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separation factor is of the order of 35%. Because 
of the sensitivity of a calculated S with slight 
changes in overvoltage values, the converse predic­
tion, i.e., overvoltage differences from separation 
data, may be made with a high degree of precision. 
However, one qualification must be borne in mind: 
in overvoltage measurements the initial state of the 
discharged ion is isotopically homogeneous, either 
pure H2O or pure D2O being used, whereas in sepa-

Information on the reactions of acids and bases 
in non-ionizing solvents can be expected to be use­
ful in understanding, separately, the dependence of 
acid and basic strengths on the structure of these 
compounds and on the solvation of the species pres­
ent in the acid-base equilibrium. Such studies have 
been made by Davis and co-workers1 and by Bell 
and Bayles2 using an acid with absorption in the 
visible region. 

By using changes in the infrared spectrum to fol­
low the acid-base reaction it was hoped to obtain, 
in addition to acid-base equilibrium constants, some 
information about the nature of the ion-pair pro­
duced in these non-ionizing, or better "non-disso­
ciating," solvents. That such reactions lead essen­
tially only to ion-pairs has been shown by the di­
electric constant studies of Davis and McDonald,3 

Maryott4 and by Fuoss and Kraus.6 Elucidation 
of the type of association between the ions does 
however not result from such measurements, 
whereas some information on this is furnished by 
changes in the infrared spectrum. 

Acetic acid and triethylamine are spectroscopi-
cally convenient for this study and the use of chloro­
form as a solvent, in addition to carbon tetrachlo­
ride, provides an indication of the effect of solvent 
interaction which, however, probably does not lead 
to complete dissociation of the ion-pair.6 

Before considering the acid-base equilibrium 
constants it was necessary-to identify the reaction 
product species present at various concentrations 
in the two solvents. 

Experimental 
AU spectra were obtained on a Baird Associates or a Beck-

man IR-2T instrument with rock salt optics, except for 

(1) M. M. Davis and H. B. Hetzer, Bur. Standards, J. Research, 48, 
381 (1952), with references to previous work. 

(2) R. P. Bell and J. W. Bayles, J. Chem. Soc, 1518 (1952). 
(3) M. M. Davis and E. A. McDonald, Bur. Standards, J. Research, 

42, 595 (1949). 
(4) A. A. Maryott, ibid., 41, 1, 7 (1948). 
(5) R. M. Fuoss and C. A. Kraus, THIS JOURNAL, 55, 3014 (1933). 
(fi) M. M. Davis, ibid., 71, 3544 (1949). 

ration work (particularly from dilute isotope con­
centrations), the ground state of one of the isotopes 
is considerably different. This reservation must be 
made in correlating overvoltage and separation 
measurements. 
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those of triethylammonium chloride, nitrate and picrate and 
the hydrochlorides of pyridine and aniline for which the latter 
instrument with a lithium fluoride monochromator was 
used. Beer's law was assumed and care was taken wherever 
possible to operate at fairly low absorptions so that no appre­
ciable error would be introduced. 

Cells of thickness 0.034, 0.095, 1.10 and 20.6 mm., as de­
termined by interference effects for the thin cells and direct 
measurement for the thicker ones, were used for the differ­
ent concentrations as follows: 1.0 molar in the 0.034, 0.5 to 
0.1 molar in the 0.095, 0.02 molar in the 1.10, and 0.001 
molar in the 20.6-mm. cell. 

The reagents were prepared or purified in the following 
manner. 

Triethylamine.—Eastman Kodak white label triethyl­
amine was dried over KOH and distilled through a 30-cm. 
packed column. The product, re20D of 1.4003, was stored 
over KOH. 

Triethylammonium Picrate.—Triethylamine was added 
to a concentrated solution of picric acid in 9 5 % ethanol. 
After recrystallization from ethanol the melting point was 
171-172°. 

Triethylammonium Chloride and Triethylammmonium 
Nitrate.—These salts were obtained by evaporation of 
solutions of the reagent grade mineral acid and triethyl­
amine. The products were dried under vacuum. The 
hydrochloride melted at 252-253°. 

Anilinium Chloride.—Addition of aniline to an aqueous 
solution of reagent grade hydrochloric acid gave a product 
which was recrystallized from water and dried under vacuum. 
The neutral equivalent was 129 and the melting point was 
198°. 

Carbon Tetrachloride.—Reagent grade CCl4 was stored 
over P2O5 and subsequently filtered into a distillation pot. 
A center cut of constant boiling point was taken from a 30-
cm. packed column. 

