) to be mainly zwitter ions, or amphions, 
bearing a positive and negative charge. If such molecules are indicated 
by Z*, the acidic and basic dissociation of a simple amino acid may be 
represented conveniently by 

ZH+ e Z* + H+ 

ZOH- S Z* + OH- 

(20) 

(21) 

and 

and the corresponding ionization constants by (5, 42) 

and 

The most convenient determination of acidic ionization is performed with 
cells containing approximately equal concentrations of amino acid and its 
hydrochloride. Thus for the cell 

Hz 1 Z*(md, HZCl(m2) I AgC1-Ag 
the electromotive force is given by equation 1, and elimination of yHmH 
by equation 22 leads to 

IX 
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The last term of the left side may be replaced by - 2 S d G  f ,911 and the 
unknown linear term transposed to give an extrapolation function, 

+ log mc'mZH ___ - 2 S G  = -log K A  f ,9p (25)  
( E  - Eo)F 
- 

2.3RT mz 

very similar to that used for phosphoric acid. Since mcl = mz, mZ = 
ml + mH, and mzH = mz - mH, the concentration term may be evaluated 
by successive approximations from a preliminary value of KA obtained 
by neglecting mH altogether. Convergence of successive approximations 
is rather slow for the amino acids investigated to date because their values 

:' 
FIG. 5 .  Determination of the acidic ionization constant of dl-alanine a t  25'C. 

In the upper curve -2s~'; has been replaced by experimental values of log YHYCI 
in pure sodium chloride solutions. 

of K A  are of the order to 
rewrite equation 1 as 

It is perhaps more satisfactory to 

and estimate mH with the help of the approximation 

log?H?'Cl = - 2 s h  
Figure 5 illustrates the use of equation 25 in evaluating KA for dl-alanine 

(60). At each temperature the lower curve is the plot of the left-hand 
member of equation 25 against p. The upper, almost horizontal, curve 
represents an alternative function obtained by replacing - 2S2/; in equc- 
tiOn 25 by known values of log YHYCl in pure aqueous solutions at  the ionic 
strength and temperatures in question. Since both extrapolation func- 
tions must give the same value of -log I<*, their difference in slopes is of 
some practical advantage in accurately locating the common intercept. 
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The basic ionization constants of ampholytes can be determined by cells 
of the type 

X HZ 1 Z'(ml), MZOH(mz), MCl(m3) 1 AgC1-Ag 
in which the concentrations of the constituents are usually made equal. 
MZOH represents a convenient alkali (sodium or potassium) salt of the 
ampholyte and MC1 the corresponding chloride. Strictly speaking, the 
symbol MZOH indicates a hydrated form of the salt, which is here used 
for convenience in exposition. The question of hydration affects the inter- 
pretation of KB but not its numerical evaluation. 

Eliminating yHmH and YoHmoH between equations 1 and 23 and the 
expression for the ionization of water, we obtain 

+ 

2 -4.10 -4.10 

-4.15 

-4.20 

I I 
0 0 2  0 04 0.06 

)1 

FIG. 6. Evaluation of the basic ionization constant of glycine a t  25°C. and 
35°C. (upper curve) 

The last term on the right involves only neutral molecules and the ratio 
of two similar ionic activity coefficients. It is therefore linear in p a t  high 
dilution. 

Figure 6 illustrates the use of this extrapolation function to evaluate 
the basic ionization constant of glycine (66). 

6. NUMERICAL VALUES OF IONIZATION CONSTANTS AND THE DERIVED 

Tables 1 and 1A summarize the ionization constants obtained by these 
methods.' Only observed values free from temperature smoothing are 

1 While this article was in press, the ionization constants of oxalic acid in water 
and some methanol-water mixtures were reported by H. C. Parton and R. C. 
Gibbons (Trans. Faraday SOC. 36, 542 (1939)) and H. N. Parton land A. J. C. 
Nicholson (Trans. Faraday SOC. 36, 546 (1939)). 

THERMODYNAMIC FUNCTIONS, AHo, ASo, AND 
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recorded. I n  the case of water "best" values from various determina- 
tions (31) are given. Two of the acids in table 1 have been independently 
studied at 25°C. The values KA = 1.77 X for formic acid and 
KA = 1.75 X for acetic acid were obtained by Harned and Owen (41) 
in the first calculation of ionization constants from cells without liquid 
junctions. 

There is a discrepancy of 1 or 2 per cent between the independently 
determined constants of dl-alanine that appear in table 1 and those given 
in table 1A. Whenever the absolute magnitude of K.k or KB is required 
the data of table 1 are to be preferred, because the results in table 1A 
were obtained on very limited quantities of the amino acids and without 
complete exclusion of air during the cell manipulation. On the other 
hand, the thermochemical quantities derived from the temperature coeffi- 
cients of KA and KB for alanine are possibly more accurately derived from 
table 1A because of the longer temperature range. 

