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Dissociation constants of 14 Hammett indicators with pK values in the range 3.3 to —5.5 have been determined in D2O 
solutions of DCl and D4SO4. A correlation is made of pKso* — ^ X W as a function of acid strength. The data are used 
to establish the Hammett acidity function, D0. for DCl solutions in D2O in the range 10_ <-1 M and for D2SO4 solutions 
in the range 10 - 4 -12 M. Da is found to be equal to H0 for "HCl" solutions and equal to —log Caoid. D0 for D2SO4 is found 
to be the same as Ho for H2SO4 except in the range 10_ 3-10 _ I M. The different behavior in this region is a consequence of the 
differences in the dissociation constants of H S O 4

- and DSO 4
- . 

Introduction 
Hammett and Deyrup2 have shown that the 

study of acid-base equilibria involving a series of 
structurally related neutral bases can afford a 
logical basis for the establishment of an acidity 
scale for strong acids. The acidity scale so 
determined with neutral bases is referred to as the 
H0 scale and the literature on such scales for a 
number of acids has been reviewed by Paul and 
Long.3 Since the Hammett function, H0, is defined 
as 

H0 == PKBS* - log (CBWCB) (D 

a necessary prerequisite for the establishment of 
the acidity scale is the determination of pK for 
the reaction 

B H + = B + H + (2) 

The Hammett function, H0, has found wide" 
spread application to the correlation of the rates 

and mechanism of acid-catalyzed reactions. If 
such reactions are studied in D2O or in H2O-D2O 
mixtures, it is necessary that the analogous func­
tion, which we shall call D0, be known. It is of 
interest to compare H0 and D0 and to determine 
(-KBH*)H,O/(.KBD-OD,O as a function of pKBB*-

Experimental Procedure 
The method of determining the thermodynamic ionization 

constants by spectrophotometric titration has been outlined 
by Hammett and Deyrup2 in their pioneer work and reviewed 
by Paul and Long.3 Essentially the same method was fol­
lowed in the present investigation and, as a check on the 
method, simultaneous measurements were made on solu­
tions in ordinary water. 

Materials: D2O.—The heavy water was nominal 99.8% 
D2O obtained from the U.S.A.E.C. and was used without 
further purification. 

Deuterium Sulfate.—D2SO4 was synthesized by distilling 
SO3 (purified by distillation in vacuo) into D2O under vacuum 
and cooling with carbon dioxide and acetone. The D2SO4 
stock solution was about 16 M and was kept in a bottle with 
glass stopper in a desiccator containing P2Os. In spite of 
reasonable precautions, this acid discolored slowly from 
reaction with dust particles. When the acid was sufficiently 
discolored that an appreciable correction had to be made in 
the spectrophotometric measurements, a new batch was 
synthesized. 

Deuterium Chloride.—DCl was synthesized by adding 
NaCl (dried in oven 110°) to a concentrated D2SO4 solution 
under vacuum. The DCl evolved was passed through three 
cooling traps cooled with C02<.) into a D2O solution kept at 
0° with ice. The proportions were such that the resulting 
DCl stock solution was 3 M. This acid was analyzed for 

(1) Research carried out under the auspices of the U. S. Atomic 
Energy Commission. 

(2) L. P. Hammett and A. J. Deyrup, T H I S JOURNAL, 54, 2721 
(1932). 

(3) M. A. Paul and F. A. Long, Chem. Revs., 57, 1 (1957). 

sulfate by sampling 10 ml., precipitating BaSO4, and weigh­
ing the dried precipitate. The amount of sulfate was found 
to be less than 1O-6 M, which is negligible. 