Chloroform.—J. T. Baker reagent grade chloroform was 
stored over CaCl2 and Drierite, filtered into a distillation 
pot and distilled. A center cut consisting of about half the 
charge was taken and used immediately. Only for the very 
dilute solutions, 0.001 M of acetic acid in chloroform was 
there evidence of some impurity interacting with acetic 
acid. The monomer-dimer equilibrium data reported else­
where showed large deviations from the constant obtained 
at higher concentrations when old or not carefully distilled 
chloroform was used. 

I. Nature of the Intermediates and Products.— 
To establish the absorption bands due to the salt, or 
ion-pair, formed from this acid and base the spec­
tra of a number of salts of triethylamine were ob­
tained. The spectra of the hydrochloride, nitrate 

[CONTRIBUTION FROM THE DEPARTMENT OF CHEMISTRY, NORTHWESTERN UNIVERSITY] 

Acid-Base Reactions in Non-dissociating Solvents. Acetic Acid and Triethylamine in 
Carbon Tetrachloride and Chloroform 

BY GORDON M. BARROW AND E. ANNE YERGER 

RECEIVED M A Y 10, 1954 

The reactions between acetic acid and triethylamine in carbon tetrachloride and chloroform, in the acid concentration 
range 0.001 to 1 molar, have been studied by infrared spectroscopy. The nature of the ion-pair products is clarified. The 
electronic structure, and infrared spectra, are dependent on the solvent interaction. Equilibrium constants are obtained for 
several reactions between the acid and the base in the two solvents. 



5212 GORDON M. BARROW AND E. A N N E YERGER Vol. 7(3 

and pi crate show split bands between 3.8 and 4 fx 
and can be assigned to the +N-H stretching mode for 
this group associated to its anion, as suggested by 
Lord and Merrifield.7 Our spectra were obtained 
in CHCI3 solution and the agreement with the re­
sults of Lord and Merrifield indicates that the asso­
ciation of the ion-pairs through the +N-H bond is 
not different in solution from that in the crystal. 
Similarly the spectrum of pyridinium chloride in 
CHCI3 shows, as previously reported7 for the solid, 
a broad band at 4.35 /J. and a well-defined doublet at 
4.78 and 5.05 p. Anilinium chloride also shows a 
similar set of bands, a broad doublet at 3.59, 3.84 p. 
and a weaker band at about 5 M- Although the 
assignment of the 5 11 band (observed also in acetic 
acid-triethylamine systems) has not been given, it 
appears reasonable to attribute it to a bending 
mode involving the proton in the system +N-H-X - . 
The appearance of either the 4 or 5 n band will be 
taken as evidence that the proton has been trans­
ferred to the amine to form an ion-pair salt. 

A detailed consideration of all the monomer and 
dimer bands of acetic acid is not necessary for the 
present purpose. These have been discussed by 
Sheppard and Hadzi.8 A suitable band charac­
teristic of dimer and not obscured by the monomer 
or triethylamine bands is the broad band at 10.7 ,u 
attributed to a 5(OH) mode, similarly the 7.8 p. 
C-O stretching band is helpful in establishing the 
presence of an undisturbed acetic acid dimer. The 
carbonyl band of the acetic acid dimer at 5.S M is 
also to be expected for a carbonyl group of acetic 
acid hydrogen bonded to any other molecule with 
approximately the hydrogen bonding strength of 
the acetic acid OH. Furthermore, the carbonyl of 
any other molecule may happen to have a carbonyl 
absorption band at about this frequency so 
the 5.8 IJ. band cannot be considered uniquely 
characteristic of the acetic acid dimer. 

At most of the concentrations used the monomer 
appears in relatively small amounts and the mono­
mer carbonyl band at about 5.65 y. is sufficient to 
determine the amount of this species. 

Bands attributable to a carboxylate group 
found at about G.3 u and are generally rather broad. 
While it would be expected in general that a group 
intermediate between a carbonyl and a carboxylate 
might exist, the results seem to indicate that the 

NEt3 CONCENTRATION. 

Fig. 1.—The optical density of some absorption bands in the 
system 0.1 M acetic acid-triethylamine in CCl4. 

(?) R. C. Lord and R. K. Merrifield, J. Chem. Pliys., 21, Hi'i ( IMS) . 
(S) Khrppard mill Hadzi, Prac. K..v. Stir. tljMidon). A216, 217 

( IUM). 

acetate ion in the ion-pair shows either a fairly 
sharp band at 5.8 ^ or a broad one at 6.25 to 6.4 y., 
with no intermediate types occurring. The ordi­
nary carboxylate band is of course to be identified 
with a situation in which the bonding to the two 
oxygens from the central carbon atom is essentially 
the same and not necessarily with the ionization of 
the acetic acid molecule. 