Precise conductometric determinations, in which proper account was 
taken of ionic interaction, are now available for a number of acids. For 
purposes of comparison all conductometric ionization constants have been 
converted to a molality basis by multiplication of the values given in the 
literature by the specific volume of water a t  the proper temperature. 
MacInnes and Shedlovsky (53) found K A  = 1.758 X lo-' for acetic acid 
a t  25°C. Belcher (4) recently obtained KA = 1.347 X lo-' for propionic 
acid and KA = 1.512 X10-5 for n-butyric acid a t  25°C. 

Saxton and Langer (74) and MacInnes, Shedlovsky, and Longsworth 
(54) reported the almost identical values 1.400 X 
for chloroacetic acid at 25°C. These figures are certainly to be preferred 
to the lower value in table 1, which required the use of a secondary stand- 
ard electrode (quinhydrone), but the temperature coefficient and thermal 
quantities derived from the electromotive force study are probably correct. 
Martin and Tartar (55) obtained KA = 1.391 X for lactic acid a t  
25°C. by the usual conductance study over a wide concentration range, 
and then extended their calculations to other temperatures by measure- 
ments on 0.001 normal solutions of lactic acid, potassium lactate, hydro- 
chloric acid, and potassium chloride. Their values a t  0" and 5OOC. are 
1.317 X and 1.290 X respectively. 

Among the remaining acids in table 1 only phosphoric and sulfuric acids 
have had their ionization constants estimated by modern conductometric 
methods. Making use of the data of Abbott and Bray (1) and Noyes 
and Eastman (62), Sherrill and Noyes (75) obtained KIA = 8.31 X 
for phosphoric acid a t  18°C. From the data of Noyes and Stewart (63) 
they derived the value &A = 1.18 X lo-' for sulfuric acid at 25°C. 
Taking the above comparisons as a whole, the agreement to be expected 

and 1.401 X 
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between the modern conductance and electromotive force determinations 
of ionization constants is of the order of 1 per cent. 

Space will not permit comparison with all of the estimates of ionization 
constants obtained from cells involving liquid junctions, but we will present 
some recent values to show the order of the agreement that can be ex- 
pected from modern technique and calculations in accord with the in- 
terionic attraction theory. The values obtained with liquid junctions 

TABLE 1A 

Observed ionization constants (76) 

ELECTROLYTE 

&Alanine, KA X 103 . . . . . . . . . . . . . . . . . . . . . . . . . . . . .  
K B  X 106 . . . . . . . . . . . . . . . . . . . . . . . . . . . .  

dl-a-Amino-n-butyric acid, K A  X 108. . . . . . . . . . . . .  
KB X 106.. . . . . . . . . . . .  

dl-a-Amino-n-valeric acid, KA X 108. . . . . . . . . . . . .  
K B  X 106.. . . . . . . . . . . .  

dl-Norleucine, KA X 108.. . . . . . . . . . . . . . . . . . . . . . . .  
KB x 104 . . . . . . . . . . . . . . . . . . . . . . . . .  

a-Aminoisobutyric acid, KA X l o 3  . . . . . . . . . .  
KB x 104.. . . . . . . . .  

dl-Valine, KA X 103.. . . . . . . . . . . . . . . . . . . . . . . . . . . .  
KB X 106.. . . . . . . . . . . . . . . . . . . . . . . . . . . .  

dl-Leucine, KA X lo3 . . . . . . . . . . . . . . . . . . . . . . . . . . . .  
KB X 106 . . . . . . . . . . . . . . . . . . . . . . . . . . . .  

dl-Isoleucine, KA X 108 ..................... 
K B  X 106 . . . . . . . . . . . . . . . . . . . . .  

CONSTANTS 

1°C. 

3.75 
4.83 

4.63 
4.25 

4.21 
4.04 

4.04 
4.41 

3.81 
1.14 

4.79 
3.24 

4.14 
3.57 

4.32 
3.61 

__ 2.5"C. 

4.14 
6.10 

4.90 
5.50 

4.57 
5.18 

4.41 
5.62 

4.17 
1.38 

5.05 
4.21 

4.49 
4.52 

4.59 
4.57 

- 
25°C. 

4.49 
7.40 

5.18 
6.81 

4.81 
6.47 

4.62 
6.87 

4.40 
1.61 

5.18 
5.27 

4.70 
5.60 

4.81 
5.77 

- 
17.5%. 

4.68 
8.73 

5.15 
8.22 

4.91 
7.64 

4.74 
8.05 

4.46 
1.84 

5.11 
6.28 

4.71 
6.71 

4.82 
6.79 
__ 

__ 
50°C. 

4.66 
9.86 

5.05 
9.38 

4.86 
8.63 

4.70 
9.16 

4.41 
1.99 

4.90 
7.28 

4.65 
7.59 

4.66 
7.85 
__ 

recorded in table 2 were determined by Larsson and Adell (52) a t  18°C. 
The corresponding values from cells without liquid junctions were inter- 
polated to this temperature by means of the constants KO and 0 given in 
table 3. 