Indicators.—Following the experience of Hyman, el a/.,4 

a set of Hammett indicators was obtained from the Aldrich 
Chemical Company. The indicators w-nitroaniline, 2,4-
dichloroaniline, diphenylamine and p-naphtholbenzein ob­
tained from other sources were purified by recrystallization 
from alcohol and water until the melting points agreed with 
the literature values. The Aldrich indicators were checked 
by melting points only. The substance called ^-nitroazo-
benzene was discarded when it was found to have a melting 
point 10° above the literature value and to be practically in­
soluble in water and concentrated acids. For a few indica­
tors the acidity constants determined in water deviated by 
large amounts from those given in the literature. In these 
cases the indicator was purified by chromatography using 
Woelm neutral aluminum oxide and anhydrous benzene with 
about 1% anhydrous methanol. When this was done with 
benzeneazodiphenylamine the chromatogram split up into 
one stationary and three moving bands. The same four 
bands appeared in an Eastman Kodak white label prepara­
tion of the same substance. A rough determination of pK. 
for the stationary band (the main component) gave 1.44 in 
good agreement with the literature.3 However, thanks to 
the courtesy of the Aldrich Company, a new preparation of 
benzeneazodiphenylamine was obtained. This substance 
was chromatographically pure but gave pK = 0.99. Ac­
cording to the Aldrich Company both spectra and elementary 
analysis checked with the composition of benzeneazodi­
phenylamine. These results indicate that pK = 0.99 
should be a better value than 1.42 as given by Paul and 
Long3 using the data by Hammett and Paul.6 The value 
1.44 obtained in one single instance must thus be regarded as 
fortuitous. For the other substances chromatographed, this 
purification step did not change the value of the acidity con­
stant beyond the limits of experimental error. 

Solutions.—D2SO4 and DCl solutions were prepared from 
the stock solutions by dilution with D2O. The molarity of 
the acid was determined by titration with standard NaOH. 
Alcoholic solutions of the indicators were prepared by dis­
solving 50 mg. of indicator in 20 ml. of 95% ethyl alcohol 
and kept in indicator bottles with calibrated drop tubes. 

Experimental Technique.—All measurements were made 
at room temperature, i.e., 22 ± 2° . The experiments were 
performed as spectrophotometric titrations. A few drops of 
indicator solution were added to 10.0 or 20.0 ml. of water or 
some acid solution in a small bottle. A portion was trans­
ferred to a measuring cell and the optical density measured 
at some suitable wave length. A suitable portion of acid was 
added from a buret and the operation repeated. Titrations 
were performed in HCl and DCl up to 1.5 M and in H2SO4 
and D2SO4 up to about 13 M. Measurements were made on 
two different instruments. First a Cary self-recording spec­
trophotometer model SX-I l was used with 5-cm. Corex 
cells. Some of the later measurements were made with a 
Beckman model DU spectrophotometer and 1 cm. cells. 

For each indicator a suitable wave length was determined 
by scanning the visible or ultraviolet range on the Cary in­
strument. Then the validity of the Lambert-Beer law was 
tested. This was found to hold in the range 1O-5 to 10~s M 

(4) H. Hyman, M. Kilpatrick and J. J. Katz, T H I S JOURNAL, 79, 
3668 (1957). 

(5) L. P. Hammett and M. A. Paul, ibid., 56, 827 (1934). 
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Fig, 1.—Log (BD+)Z(B) plotted against Ci>2S04 for eight Hammett indicators. 

(molarity) in indicator concentration, corresponding to a 
few drops of indicator. 

For measurements above 2 M in acid concentration, the 
measurements were performed in small measuring flasks with 
glass stoppers. This procedure was followed so as to measure 
the volume change when concentrated acid was added to 
water or a dilute acid solution. 

For the indicator benzalacetophenone, the titration was 
made with water into the concentrated acid. After the 
titration, a portion of the solution was titrated with concen­
trated acid. In this way the reversibility of the reaction was 
tested and the two titrations gave in heavy water pK — 5.54 
and 5.51, which is within the limits of experimental error. 
In heavy water at least duplicate and sometimes triplicate 
titrations were performed. In light water no duplicate titra­
tions were made if the agreement with the literature was 
good. 

During the course of the measurements no drifts were 
found with time. Thus if there is any catalyzed exchange of 
deuterium for protium in the aromatic ring of the indicator 
it is either slow or fast or of negligible consequence. It is to 
be expected that substitution of deuterium for protium in the 
aromatic nucleus will have a negligible effect on pK of the 
indicator. 

Experimental Results 
A plot of l og (BD + ) / (B) against the concentra­

tion of D2SO4 solution is given in Fig. 1. We 
note tha t the curves are reasonably parallel to one 
another. The sharp drop off in dilute solution is a 
consequence of the contribution of hydrogen 
ions from the dissociation of bisulfate ion. 