The absorption bands mentioned above are the 
most useful for deducing the structure of reaction 
products and for determining their concentrations. 

Species Present in Carbon Tetrachloride.— 
Spectra were obtained, as discussed in the Experi­
mental section of a series of solutions with a fixed 
concentration of acetic acid in CCU and a varying 
concentration of triethylamine. Such experiments 
were done with acetic acid concentrations of 1.0, 
0.3, 0.1 and 0.02 and 0.001 M. For the first four 
concentrations the proportion of monomer was 
small, amounting to about 10% for the 0.02 M solu­
tion, and will be neglected in considering the spe­
cies present during the titration. 

The plot of the optical density, log I0/I, vs. tri­
ethylamine concentration for the 0.1 M solution in 
a 0.1-mm. cell, Fig. 1, indicates, for all the acetic 
acid bands measured, a sharp change of slope or the 
value of zero when the acetic acid has been approxi­
mately half neutralized, i.e., when triethylamine 
has the concentration of 0.05 M. In particular, 
the acetic acid dimer bands at 10.6 and 7.76 p. have 
entirely disappeared at this concentration of tri­
ethylamine indicating a reaction to form a species 
Et3N(HOAc)2. 

For the most concentrated solution, 1 M, the 
disappearance of the dimer bands was complete at 
a triethylamine concentration of 0.3 or 0.4 M. This 
is interpreted in terms of a further association of 
the acetic acid molecules around the ion-pair, 
Et3N(HOAc)2. For the dilute solutions 0.02 and 
0.001 M the plot of optical density vs. triethylamine 
concentration shows less abrupt changes, indicating 
that the equilibrium constants for the reaction 
are such that a stoichiometric reaction does not 
then occur. 

The nature of the Et3N(HOAc)2 species can be 
deduced from the observed spectra at about half-
neutralized acetic acid. The presence of the 4 and 
5.1 /u bands indicates that the triethylamine has 
accepted a proton from the acid dimer to form an 
ion-pair salt. The dimer carbonyl band has de­
creased only to about half its original intensity and 
the new species, therefore, contains a carbonyl 
group which must be attributed to an essentially 
hydrogen bonded carbonyl unless the molecule 
with this group is quite different from an ordinary 
carboxylic acid. The band at 6.35 n is clearly due 
to a carboxylate group. These facts are in agree­
ment with the structure I for this Et3N(HOAc)2 
species. The hydrogen bonding of the OH and 
NH + groups on the two oxygen atoms are considered 
responsible for the presence of the carboxylate 
group. That a hydrogen bonded carbonyl band 
is observed indicates some association of the car­
bonyl oxygen of the acetic acid molecule. While a 
general electrostatic attraction for the positive ion 
may be sufficient to produce such a rarbonyl band 
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it seems more likely that the proton is responsible 
for this effect and a bifurcated hydrogen bond is 
formed similar to that suggested by Pauling9 and 
Albrecht and Corey10 for glycine. 

Further addition of triethylamine indicates 
that this species is only an intermediate, and the 
completely neutralized form is gradually achieved. 
Chief spectral evidence for this is the decrease of 
the 6.35 /u carboxylate band resulting in the essen­
tial elimination of this band when the triethylamine 
concentration is about twice that of the acetic acid 
for the more concentrated solutions. The symmetric 
stretching carboxylate band at about 7.2 p. and the 
C-O stretch at 7.92 n appear also to be removed or 
shifted but the overlapping triethylamine bands 
obscure these effects. Although the salt band at 4 n 
is partially covered by the strong CH band of the 
triethylamine, the 5.1 ix band shows the expected 
behavior; it rises sharply to the half-neutralization 
point and then more slowly. These results are in 
agreement with the expected neutralization prod­
uct II, where it is postulated that the triethylam-
monium ion is attached, undoubtedly by a hydro­
gen bond, to one of the carboxylate oxygens and 
that this association is sufficient to cause the nega­
tive formal charge to reside essentially on the 
bonded oxygen. This leaves the other oxygen to 
form a carbonyl-like double bond to the carbon 
atom. That the carbonyl band has the same fre­
quency as that of the acetic acid dimer band is a 
coincidence since the structure II would be ex­
pected to also give a carbonyl shifted to longer 
wave lengths than found for an acetic acid mono­
mer carbonyl. 