The results in table 1 may be expressed with an average accuracy of 
the order of 0.002 in log K by the equation of Harned and Embree (29), 

log K = log KO - p ( t  - 
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The concordance of this equation with the data in table 1A is within 0.003 
in log K, on the average, with occasional differences as high as 0.007. 

KO is the value of K a t  its maximum, 8 is the temperature a t  which K 
is a maximum, p has the value of 5 X deg? except for boric acid, 
in which case 8 X was used. The temperature is expressed at 1°C. 
Values of the parameters of this equation are recorded in table 3 for all 
of the electrolytes in tables 1 and 1A except sulfuric acid and water. 
These last two electrolytes cannot be satisfactorily expressed by an equa- 
tion of the form of equation 28. In addition to the systems in which the 
solvent is pure water, all of the results obtained in aqueous mixed solvents 
by cells without liquid junctions are included at the bottom of table 3. 
Equation 28 also reproduces these results within their apparent experi- 
mental uncertainties. The practical effectiveness of this equation will be 
further demonstrated in the next section by table 5 in conjunction with 
equation 54. 

TABLE 2 
Comparison of ionization constants at 18°C. derived from cells with and without liquid 

junctions 

ACID 

Formic. ......................... 
Acetic. . . . . . . . . . . . . . . . . . . . . . . . . .  
Propionic. . . . . . . . . . . . . . . . . . . . . . .  
n-Butyric ....................... 
Chloroacetic . . . . . . . . . . . . . . . . . . . .  
Lactic.  . . . . . . . . . . . . . . . . . . . . . . . . .  
Glycolic. . . . . . . . . . . . . . . . . . . . . . . .  

WITH LIQUID JUNCTIONS 

1.79 x 10-4 
1.73 X lo-& 
1.32 X 
1.53 x 
1.49 X lo-* 
1.38 x 10-4 
1.462 x 10-4 

WITHOUT LIQUID JUNCTIONS 

1.76 x 10-4 
1.75 X lo-' 
1.34 X lo-& 
1.56 X 10-6 
1.44 x lo-' 
1.37 x 10-4 
1.355 x 10-4 

The heat content and heat capacity changes of the ionization reaction 
at unit activities are given by the equations 

AH' = -4.575 x 1 0 - ~ ~ ~ ( t  - e) 
A C O ~  = -4.575 x ~o-'T(T + 2(t - e)) 

(29) 
(30) 

derived by differentiation of equation 28. The free energy and subse- 
quently the entropy changes may be obtained from the customary funda- 
mental thermodynamic relations 

AF' = -2.3026RT log K 
AH' - AF" 

T AS' = 

The equation employed in the estimation of the thermochemical quantities 
for sulfuric acid is the one given by Hamer (14) 
log K ~ A  = -1387.6/T + 1.15612 log T - 1.355 X lO-'T 

- 3.8182 X 10-'T2 + 3.27632 (33) 
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For the ionization of water we employed the equation 

log K ,  = -4787.3/T - 7.1321 log T - 0.010365T + 22.801 (34) 
given by Hariied and Hamer (32). This equation satisfactorily expresses 
the selected values given in table 1 from 10" to 35"C., but we believe it 
should not be employed outside this range. This lir+tation in the use of 
equation 34 undoubtedly introduces considerable uncertainty in the values 
of AH', AC:, and AS' derived from it. This error, due to empirical curve 
fitting, is inherent in all determinations of thermochemical data from 
electromotive force measurements, but, other things being equal, i t  is 
minimized by studying as large a temperature range as possible. A fair 
idea of the magnitude of the curve-fitting error can be had by comparing 
the values in table 3 with those obtained from equations of the form of 
equation 34 as reported in the original experimental investigations. These 
values a t  25°C. are AH' = -112, ACL = -33.9 for acetic acid, AH' = 
-168, AC; = -37.7 for propionic acid, AHo = -1170, AC; = -34.9 
for chloroacetic acid, and AH: = 1159, AC;* = -30.6, AH: = 2765, 
AC;, = -22.2 for glycine. With the exceptions of water and sulfuric 
acid already noted, all of the electrolytes in the tables have been 
expressed in terms of equation 28. An elaboration of this discussion of the 
uncertainties of derived quantities, with particular reference to equation 
28, can be found in the papers by Walde (77) and Pitser (71). The latter 
paper will be given consideration later, because i t  contains original experi- 
mental results and the proposal of a simple two-constant equation to 
replace equation 28. 