This test forms the basis of the stepwise pro­
cedure of establishing pK values and is one experi­
mental criterion of the existence of a D0 scale. 
The test in the present case is actually better 
than for the previous da ta on protium solutions 
(cf. Fig. 1 ref. 3). The improvement is a result of 
purification of the indicators and the use of a photo­
electric spectrophotometer. 

The experimental pK values for the different 
indicators studied are given in Table I. The 

second column gives best literature values according 
to Paul and Long.8 The following four columns 
contain the values obtained in this investigation 
together with estimated errors. For the first six 
indicators pK was obtained by extrapolation of 
pKc to infinite dilution. In these cases straight 
lines were drawn parallel to the pKc line with a 
displacement such tha t two-thirds to three-quarters 
of all the data were situated within these limits. 
In this simple manner an empirical estimate 
of the standard deviation of pK was made. For 
the other nine indicators where the pK-values were 
obtained by the stepwise comparison method, the 
error is given by the standard deviation of the 
average. The last column gives the difference in 
pK (ApK) between the deuterio acid in heavy water 
solution and the protio acid in H2O solution. 

The agreement between the literature values2 

and the pK -values obtained in this investigation is 
good except for two compounds. Benzeneazo-
diphenylamine gave pK = 0.99 instead of 1.42 
as given by Hammet t and Paul.5 However, as 
mentioned earlier, evidence from the Aldrich 
Company seems to indicate tha t the present meas­
urements correspond to benzeneazodiphenylamine. 
Measurements on the original sample gave the 
pK in HCl of 0.65 and t ha t in DCl of 1.21 with a 
ApK of 0.56 ± 0.02. p-Naphtholbenzein was used 
as indicator by Smith and Elliott6 and by Kolthoff 
and Bruckenstein7 in HCIO4-CH3COOH mixtures. 
Smith and Elliott determined pK to be 0.41. The 
substance used in the present investigation, 
purified bv chromatography, gave the value 
- 0 . 9 9 ± a0:> in HCl and - 1 . 5 9 ± 0.05 in H2SO4. 

(Ii) T L. S m i t h and J, H. Kll iot t . T H I S J O U K N A I . , 76, 3.1IiO (1953). 
i.7) I. M . Kolthoff and S, B ruckens t e in , ibid., 78 , 1 (1930). 
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TABLE I 

Indicator 
p-Aminoazobenzene 
m-Nitroaniline 
2,4-Dichloroaniline 
Benzeneazodiphenylamine" 
p-Nitroaniline 
Diphenylamine 
o-Nitroaniline 
4-Chloro-2-nitroanilinc 
/!>-Nitrodiphenylamine 
2,4-Dichk>ro-6-nitroanilmea 

2,6-Dinitro-4-methylaniline 
2,4-Dinitroaniline" 
N,N-Dimethyl-2,4,6-trinitro-

aniline'* 
Benzalacetophenone 

* Indicator subjected to chi 
HCl of a chromatographed sample. 

All measurements with this indicator were per­
formed at 625 iruu in HCl and at 623 rriju in H2SO4. 
Since the difference in pK between HCl and HjSO4 
is much larger than the estimated error, it is obvious 
that the criterion of pK being independent of 
aqueous solution studied is not fulfilled, and it 
cannot be used as a Hammett indicator. The 
difference between HCl and H2SO4 may be due to 
sulfonation in the latter. Further work was not 
done with this indicator. For the indicators m-
nitroaniline, 2,4-dichloro-G-nitroaniline, 2,4-dinitro-
aniline and N,N-dimethyl-2,4,6-trinitroaniline there 
are appreciable differences between the literature 
values and those obtained in the present investiga­
tion. The pK for m-nitroaniline agrees with the 
value 2.43 of Braude and Stem.8 The three other 
substances were purified by chromatography and 
the pK-vaiu.es are given for the chromatographed 
substance. This purification, however, did not 
change pK beyond the limits of experimental error. 
No explanation for the discrepancies noted of 0.1 
to 0.2 unit can be offered at present. The repro­
ducibility is believed to be better than ±0.05 
pK unit. Measurements in this investigation were 
performed at a constant wave length. 