Species Present in Chloroform.—As in the in­
vestigation of the species present with CCU as a 
solvent, chloroform solutions of acetic acid, at fixed 
concentrations of 0.5 and 0.3 and 0.001 M, were 
prepared and the spectra were obtained for various 
additions of triethylamine. 

The initial reaction appears to follow that pre­
viously found. The 5(OH) band at 10.7 n and the 
j'(C-O) band at 7.75 /J. disappeared at a concentra­
tion of triethylamine equal to about half that of the 
acetic acid. At this concentration bands due to the 
intermediate I had appeared at 4, 5.1, 6.40 and 
7.97 /x and the carbonyl retained an appreciable in­
tensity. Further addition of triethylamine, how­
ever, resulted in a decrease to zero of the carbonyl 
band and of the 6.4 /x carboxylate band and the 
appearance of a new carboxylate band at 6.20 /x. 
At a concentration ratio of triethylamine to acetic 

(9) Linus Pauling, "The Nature of the Chemical Bond," Cornell 
University Press, Ithaca, N. Y., 1945, p. 286. 

(10) G. Albrecht and R. B. Corev, T H I S JOURNAL, 61, 10S7 (1939). 
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Fig. 2.-—The optical density of some absorption bands in the 
system 0.3 M acetic acid-triethylamine in CHCl3. 

acid equal to about three, the reaction to form this 
new species is essentially complete as shown in Fig. 2. 
Along with these spectral changes the 5.1 ju band 
appears to broaden out to a band between about 4.3 
and 5.3 fx. 

The great difference in the spectrum of the species 
formed from I by the addition of further triethyl­
amine indicates that in chloroform the solvent is 
specifically participating. One explanation is that 
association of a solvent molecule with the oxygen 
which is not attached to the cation provides a suf­
ficiently strong electron attracting influence to sta­
bilize the resonance form with each oxygen carrying 
about half of the negative charge as in structure III. 

This suggestion is in accord also with the spec­
tral changes that occur when the triethylamine 
concentration is increased until it exceeds that of 
the chloroform and finally when the solution con­
sists only of acetic acid in triethylamine, the trieth­
ylamine concentration then being 7.09 M. The ef­
fect on the carbonyl and carboxylate band is also 
shown in Fig. 2, the remaining bands of the spec­
trum being rather obscured by the high triethyl­
amine concentration. The reversal to a system 
having a carbonyl and no carboxylate, i.e., struc­
ture I, is readily interpreted in terms of the de­
creasing concentration of chloroform which in this 
concentration range can best be considered a reac-
tant rather than a solvent. 

These spectral changes can also be interpreted, 
however, on the basis of dissociation of the salt to 
form free ions, i.e., removal of the triethylammo-
nium ion from its bonding site. Although the rela­
tively low dielectric constants of the CHCl3 and 
triethylamine solutions would not be expected to 
lead to such dissociation, the possibility here exists 
of specific solvent interaction to stabilize the ions 
possibly in the forms AcO-(HCCl3)2 and (Et3N)2-
H + as indicated in structure IV. The reversal to 
structure I, AcO -HN+Et3 , would then be ac­
counted for by the decrease in the chloroform con­
centration and the subsequent decrease in solva­
tion of the acetate ion and the reassociation of the 
ions into ion-pairs. 

This explanation seems less likely than the pre­
vious alternative and equilibrium constants will 
therefore be based on the assumption of III. It is 
hoped that further evidence on this question will 
be reported shortly. 
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II. Determination of Equilibrium Constants 
Once the species present in the system of acetic 

acid and triethylamine in CCU and in CHCl3 have 
been established, it is of interest to attempt to ob­
tain the equilibrium constants for the reactions be­
tween these species. 

Before considering the acid-base equilibrium it 
is necessary to have data on the constants for the 
acetic acid dimerization in carbon tetrachloride and 
in chloroform and also the constant for the associa­
tion of triethylamine with chloroform. The acetic 
acid dimerization equilibria are reported sepa­
rately.11 The equilibrium constant for the dimeri­
zation in carbon tetrachloride and in chloroform are 
found to be 2000 and 250, respectively, at concen­
trations of about 0.001 M. 

Likewise the equilibrium constant for the forma­
tion of a triethylamine-chloroform complex is re­
ported.12 The value of 0.36 obtained for approxi­
mately 1 M solutions is used in the present discus­
sion. It is necessary to assume that solvent effects 
due to the decrease in molar concentration and the 
use of solvents other than CCL would not greatly 
affect this equilibrium. 