One significant generalization, which shows the importance of deter- 
mining ionization constants as a function of temperature, may be imme- 
diately obtained by inspection of table 3. I t  is clear that no simple 
inference is to be drawn from the values of AF', AH', and AS', but ACL 
exhibits some interesting regularities. With the exception of HSOh, 
H3P04, and H2P04, the results may be arranged in three groups, corre- 
sponding to the type reactions, 

HA + H2O + A- + AC: N -41 

AC: m -36 

AC: N -22 

This relationship may be stated in a more significant way by comparing 
all of the results with a common reference reaction. For this compari- 
son we have chosen the ionization of water, 

'NH3RCOZH + H2O S 'NH3RC02 + H30' 

NHzRCOT + H20 e 'NH3RCO; + OH- 

HgO + HzO OH- + HsO+ ACi = -42.5 
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although other reactions (e.g., acetic acid) would be suitable. Subtracting 
the above three reactions in turn from the water reaction, and including 
the first of them, we obtain 

( 4  AC: C+ -41 

(b) A- + HzO $. HA + OH- ACL N 0 

(c) 'NH3RC02 + HzO +NH3RC0zH + OH- A C i e  -5  

(d) 'NHSRC02 + HzO $ NHzRCO2 + H30' AC: N -20 

HA + HzO e A- + H30' 

Although the deviations from these average values amount to several 
calories, this classification is surprisingly clear-cut. Consideration of these 
reactions leads to several important conclusions. 

AC: is more closely associated with the type of the reaction than the 
other thermodynamic quantities AF', 'AH', or ASo. The isoelectric reac- 
tion (b) produces practically no change in heat capacity, whereas reaction 
(a), which forms ions from neutral molecules, produces the greatest change 
in heat capacity. Reactions (c) and (d) are of the same electrical type but 
give rise to AC: of quite different magnitudes. AC: for reaction (c) is 
only - 5  calories and is, in this respect, similar to the isoelectric type (b), 
while AC: for reaction (d) is about midway between the isoelectric type 
and reaction (a), which forms ions from neutral molecules. Furthermore, 
by subtracting reaction (c) from reaction (d) we obtain a second isoelectric 
reaction, 

(e) 'NHaRC02H + OH- F! NHzRCO; + H30+ AC: N - 15 

with another characteristic value of AC:. These considerations show very 
clearly that the chemical type,  a s  well as the electrical type,  of these reactions, 
i s  important in determining the magnitude of AC;. It is also brought out 
by table 3 that AC: for the ionization of acetic acid in aqueous mixed 
solvents is very nearly the same as that found in pure water, although the 
dielectric constant has been varied from 78.5 to 17.7. 

A theoretical treatment of ionization equilibria involving considerations 
of molecular dissociation (non-Coulombic forces) and Coulombic forces 
between the ions is beyond the scope of the present purely thermodynamic 
discussion, but several papers dealing with this subject should be briefly 
noted, Moelwyn-Hughes (56) has derived a "semi-empirical" equation 
for K from kinetic considerations, and Gurney (10) has proposed a theory 
to separate the non-Coulombic from the electrostatic force effects and has 
interpreted different types of ionic equilibria on this basis. 

Pitzer (71) points out that ACi for most of the electrolytes in table 3 
is of the order of -40 calories. If this value is assumed to apply to  the 
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first ionization of all of the electrolytes at all temperatures, their ioniza- 
tion constants may be expressed by the equation 

log K = A + B/T - 20 log T (35) 

which has the orthodox form of equations 33 and 34 simplified by the 
assumption regarding AC:. He shows that this equation will express the 
data of table 1 over a wider temperature range than equation 28 and 
include the data for water as well. This gain in range, however, is obtained 
a t  considerable sacrifice in simplicity and ease of calculation, as the two 
adjustable parameters A and B must be obtained to a relatively large 
number of significant figures (cf. equations 33 and 34) if log K is to be 
reproduced within the experimental error. Within the temperature limits 
given in the second column of table 3 both equations are as good as the 
experimental data, but equation 28 is to be preferred because of its “slide- 
rule” convenience. 

Pitzer also estimates from theoretical considerations that the entropy of 
ionization (first hydrogen only) of an acid should be of the order of -22 
calories. The agreement of this figure with the average of the results in 
table 3 is surprisingly good, even in mixed solvents. 

7. MIXED SOLVENTS. MEDIUM EFFECT 

I n  discussing the influence of the solvent medium upon the numerical 
value of the activity coefficient, or ionization constant, of an ionized 
solute, reference will frequently be made to various medium effects. I n  a 
solution of an electrolyte in the presence of neutral (non-aqueous) mole- 
cules, the total medium effect is defined as the logarithm of the ratio of the 
activity coefficient of the electrolyte in the presence of the neutral mole- 
cules and in pure water a t  the same concentration of electrolyte. Both of 
the activity coefficients in this ratio are referred to unity a t  infinite dilution 
in pure water. The primary medium efect is the limit to which the total 
effect converges as the electrolyte concentration approaches zero. The 
secondary medium efect is always given by the difference between the total 
and primary effects. 