For the four cases where the dissociation con­
stants have been determined in HCl and H2SO4 
or DCl and D2SO4, the agreement is excellent. 
This is a second condition for the applicability of 
the Hammett method. For ^-nitrodiphenyl-
amine a rough value of pK was obtained from the 
overlap range and then it was assumed that 
Ih = D0, as we shall presently show, and more 
pK-values calculated. These agreed well with 
the few from the overlap range which justifies the 
assumption. In this manner a better defined pK-
value for this indicator was established. 

Figure 2 gives a plot of H0 and D0 against log 
Cacid for HCl and DCl solutions, respectively. 
In the range of concentrations studied, 1O-4 to 
1 M, IT0 is equal to Da, and we find empirically 

H0 = — log Cacid (3) 

(S) E. A. Braude and E. S. Stem, / . Chem. Hoc, 1970 (1918). 

TORS U S B D FOR D E T E R M I N 

Bes t va lue 
P a u l a n d PK 

L o n g H C l 

2.77 2.76 ± 0 
2 50 2 41 ± 
2 00 2 05 ± 
1 42 0 99 ± 
0 99 96 ± 
0 78 77 ± 

- 0 . 2 9 - .31 ± 
- 1 . 0 3 - 1 . 0 5 ± 
- 2 48 
- 3 32 
- 4 44 
- 4 53 
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.02 

.02 

.01 
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0 9 

.01 
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.01 

matographic purification. 

vrioN OF THE HAMMETT ACIDITY F 

TURES 

pK 
HiSO 4 

2.79 ± 0.01 

- 0 . 3 1 ± .01 
- 1 . 0 2 ± .01 
- 2 . 5 0 ± .05 
- 3 . 1 6 ± .01 
- 4 . 4 5 ± .04 
- 4 . 4 2 ± .01 

- 4 . 9 8 ± .03 
- 5 , 6 8 ± .02 

PK 
D C l 

3.33 ± 0 
2.97 ± 
2.55 ± 
1.55 ± 
1.53 ± 
1.31 ± 
0.30 ± 

- 0 . 4 6 ± 

.02 

.01 

.01 

.0I6 

01 
.01 
.01 
.01 

6 Obtained by adding \pK from a 

UNCTION IN 

PK 
D2SO4 

3.32 ± 0 
3.00 ± 

0.30 ± 
- 0 . 4 6 ± 
- 2 . 2 3 ± 
- 2 . 7 3 ± 
- 4 . 0 4 ± 
- 4 . 0 3 ± 

- 4 . 6 7 ± 
- 5 . 5 3 ± 

DoO-D2SO4 Mix-

.01 

.01 

.01 

.01 
.01 
.01 
01 
.01 

.02 

.02 

SpK 

0. 55 ± 0 
. 5 8 ± 
. 50 ± 
.56 ± 
.57 ± 
.54 ± 
.61 ± 
.58 ± 
.27 ± 
.43 ± 
.41 ± 
.39 ± 

.31 ± 

.15 ± 

.03 
O^ 
01 
()<>. 
m 
01 

.01 

.02 
05 
01 
04 
01 

04 
.03 

commercial product to pK in 

Both of these results are to be expected on theo­
retical grounds. From equation 1 we can write 

— HQ = log CH+ + log TWTBH+ + log 7 (4) 

At a given concentration of acid, the difference 
between D0 and He is given by 

( D o - flo)acid = l o g — H 7 B D + l o g ( 7 B ) H . O / ( 7 B ) D ! 0 (5) 
7D + 7BH + 

In solutions of low ionic strength, where the 
Debye-Hiickel limiting law is applicable, 7H + 

= 7BH+. Furthermore, in such solutions the 

S 2 

> 

O H C l 

• DCI 

0 - ! - 2 - 3 - 4 
loq C „ , OR 1 oq C 0 „ 

Fig. 2.—Hc and £>0 plotted against log CA (CA = acid 
concentration) for the range 1 0 - 4 to 1 M hydrochloric acid: 
O, HCl; • . DCl. 

activity coefficient of a "neutral" substance is 
expected to be close to unity. From equations 
4 and 5 and the fact that D2O differs by a negligible 
amount from H2O in its dielectric constant, we 
expect that H0 will be equal to D0 and, furthermore, 

pK-vaiu.es


18 E . HOGFELDT AND J . BlGELEISEN Vol. S2 

+ 3 

+ 2 

H 0 , 

- 2 

° H2SO4 

A D2SO4 
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- 4 - 3 - 2 - 1 0 I 
log [ACID] , 

Fig. 3.—He and D0 plotted against log M for H2SO4 and 

D2SO1. 

that Ho will approach —log Cacid in dilute solu­
tions. 