Acid-Base Equilibrium Constants in Carbon 
Tetrachloride.—In CCl4 the formation of the first 
reaction product of triethylamine with the acetic 
acid dimer, as observed in the more concentrated 
solutions, 0.1 to 1.0 M, leads to at least a stoichio­
metric removal of the acetic acid dimer. 

The further reaction of I to lead to the final neu­
tralization product II proceeds with a much smaller 
equilibrium constant. With the assumption that at 
a triethylamine concentration of half the acetic acid 
concentration all the acetic acid is present as the 
intermediate, the fall off of the 6.35 p. carboxylate 
band can be used to estimate the equilibrium 
constant for the formation of II. From the in­
tensity of the 6.35 p. band at half-neutralization a 
value of al — 1.2 is thus obtained in the equation 
al = I/Ci log Jo/7 and this can be used to estimate 
the equilibrium constant as indicated in Table I. 
(M is used here, and in the following tables, as the 
total molarity of the component added to the solu­
tion, whereas C refers to the actual concentration 
of a particular species present at equilibrium.) The 
weakness of the carboxylate band permits only a 
very approximate determination of this constant. 

TABLE I 

T H E EQUILIBRIUM CONSTANT FOR THE REACTION Et3X-

(HOAc)2 + NEt3 <=t 2(Et3XHOAc) IN CCl4 SOLUTION 
(log V 

W(HOAc)J A/NEtj /)«.35 CEtjNCHOAch CEtlNHOAc K 

0.15 0.15 0.17 (0.15) 
.15 .30 .1.2 .10 0.10 1.0 
.15 .35 .063 .073 .123 1.7 
.15 .40 .088 .066 .166 1.5 
.15 .45 .079 .060 .180 1.4 
.1.5 .50 .072 .053 .194 2.7 
.05 .05 .063 ( .05) 
.05 .10 .037 .031 .038 1.5 

Av. 1.6 

A value of 1.6, however, agrees with the assumption 
that the acetic acid will be almost completely pres­
ent as the intermediate at half-neutralization. 

In the more dilute CCl4 solutions, 0.001,u in acetic 
acid, the intermediate carboxylate band fails to 
appear and the neutralization therefore leads di­
rectly to the final product II. This reaction can be 
followed fairly satisfactorily in terms of the car-
bonyl band of the acetic acid monomer at 5.64 p.. 
The carbonyl band of the salt formed coincides al­
most exactly with the acetic acid dimer band but 
does not interfere seriously with the monomer band. 
Duplicate sets of measurements were made using 
the Beckman and Baird spectrometers. The 
results are shown in Table II. Using the acetic 
acid dimerization equilibrium constant of 2000 the 
concentrations of the monomer and the dimer in a 
0.001 acetic acid solution were calculated. From the 
observed optical densities of this solution values of 
ai for the monomer were obtained. In the solu­
tions containing triethylamine the monomer con­
centration was then determined from the carbonyl 
absorption band, the dimer from the dimer dissoci­
ation equilibrium constant, and the salt and free 
triethylamine from the stoichiometry. The accu­
racy of the measurements is probably not sufficient 
to allow the apparent trend to be given much signifi­
cance. The equilibrium constant may, however, 
be somewhat disturbed by the farther association of 
triethylamine with the salt, but the spectra shows 
no evidence of this reaction which has been sug­
gested for other systems.1 

TABLE II 

T H E EQUILIBRIUM CONSTANT FOR THE REACTION H O A C -f 

XEt3 P± Et3XHOAc IN CCl1 SOLUTION (ACETIC ACID 

EQUAL TO 0.001 M) 

C x 10« 
AfNEti (log U/ E t 3 -

B e c k m a n / ) t . n H O A c (HOAc) ] N H O A c CNEti K 

0.003 
.010 
.025 

Baird 

.001 

.003 

.010 

.025 

0.37 
.23 
.106 
.060 

0.43 
.37 
.26.5 
.142 
.075 

(3.9) 
2.3 
1.07 
0.60 

(3.9) 
3.3 
2.35 
1.26 
0.66 

(3.0) 
1.06 
0.23 
0.07 

(3.0) 
2.2 
1.01 
0.32 
0.09 

5.0 
8.5 
9.2 

2.3 
5.6 
8.1 
9.2 

0.0024 
.0091 
.024 

.00077 

.0024 

.0092 

.024 

1000 
870 
640 

910 
970 
700 
570 

Av. 800 

(11) G. M . Bar row a n d IC. A. Yerger , T H I S J O U R N A L , T6, 5248 
(1954). 