To make use of these terms without confusion, we must be able to 
identify the reference state of any activity coefficient. Throughout this 
section all activity coefficients in any medium are understood to be referred 
t o  unity at  infinite dilution in pure water unless written with an asterisk 
(viz., y*),  in which case they are referred to infinite dilution in the medium 
in which the solute is dissolved. When this medium is pure water, a 
superscript zero will be used (viz., y , Do, etc.). A subscript zero indicates 
that the concentration of electrolyte is zero, except in the conventional 

0 
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representation of standard potentials such as Eo. Thus for all concentrn- 
tions, we may write 

log Y = log Yo + log Y* (36) 

log - Y = log yo + log Y* - 
YO YO (37) 

0 since yo = 1. This last equation gives the definitional relationship be- 
tween the total, primary, and secondary medium effects (64) (appearing 
in that order from left to right). 

Born (6) derived the equation 

121 1 
log YO = - r ( D  - &) 

for the primary medium effect on a uni-univalent electrolyte a t  25°C. 
The effective radius, r ,  of the ions is defined by 2/r = l / r+  + l / r - .  Be- 
cause of the oversimplified physical conditions subsumed in its deriva- 
tion, this equation is only a rough approximation (65) at best. In mixed 
solvents in which a change in dielectric constant, D, is accompanied by a 
large change in the effective molecular weight of the solvent, the observed 
values of log 70 may be much smaller than required by equation 38 and 
may even assume negative values in some cases (65). 

In  very dilute solutions the secondary medium effect is given by 
3 1 2  3 1 2  - log Y' - = 352 {(A) - (&) } 6 

Yo 
(39) 

for a uni-univalent electrolyte at 25°C. This equation is, of course, a 
consequence of the Debye-Huckel limiting law (8) and is a satisfactory 
expression for the influence of the solvent upon ion-ion interaction at lorn 
ionic strengths. 

Very few studies of medium effect come within the scope of the title of 
this review, but they will suffice for purposes of illustration. The primary 
and total medium effects of undissociated acetic acid molecules upon 
hydrochloric acid have been directly measured (64) at  25"C., and it has 
been shown how these quantities may be taken into account in deter- 
mining the ionization constants of weak electrolytes (35, 41). The 
primary medium effect of 10 and 20 per cent methanol (30) and of 20, 
45, and T O  per cent dioxane (39) on acetic acid has been measured over a 
wide temperature range. 



IONIZATION OF WEBK ELECTROLYTES 55 

For simplicity the latter results will be considered first. The cells em- 
ployed are represented by the following example : 

XI Hz I HR(m,), T\;aR(m,), NaCl(m,), X per cent ethanol 1 AgC1-Ag 

There are two simple thermodynamically equivalent ways of expressing 
the electromotive force of such a cell, viz., 

and 
F(E - E t )  * *  

= -log mH mcl - log YH Y C ~  2.3RT 

In  the first expression -Eo is the standard potential of the silver-silver 
chloride electrode in pure water. In  the second expression -Eo* is the 
standard potential in the mixed solvent. Combination of these two equa- 
tions and comparison with equation 36 show that the primary medium 
effect of the alcohol upon the hydrogen and chloride ions is directly given 
by the two standard potentials. Thus 

The primary medium effect of alcohol upon the activity coefficient, or 
ionization constant, of acetic acid can be determined by extrapolation of 
the data for the above cell in accordance with the procedure outlined in 
the fourth section of this review. Employing equation 41 we would obtain 
a quantity KZ the value of which is a function of the medium, because y* 
is always unity a t  infinite dilution. If we write 

mHmR Y H Y R  and kA = ___ 
YHR mHR YA = __ 

the thermodynamic ionization constant in pure water, KA, is related by the 
definitional equation, 

(43) * 2  2 *  KA = Y;~A = Y ~ ~ Y A  k~ Y O ~ K A  

to the properties of the acid in the mixed solvent. Accordingly, 

KA log YOA = - log -* 
KA 

(44) 

Table 4 contains the values of Eo* and Ko* obtained in methanol-water 
and dioxane-water mixtures and the corresponding values of log yoHc, 

and log yo*. The medium effect of acetic acid molecules upon hydrochloric 
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BOLYENT 

Pure water..  . , . , . . . . . . . . . 
10 per cent methanol.. . . . 
20 per cent methanol.. . . . 
20 per cent dioxane.. . . . . 
45 per cent dioxane. . . . . . 
70 per cent dioxane.. . . . . 
82 per cent dioxane.. . . . . 
10 per cent acetic acid. . , 
20 per cent acetic acid. .  . 
30 per cent acetic acid.. . 
40 per cent acetic acid. . . 
50 per cent acetic acid.. . 
60 per cent acetic acid.. . 

acid was calculated from the measurements of Owen.2 It will be noticed 
that the medium effect of acetic acid upon hydrochloric acid is greater 
than that of methanol or dioxane and that the effects of the latter upon 
acetic acid are greater than upon hydrochloric acid. The medium effect 
of acetic acid molecules upon ionized acetic acid has not yet been deter- 
mined experimentally, but it will be referred to in the discussion to follow. 