Figures 3 and 4 give plots of H0 or D0 for solu­
tions of H2SO4 and D2SO4, respectively, against the 
concentration of acid. In the case of H2SO4 
solutions good agreement is found with the compi­
lation of Paul and Long.8 A few isolated measure­
ments of acid-base equilibria in the region of 
60-70% D2SO4 using aldehydes as indicators have 
been reported.9-10 The interpretation given to 
these measurements by the authors indicated a 
difference of —0.3 to —0.4 unit between D0 and 
HQ in this concentration range. In this interpre­
tation it was assumed that PKBD* equals pK-an*, 
whereas the measurements show that this is not 
the case. Our studies, as well as previous data on 
the dissociation constants of protio vs. deuterio 
acids, lead one to expect PKBD* to be larger than 
pKnu* by just such an amount. We may con­
clude that the measurements of Schubert and co­
workers9'10 using mesitylaldehyde and 2,4,6-tri-
isopropylbenzaldehyde as indicators are in agree­
ment with our finding that D0 is equal to Jf0 in 
sulfuric acid solutions at 60% concentration. We 
note from Fig. 3 that D0 is equal to H0 over the 
entire range studied except for the region between 
10-3 to 10~lMsulfuric acid. In this concentration 
range the hydrogen ion activity is markedly af­
fected by the incomplete dissociation of bisulfate 

(9) W. M. Schubert and H. Burkett, T H I S JOURNAL, 78, 64 (1956). 
(10) W. M. Schubert and P. C. Myhre, ibid., 80, 1755 (1958). 

t xv 
° H 2 S O , 

A D; SO, 

• BEST VALUES; PAUL B LCNG 

^ l 
^ 

[ A C I D ] , 

Fig. 4.—H0 and D0 plotted against CK in the range 5-12 M 
for the acids H2SO4 and D2SO4: O, H2SO4; A, D2SO4; 
• , best values, Paul and Long. 
1On. The difference between D0 and Ho is consistent 
with the fact that DSO4

- is a weaker acid than 
HSO4

-.11 The present measurements are not 
sufficiently extensive to obtain improved values 
for the dissociation constants of HSO 4

- and DSO4
- . 

They are consistent with the data presently avail­
able. In Table II we give values for D0 and H0, 
respectively, for the concentration range 1O-4 

to 1 M. Above this range, Figs. 3 and 4 show that 
the tabulation of Paul and Long can be used for 
either D0 or H0. In the range 1-12 M acid, the 
concentration of hydrogen ion is essentially the 
stoichiometric concentration. The activity coef­
ficient ratio 7H+YB/YHB* should have a similar 
behavior in H2O and D2O solutions. In solutions 
near 100% sulfuric acid we may anticipate a dif­
ference between Ho and D0. 

TABLE II 

H0 AXD D0 AT SELECTED MOLARITIES, 22 ± 2° 

log M 

- 3 . 8 0 
- 3 . 6 0 
- 3 . 4 0 
- 3 . 2 0 
- 3 . 0 0 
- 2 . 8 0 
- 2 . 6 0 
- 2 . 4 0 
- 2 . 2 0 
- 2 . 0 0 
- 1 . 8 0 
- 1 . 6 0 
- 1 . 4 0 
- 1 . 2 0 
- 1 . 0 0 
- 0 . 8 0 
- .60 
- .40 
- .20 

.00 

IU 
H 2 SOi 

3.50 
3.28 
3.08 
2.84 
2,64 
2.45 
2.26 
2.07 
1.89 
1.72 
1.54 
1.38 
1.22 
1.03 
0.83 

.65 

.45 

.23 
- .02 
- .30 

D0 
D i S O . 