(12) G. M . Bar row a n d E . A. Yerger , ibid., 76 , 5247 (1954). 

Acid-Base Equilibrium Constants in Chloroform. 
—In the more concentrated chloroform solutions 
also, the initial reaction of triethylamine with the 
acetic acid dimer to yield I is effectively stoichiomet­
ric and the equilibrium constant can only be classi­
fied as large. The subsequent reaction, however, to 
give III can be followed by the growth of the 6.20 
H carboxylate band and the decrease of the acetic 
acid dimer carbonyl band (Fig. 2). Table III shows 
the values of the optical density of these bands and 
the concentrations of the species in the equilibrium. 
The values of (log h/I)i.sb are used only as a check 
on the acetic acid dimer concentration obtained 
from the stoichiometry. The concentration of the 
salt III is determined by comparison of (log 7o/7)o.2o 
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with the value of this quantity for complete reac­
tion to III, as indicated by the absence of the car-
bonyl band. The somewhat larger value of the 
equilibrium constant with CHCI3 as solvent as 
compared to the value of the same reaction in CCU 
can be attributed to a greater interaction of CHCI3 
with the salt, as in III, than with triethylamine it­
self. 

TABLE III 

THE EQUILIBRIUM CONSTANT FOR THE REACTION Et3N-
(HOAc)2 + NEt3 <=* 2(Et3NHOAc) IN CHLOROFORM 

(ACETIC ACID EQUALS 0.3 M) 

^ N E t I 

0.15 
.25 
.30 
.40 
.50 
.80 

( l o g / o / 
•O«.20 

0.10 
.32 
.36 
.41 
.44 
.47 

(log h/ 
1)5.tia 

0.32 
.21 
.15 
.11 
.05 

( .01) 

CBtiNHOAo 

0.06 
.20 
.22 
.25 
.27 
.29 

CBt1K(HOAo) 

0.12 
.05 
.04 
.025 
.015 

( .005) 

As before dilute solutions can be used to obtain 
information on the direct formation of III from the 
acetic acid monomer since again the intermediate 
carboxylate band is absent in the titration with 
acetic acid at 0.001 M. The results of measure­
ments at such a dilution are given in Table IV. 
Here the concentrations of the acetic acid monomer, 
of the dimer, and of the salt III can be directly ob­
tained from the absorption bands at 5.69, 5.85 and 
6.05 /u. The 6.05 n wave length does not correspond 
to the carboxylate maximum because with triethyl­
amine in chloroform at the dilution an interfering 
band made the accurate estimation of the band 
maximum difficult. The equilibrium constants are 
satisfactory and again the larger values here as 
compared to the CCl4 solutions are to be attrib­
uted to the stabilization by chloroform of III. 

Discussion 
The study of acid-base reactions in non-ioniz­

ing, or "non-dissociating" solvents by means of the 
infrared absorption spectra gives further informa­
tion about the nature of the resulting ion-pairs. 
That relatively concentrated solutions of the acid 
should lead to species involving primarily the acid 
dimer with one molecule of base was probably to be 
expected. The exact nature of this intermediate, 
I, and also of the final neutralization products, II 
and III, however, could not have been foreseen. 

The species resulting from the reaction of an iso­
lated, or free, pair of molecules, acetic acid and tri­
ethylamine, results in ionization but does not ap­
preciably alter the electronic structure of the car-

bonyl group from that of the un-ionized acetic acid. 
While an essentially carboxylate group might 
have been anticipated it is clear that the interaction 
of the triethylammonium ion with the acetate ion 
is not a general electrostatic one but, probably be­
cause of the hydrogen bond, is a specific attachment 
to one oxygen of the acetate ion. 

This unsymmetric carboxylate group, however, is 
susceptible to attachment on the carbonyl oxygen 
and the presence of a hydrogen bond there from 
chloroform or another acetic acid molecule is suf­
ficient to produce an essentially normal carboxylate 
ion with effectively equivalent oxygens. Appar­
ently intermediate configurations leading to absorp­
tion bands in the region 5.9 to 6.2 /x do not occur in 
these systems. 