If equation 40 were employed for extrapolation instead of equation 41, 
the situation would be similar, in some respects, to that encountered with 
cells containing unbuffered solutions of weak acids. The extrapolation 
equation can be written 

E: 

0,22239 (26)t 
0.21535 (47) 
0.20881 (47) 
0.20803 (17) 
0.16352 (23) 
0.06395 (20) 

-0.0415 (48) 
0.21050 (64) 
0.19682 (64) 
0.18091 (64) 
0.16211 (64) 
0.13945 (64) 
0.11150 (64) 

TABLE 4 
Results i n  various solvents at 15°C. 

108 X K L  

1754 (25)t 
1247 (30) 
833 (30) 
511 (19) 
49.3 (19) 
0.478 (19) 
0.00723 

.OQ 7OHCl 

0.0 
0.0595 
0.1148 
0.1636 
0.4976 
1.3392 
2.230 
0.1005 
0.2161 
0.3506 
0.5095 
0.7010 
0.9373 

LOQ YoA 

0.0 
0.0741 
0.1614 
0.2678 
0.7755 
1.7823 
2.69 

t Reference to literature. 
3 Preliminary value obtained in this laboratory by Dr. Leslie D. Fallon. 

Extrapolation of the left-hand member to zero ionic strength yields -log 
KA + 2 log yoA - 2 log yoHc1, 80 that, knowing KA, we obtain the diference 
between the primary medium effect of methanol upon the weak acid and 
hydrochloric acid. From this i t  is clear that log yo* cannot be obtained 
from the above cell unless either log yoHcl or Eo* is known (cf. equation 42). 

HZ 1 HR(rn,), NaCl(m,) I AgC1-Ag 

We are now in a position to consider unbuffered cells of the type 

XI1 

* The relation employed is 
(0.22239 - E,*)/0.059155 = log yoHCl = 5.87N/2 + log d/da 

which may be derived from equations 14 and 18 of reference 64. 
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first used to determine ionization constants (41) and the activity coeffi- 
cients (43) of weak electrolytes in salt solutions. In  such cells the weak 
acid concentration was maintained constant a t  some particular value of ml, 
n-hile the salt concentration, m2, was varied. If the electromotive force 
expression for this cell be rearranged and 2 log Y~~~~ added to both sides 
of the equation, we can write 

["(:,,"I + log m2 + 2 log yoHcl = -log mH - 2 log YHCl - (46) 1 YOHCl 

The right-hand member contains the total medium effect of the weak acid 
upon the chloride and hydrogen ions. This quantity is ordinarily un- 
known. We will therefore define an apparent hydrogen-ion concentra- 
tion, mfr, given by 

(47) YHCl 

YoHCl 
log m; = log mH + 2 log - 

and hence directly calculable from the left-hand member of equation 46. 
The corresponding apparent activity coefficient of the weak acid is defined 
in terms of the thermodynamic ionization constant by the equation 

analogous to the expression 

connecting the real activity coefficient with the real hydrogen-ion concen- 
tration. In  both of these expressions all activity coefficients are referred 
to  unity at infinite dilution in pure water. 

Combining equations 47, 48, and 49, we find that 

which shows that log 7; is expressed in terms of real activity coefficients 
and indeed must simulate the properties of a real activity coefficient when 
the term containing mf.I is small. If the concentration, ml, of the weak 
acid is kept constant while the ionic strength is altered by variations in 
salt concentration, mz, we can obtain a series of values of mk and k; in a 
ml - mH molal solution of unionized weak electrolyte in water. So long 
as mH is much smaller than m1, the composition of the solvent is very 
nearly constant, and the primary medium effect and, as a first approxi- 
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mation, the total medium effect may be considered independent of the 
salt concentration. It, is therefore practicable to obtain 

Lim. I 

!J+o k;* = k* 

by extrapolation. The logarithm of the corresponding quantity 

is of the nature of a primary medium effect, since it would be 

log Yo* - 2 1% 70,a 
by equation 50 if the concentration term is eliminated by the extrapolation. 

-3.51 I 

1 
3 6 0 12 

-501 

m, 

FIG. 8 
FIG. 7.  Evaluation of kb, for acetic acid a t  25°C. for various values of ml. Read- 

The dashed line represents the ing down, ml = 10.2, 5.41, 1.0, 0.52, 0.2, and 0.1. 
hypothetical limiting curve when ml = 0. 

FIG. 8. Evaluation of log K A  for acetic acid a t  25°C. 

The extrapolation of log k i  is performed by means of the equations 

log ki - 2 s 4 7  = log kLA f 2pF’ (51) 
or 

2sfl = log kiA f. 2pp’ 
1 + A d 7  

logkl  - 

in which p’ = mz + rn; is used for m2 + mH as a very close approximation. 
The use of the numerical value of S for pure water neglects the secondary 
medium effect of the weak acid, but this approximation is unavoidable 
because the influence of IIR molecules upon the dielectric constant of the 
solvent is generally unknown. The extrapolation is illustrated by figure 7 ,  
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in which log k; ,  is determined for acetic acid (41) for six values of ml by 
equation 51. A recent investigation (35) shows that it is necessary to use 
equation 52 if higher values of p’ are included. 