3.50 
3.28 
3.08 
2.90 
2.73 
2.54 
2.38 
2.20 
2.01 
1.85 
1.71 
1.51 
1.33 
1.13 
0.95 

.72 

.51 

.26 
- .01 
- .30 

The Acidity Constants.—The difference in the 
acidity constants, pKso* — PKBH*, are especially 
interesting since the present measurements deal 
with a series of strong acids. They provide a 

(11) C. Drucker, Trans. Faraday Soc, 33, 660 (1937). 
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critical test of the Rule and La Mer12 extrapola­
tion based on the theory given independently by 
Lewis and Schutz13 and Halpern.14 According to 
this theory ApK should increase with pK. We 
wish to reexamine the basis for this prediction. 

In order that the solvation of the proton be 
specifically considered, we shall write the dis­
sociation equilibrium in the Bronsted form 

B H + + H2O = B(H2O) + H3O + (6) 

B D + + D2O = B(D2O) + D 3 O + (7) 

For the purposes of the immediate discussion it 
will suffice to neglect further solvation effects and 
treat the hypothetical gas phase equilibria. We 
now introduce the reduced partition functions of 
Bigeleisen and Mayer15 and obtain 
ApK = PKBV* — PKBU* = log/BD+ + 

log/D,o — log/Dio+ (8) 
To a first approximation ApK is proportional to 
the zero point energy difference between protons 
and deuterons in the acid, BH+ , plus that in water 
minus the zero point energy difference of hydrated 
protons and hydrated deuterons. In the present 
approximation 

ApKi - ApK2 = {pKm* - PKBH+) -

(pKcB* - pKC5*) = l 0 g / B D + - log/0D + (9) 

According to the argument of Lewis and Schutz 
and Halpern, the zero point energy difference 
between B D + and B H + will increase with the 
strength of the B-H bond or the free energy of 
dissociation of BH+ . From this argument ApK 
will increase with pK. 

Rule and La Mer extrapolated the data available 
to them to the point ApK = O at pKn.o* = —1.74. 
Figure 5, reproduced from their paper, indicates 
that there is reasonable agreement between experi­
ment and the theory of Lewis and Schutz and of 
Halpern. The point at pK = —1.74 is estimated 
for acids of the strength of hydronium ion. One 
must avoid giving any significance to the ratio 
Kn/'KB from the defined standard states of protons 
and hydronium ions. It is conventional to define 
the relative standard states of protons and hy­
dronium ions by the reaction 

H 3 O + = H2O + H + (10) 

K s = «S22? = 5 5 . 5 1 ( n ) 

OHiO 

and similarly 
K _ O 5 5 2 O 2 * ^ 5 5 

ODsO+ 

In order to obtain a meaningful value of ApKn,o* 
= pKu,o* — PKn1O

+ it is necessary to measure the 
fraction of protons and deuterons in the forms of 
H3O + and H + and D3O

 + and D +, respectively. It is 
well known that such information does not exist. 
The evidence presently available indicates that 
most of the protons exist as H3O+. The use of 
defined standard states is not applicable to the 
determination of ApK. 

Inherent in the theory of Lewis and Schutz and 
of Halpern is the assumption that the zero point 

(12) C. K. Rule and V. K. La Mer, T H I S JOURNAL, 60, 1974 (1938). 
(13) G. N. Lewis and P. W. Schutz, ibid., SB, 1913 (1934). 
(14) O. Halpern, J. Chem. Phys., 3, 456 (1935). 
(15) J. Bigeleisen and M. G. Mayer, ibid., 15, 261 (1947). 

/ / / 
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- l o g K0. 

Fig. 5.—Ratios of dissociation constants for protio and 

deuterio acids from conductimetric and potentiometric meas­

urements. 

energy of the acid is related to its free energy of 
dissociation. No simple relationship exists be­
tween the zero point energy and the dissociation 
energy of a bond in a polyatomic molecule. For 
diatomic molecules, the Birge-Sponer method 
g i v e s i6 

De = weV4Zeco, (13) 

D0 = De - 1/2Ue + 1/4XeU8 + . . . (14) 

where D6 and D0 are the dissociation energies from 
the minimum in the potential and from the ground 
vibrational state, respectively. The quantities 
o>e and Xê e are defined in terms of the energy of 
an anharmonic oscillator 

E/hc = (n + 1/2)«. - (n + l/2)2Zewe -f- . . . (15) 
In the correlation of vibrational spectra with the 
structure of polyatomic molecules, it is possible 
in many cases to find bond or group frequencies 
which are rather constant from one molecule to 
another. The requirements for such a constancy 
are summarized in the literature.17'18 In particular 
X-H vibrations are found to be relatively constant 
from one molecule to another because of the small 
mass of the proton compared to other atoms and 
the relative constancy of force constants. 