The equilibrium constants for the reaction of tri­
ethylamine with the acetic acid monomer can be 
compared with the results for similar systems re­
ported by Bell and Bayles.2 The corresponding 
constant for the reaction in aqueous solution is 
about 108. The higher result in chloroform than in 
carbon tetrachloride can be looked upon as the ef­
fect of solvent interaction which leads, for larger 
interaction, to the aqueous value. The interaction 
of chloroform with the free ion-pair 

HCCl3 + Et3NHOAc, ̂ Z t Et3N(HOAc)HCCl3 

can be estimated on the basis of two different as­
sumptions. First, if the effect of solvent on the ace­
tic acid monomer-dimer equilibrium is attributed 
entirely to interaction with the monomer than from 
constants given previously the above equilibrium 
constant can be estimated as 4. Secondly, and less 
reasonably, if the intermediate I is assumed to be 
relatively unaffected by the different solvents the 
above equilibrium would be expected to have a 
constant of 0.6. Although the disagreement is 

Av. 3000 

rather large the indications are that the above sol­
vent interaction which changes the spectrum from 
one with a carbonyl band to one with a carboxylate 
band is just that of a strong hydrogen bond. These 
values can be compared, for instance, to the dimeri-
zation constants for a number of alcohols of about 
1.5 obtained by Coggeshall and Saier,13 or with the 
value of 0.36 for the triethylamine-chloroform di-
merization.12 

The determination of acid-base equilibrium con­
stants by these means will be used to determine the 
relative basicities and acidities of compounds not 
susceptible to measurement by means of visible or 

(13) N. D. Coggeshall and E. L. Saier, T H I S JOURNAL, 73, 5414 
(1951). 

TABLE IV 

T H E EQUILIBRIUM CONSTANT FOR THE REACTION H O A C + NEt3 <=£ 

1 n n- T„ / T , 
log Xa/1 

M N E I 3 H O A C ( H O A c ) 3 

0 0.606 0.338 
.0005 .433 .220 
.001 .324 .154 
.002 .162 ( .068) 
.005 .063 
.010 ( .024) 

6.05 ii 

0.097 
.140 
.215 
.282 
.304 

0.001 M) 

H O A Q 

7.0 
4.47 
3.77 
1.86 
0.73 

(0.28) 

Et3NHOAc IN 

r< w 
O X 

(HOAc) i 
1.7 
1.1 
0.77 

(0.34) 

CHLOROFORM (ACETIC ACID EQUA 

10« 

i n 

3.13 
4.51 
6.93 
9.42 
9.82 

N E t i K 

1.87 3700 
5.49 2200 

13.1 2900 
40.6 3200 
90.2 (3900) 
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ultraviolet spectra. Such results should provide 
further useful data for confronting acid-base theo­
ries. Also it will be of interest to compare the 

Introduction 
Diffusion coefficients for dilute aqueous calcium 

chloride solutions have been of considerable interest 
because of the large negative deviations from theory 
which have been observed for this system. These 
data1 were obtained using the conductometric 
method of Harned. It has been shown that under 
certain conditions the conductance technique and 
Gouy diffusiometry yield the same values2'3 within 
the experimental errors involved. The work here re­
ported supplements existing data4~6 with which the 
conductance data can be compared. Results pre­
sented for aqueous cesium chloride solutions pro­
vide a reasonable confirmation of the conductomet­
ric work for this system.7 

The investigation was extended into regions of 
high concentrations for several reasons: first, to 
permit a comparison of concentration diffusion 
data with existing ionic self-diffusion values5; 
secondly, to provide data for 1-1 and 2-1 salts at 
high concentrations which should be suitable for 
the calibration of other diffusion devices for electro­
lytes in these regions. 

Experimental 
Preparation of Solutions.—Following the procedure of 

Shedlovsky and Brown9 stock solutions of calcium chloride 
were prepared from C p . calcium chloride which had been 
recrystallized three times. These stock solutions were 
analyzed and used for the preparation of the solutions of low 
concentration. The more concentrated solutions were pre­
pared by addition of water to the recrystallized salt. Direct 
analysis of the latter solutions provided the concentration 
data which are reported. 

Cesium chloride solutions were prepared by transferring 
weighed amounts of dried cesium chloride into calibrated 
volumetric flasks. The cesium chloride used was, spectro-
chemically, the purest sample available. The same sample 

(1) H . S. H a r n e d a n d A. L. L e v y , T H I S J O U R N A L , 7 1 , 2781 (1949). 
(2) H . S. H a r n e d a n d R . L. N u t t a l l , ibid., 7 1 , 1460 (1949). 
(3) L . J . Gos t ing , ibid., 72 , 4418 (1950). 
(4) E . A. Hol l ingshead and A. R. Gordon , / . Chem. Phys., 9, 152 