From the nature of yiA it is clear that it must become unity when 
ml = 0, for under this condition the medium is pure miter. According to 
equation 48, extrapolation of khA1 to ml = 0 must therefore yield Kai. 
This second extrapolation is shown in figure 8. The fact that this extra- 
polation is linear within the experimental error is without theoretical 
significance, as it is impossible at present to evaluate the effects of the 
several approximations involved in the calculations. I t  is known that 
log yOHcl is not linear (64) when similarly plotted, but the behavior of log 
yo, is u n k n o ~ n . ~  

The nearly parallel nature of the lines for low concentrations in figure i 
suggests that the broken line drawn from the intercept log K A  would 
closely represent the properties of infinitely dilute acetic acid in sodium 
chloride solutions. On such solutions the medium effect of the weak acid 
is zero. Therefore, dropping the primes in equation 51 or 52 and referring 
to equation 49, it follows that the slope of the broken line can be identified 
with 20 in an equation such as 

which readily permits evaluation of the ionization, or activity coefficient, 
y B ,  of the weak acid in salt solutions. 

Rarned and Hickey (35) have determined k.1 for acetic acid in sodium 
chloride solutions by this method from 0” to 40°C. They found that 
the temperature variation could be expressed by the relation 

log k.1 = log kfi - 5 X 1O-’(t - 29)’ (54) 
similar to equation 28. This leads to the interesting conclusion that log 7.4 
varies linearly with temperature, for by combining equations 53 and 54 
with equation 28 we can obtain 

log yA = 1/2 log ~ ~ / k ~  + 2.5 x 10-~(29’ - e’) - 5 x io-’@ - e)t (55) 

Owing to an unfortunate oversight in the paper of Harned and Owen (41)) the 
third equality in their equation 17 is invalid, as i t  neglects the medium effect of 
acetic acid upon the real y.1. The third sentence on page 5081 of that paper is also 
erroneous, as i t  refers These 
errors were not detected when Oxen (64) correctly measured log yaHCl direct!y and 
compared i t  with the value estimated from equation 17 of reference 47 and the slope 
of figure 8 of the present review. Although this “comparison” does not serve its 
original purpose, i t  might be taken to indicate that the medium effect on y-4 is smaller 
than tha t  upon YHC1. I t  should be noted that the ordinate of figure 4 (reference 64) 
should have been labelled “2 log yo)’, as may be seen from the context. 

t o  “a given solvent” rather than to  pure water. 
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Values of log k~ and 8 are given in table 5. The average deviations between 
observed values of log k~ and those calculated by equation 54 are indi- 
cated by Aave.. 

The behavior of the activity coefficients of two weak electrolytes in 
sodium chloride solutions is illustrated in figure 9, where they are com- 
pared with the activity coefficient of the strong electrolyte, hydrochloric 
acid, in the same salt solutions. Although the activity coefficients of 

TABLE 5 
Parameters of equat ion 64 f o r  acetic acid in sodium chloride solutions 

P 

0.00 
0.02 
0.03 
0.06 
0.11 
0.21 
0.51 
1.01 
2.01 
3.01 

-LOQ kg 

4.7544 
4.6388 
4.6189 
4.5798 
4.5432 
4.5061 
4.4752 
4.4957 
4.5875 
4.7132 

t9 

22.6 
25.1 
25.6 
26.4 
27.6 
29.2 
32.3 
35.7 
45.0 
50.9 

Aave. 

0.0009 
0.0007 
0.0007 
0.0007 
0.0009 
0.0011 
0.0009 
0.0012 
0.0029 
0.0038 

P 
FIG. 9. Comparison of the activity coefficients of electrolytes in sodium chloride 

Smooth Curve, log YHYCl; O, lOgYHYOH/aHlo;  +, log YHYAdYHAo. SOlUtiOnS a t  25°C. 

other weak acids and ampholytes have been studied by means of cells 
without liquid junctions, they are not included in figure 9, because the 
corrections for medium effects were incomplete or neglected. A large 
number of such systems have also been studied by cells with liquid junc- 
tions (50, 51, 52), and by catalytic (7, 34) or optical (11, 12, 13) methods. 

The simplest interpretation of the close similarity in the behavior of log 
y ~ ^ / c l  and log Y H Y A ~ / ~ H A ~ ,  or log YHYOH/UH~O,  is to infer that the effect of 
the ionic strength of the salt upon the two terms Y H A ~  and U H ~  is relatively 
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insignificant in dilute solutions. The correctness of this inference is born 
out by theory and by a considerable body of experimental evidence. Using 
an optical method, von Halban, Kortum, and Seiler (13) have very accu- 
rately separated the activity coefficient function for the weak acid a-dini- 
trophenol into for the ionic constituents, and yu for the undissociated 
neutral molecule. They found log yu approximately linear in p. More 
recently (49) cells without liquid junctions have been used to yield such 
information. Larson and Tomsicek (49) found that Y H A ~  in a 0.5 normal 
acetic solution was changed less than 10 per cent when the ionic strength 
was increased to unity by addition of potassium acetate. 