(1941). 
(5) R. A. R o b i n s o n a n d C. L. Chia , T H I S J O U R N A L , 7 4 , 2776 (1952). 
(6) J . R . Ha l l , B . F . Wishaw and R. H. Stokes , ibid., 78 , 1556 (1953). 
(7) H . S. H a r n e d , M. Blander and C I.. H i ld re th , Jr. , ibid., 76, 

4219 (1954). 
(8) J. H . W a n g , ibid., 76 , 1769 (1953). 
(9) T . Shed lovsky and A. S. Brown, ibid., 56, 10(16 (1934). 

structures of the neutralization products for bases of 
different basic strength and steric requirements. 
EVANSTON, ILLINOIS 

had been used to establish the limiting equivalent conduct­
ance for this salt10 and also for the conductometric deter­
mination of diffusion coefficients at very low concentrations.7 

The salt was recrystallized several times from water and 
vacuum dried first at room temperature and finally at 50°. 

Diffusion Procedure.—Equipment similar to that used 
for this work has previously been described.3'"'12 One 
modification has been made in the design of a cell holder 
for use with a large Tiselius cell (92 X 5 X 50 mm. chan­
nel).13 Measurements were made with this cell at low con­
centrations. In the new cell holder appropriate masking 
devices were inserted into slots immediately in front of the 
Tiselius cell which placed the cell and masks much closer 
than was the case for the conventional arrangement. 

Boundary formation, movement of the boundary to the 
optic axis, and sharpening of the boundary by siphoning 
were accomplished in the usual fashion. During sharpen­
ing the positions of fringe minima in the focal plane were 
observed visually with the aid of a calibrated eye-piece. 
Following the suggestion of Longsworth14 these readings 
were used to estimate a time correction which compensates 
for a finite boundary thickness at the start of the experi­
ment. If the siphoning operation is interrupted temporarily 
the Gouy pattern which appears can also be observed visually 
in the same manner. During the period of interruption 
the following experiment was performed several times using 
the large cell holder. After the withdrawal of the siphoning 
needle and the appearance of the pattern, a fine wire cross­
hair which was the optic axis reference for this unit was 
moved slightly with respect to the boundary. By careful 
positioning, the cross-hair could be arranged so as to just 
blur the lowest fringe in the pattern while the boundary was 
still thin. At any other position of the cross-hair a blurring 
of fringes at higher values of j was observed. If the position 
of the maximum in the index of refraction gradient were in­
variant as would be required for ideal diffusion the lowest 
fringe should remain blurred. If the maximum in the gra­
dient moved with respect to the optic axis during diffusion 
the blurring of fringes should be noticed at higher values of j . 

The fractional values of j m were determined in the usual 
way" by using the equipment as a modified Rayleigh inter­
ferometer. With a good cell and careful alignment the S-
values (corrections for displacement of the Rayleigh bundle 
by the cell in the absence of the gradient of retractive index 
produced by the boundary) can be made quite small, and 
equal, for both the open and closed cell positions. A 
preliminary set of data for calcium chloride assuming that 

(10) W. E . Vuisenet , Jr . , and B. B. Owen, p r i v a t e c o m m u n i c a t i o n . 
(11) L. G. Longswor th , T H I S J O U R N A L , 69, 2510 (1947). 

(12) I.. J . Gost ing , E. M. H a n s e n , G. Kegeles and M. S. Morr is , 
Rrv. .SVJ. Instruments, 20, 209 (1949). 

(13) Cell m a d e by Pyrocell Mfg. Co. , New York, N . Y. 
i 1-I) I . C,- l o n g s w o r t h , p r iva te cominunieatioM. 
il~>) I . J. Gos l ing and M. S. Morris , T H I S J O I I K N M , 7 1 , MKlS 

(1949 .1 . 
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Diffusion coefficients, molal refractive increments and supplementary densities and relative viscosities are reported for 
calcium chloride solutions from c = 0.03 to c = 6, and for cesium chloride solutions from c = 0.06 to c = 6. In agreement 
with results available from the conductance method diffusion coefficients for cesium chloride approach the values predicted 
by the Onsager-Fuoss relation at low concentration. At higher concentrations the deviation from theory is positive. Data 
reported for calcium chloride solutions supplement existing data indicating a negative deviation from the Onsager-Fuoss 
theory but the values presented are not consistent with the conductometric results which are at present available. "Evidence 
is presented which suggests that Gouy diffusiometry, as currently employed, yields data for very dilute electrolyte solutions 
which are inaccurate and define an upper bound to the correct values. 