By combination of the activity coefficients derived for acetic acid (35) 
with values (40) of yw = ~ H Y O R / L I H ~ O ,  the influence of sodium chloride upon 

+o.oc: 

0 

+': -0.ooc 
0 
0 

-0.OOE 

-0.008 

JF 
FIG. 10. Variation of log -yh for hydrolysis of acetate ion in sodium chloride 

solutions at 25°C. 

the hydrolysis of the acetate ion (at infinite dilution) can be readily investi- 
gated. The relationship between the hydrolytic reaction, 

Ac- + HzO e HAC + OH- 

and the ionization reactions of water and acetic acid is 

Since the four quantities yw, k,, YA, and kA are separately known in sodium 
chloride solutions, Yh and kh can be evaluated in these solutions. Values 
of Yh can be calculated from Kh and k h  tabulated by Harned and Hickey 
(36, 37). The results a t  25°C. are plotted in figure 10 as circles, the radii 
of which represent an uncertainty of 0.1 per cent in Yh . 

The total variation of Yh 

with salt concentration is very small, being less than 2 per cent. This 
nearly ideal behavior of the hydrolysis reaction maintains also at 30" and 

Figure 10 brings out two interesting points. 
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4OoC., but tends to disappear a t  lower temperatures. The second point 
of interest is the form taken by the plot in dilute solutions. Since Y h  is 
Y H A ~ Y o H / ~ H ~ o Y A ~  by equation 56, a plot of log Yh against 1/; must approach 
the intercept, log Y h  = 0, with zero slope. It is clear from the figure that 
this condition is not fulfilled a t  the lowest experimental concentration, 
0.02 M .  To illustrate the extreme dilutions which might be required before 
the plot shows definite signs of becoming horizontal, the curve is drawn for 
the ratio of two hypothetical univalent ions conforming to the Debye- 
Huckel equation. The “a” values were taken as 4.0 and 4.5&, and a 
linear term, 0.005 p, was selected to give approximate agreement with the 
data a t  high ionic strengths. The numerical values of these parameters 
are too arbitrary to be significant individually, but they demonstrate the 
essential conformity of the data with modern theory, and their difference, 
0.5 A., calls attention to the very small magnitude of the effect which has 
been measured experimentally. 

8. SUMMAR+ 

1. A careful analysis is made of the methods by which the thermo- 
dynamic properties of weak electrolytes may be determined in water, in 
salt solutions, and in mixed solvents by means of cells without liquid 
junctions. It is shown that thermodynamic ionization constants can be 
exactly determined by suitable cell measurements, but that the accuracy 
with which the concentrations of the ions of a weak electrolyte (water) in 
salt solutions can be determined is limited to the accuracy with which we 
know the degree of ionization of certain strong electrolytes. 

2. Two methods for determining the thermodynamic ionization constant 
of water are described and illustrated. 

3. It is shown how the ionization product, mHr?tQH, can be evaluated in 
neutral salt solutions. 

4-5. Suitable cells for determining the thermodynamic ionization con- 
stants of weak acids, bases, and ampholytes are described in detail. The 
practical graphical methods employed in the calculations are illustrated 
by five examples. 

6. Numerical values of the ionization constants are tabulated for all 
of the weak electrolytes, of various types, investigated by these methods. 
These results are compared with values obtained by conductometric meth- 
ods and by cells with liquid junctions. 

With the exception of the values for water and the hydrosulfate ion, 
these ionization constants may be expressed by the equation 

log K = log K~ - p ( t  - e)’ 
4 The numbering of the paragraphs in the summary is identical with that of the 

corresponding section headings of this review. 
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over a 30' to 50°C. temperature interval within the apparent experimental 
errors. The constant p has the value 5 X lo-', except in the case of boric 
acid, where 8 X lo-' is used. By means of this equation, AF', AH', ASo, 
and ACi for the ionization reactions at  unit activities have been estimated 
and their values a t  25°C. tabulated. It is remarked that AC; is more 
simply associated with the type of the ionization reaction than the other 
thermodynamic functions, and certain generalizations of a qualitative 
nature are pointed out. 

7. The formal influence of variations in the solvent medium upon the 
thermodynamic properties of the solute is presented. By separating this 
influence into a primary and secondary medium effect, it is shown what 
quantities may be determined from cell measurements involving mixed 
solvents. In  the light of this information, the interpretation of cell 
measurements on unbuffered weak acids in salt solutions is treated in some 
detail. It is shown how the activity coefficients of weak electrolytes may 
be estimated in neutral salt solutions. The hydrolytic reaction, 

Ac- + HzO e HAC + OH- 

is discussed, and some of the thermodynamic properties of this equilibrium 
are illustrated. 
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