We are, therefore, led to expect that the zero 
point energy will be primarily a function of the 
acid type and that ApK will depend mainly on 
the type of acid. In a series of acids of simi­
lar type, a small dependence of ApK on acid 
strength as discussed by Lewis and Schutz and 
Halpern is to be expected. This is the behavior 
found experimentally and shown in Fig. 6. In 
compiling this figure we have added 0.10 to the 
ApK values of Schwarzenbach19 to bring them 
into agreement with the data of La Mer and co­
workers. We note that the point at pK 6.35, 

(16) G. Herzberg, "Molecular Spectra and Molecular Structure. I. 
Spectra of Diatomic Molecules," 2nd Ed., D. Van Nostrand Co., Inc., 
New York, N. Y., 1950, p. 100. 

(17) G. Herzberg, "Infra-red and Raman Spectra of Polyatomic 
Molecules," D. Van Nostrand Co., Inc., New York, N. Y., 1945, p. 
194. 

(18) E. B. Wilson, J. C. Decius and P. C. Cross, "Molecular Vibra­
tions," McGraw-Hill Book Co., Inc., New York, N. Y., 1955, p. 74. 

(19) G. Schwarzenbach, Z. Elektrachem., 44, 46 (1938). 
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Fig. 6.—ApK as a function of acid strength: 0 . substituted anilines; u, amines; • , ketones: A, phenols and alcohols 

(data of D. C. Martin and J. A. V. Butler ( / . Chem. Soc, 1366 (1939), and P. Ballinger and F. A. Long, T H I S JOURNAI., 
81, 1050, 2347 (1959).); O, carboxylic acids; • , MO1(OH)1,. 

H2CO3, is abnormally low. This is due to the 
fact t ha t an appreciable contribution to the acidity 
of carbonic acid comes from dissolved CO2. Our 
point for ^-nitrodiphenylamine appears to be 
somewhat low. The experimental uncertainty in 
ApK is large for this indicator and no conclusions 
can be drawn a t present for ApK for amines with 
pK values less than zero. 

In solutions concentrated in sulfuric acid, 
medium effects on ApK are to be expected. These 
arise in par t from the correction necessary to 
equation 8 from the relative fugacities of H2O 
and D2O in H2SO4 and D2SO3, respectively. Fur-
thermoi e reactions of the type 

BH+ + H2SO4 = B(H2SO4 

become of importance. Even in the 
mations used in equation S we would find 

H3SO4
+ (10) 

approxi-

ApK = log/uD+ + log/D,so4 - log/DjSo4
+ (17) 

These effects may be responsible for the drop in 
ApK for the substituted anilines with negative 
p K values. 

NOTE ADDED IN PROOF.—Bascombe and Bell (J". Chem. Soc , 
1096 (1959)) have recently reported measurements of pK 
(HoO solutions) for some of the indicators studied by us. 
Their measurements include solutions of H2SO4 among a 
number of different acids. Wherever comparisons can be 
made, our values of pK and Ho are in agreement with those 
of Bascombe and Bell. For the indicator ^-nitrodiphenyl-
amine they find a medium and wave length effect on pK 
and Ht. From three different assumptions, pK and Ho are 
calculated from measurements at 4100 A. Ho is less sensi­
tive to the nature of the assumption than pK. Our values 
of pK, Ho, and D0 were obtained from measurements at 
4100 A. The medium effects observed by Bascombe and 
Bell for this indicator probably explain the fact that our 
value of ApK for this indicator is anomalously low. 

UPTON, N. Y. 
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Ion Pairs. I. Isotope Effects Shown by Chloride Solutions in Glacial Acetic Acid1 

B Y R E E D A. H O W A L D 2 

RECEIVED JUNE 25, 1959 

Appreciable isotopic separation has been obtained in countercurrent columns using the distribution of chlorine between 
HCl gas and solutions of inorganic chlorides in glacial acetic acid. The isotope effects3 vs. Cl atoms, calculated from the 
observed enrichments for various species present in the solutions are: HCl (dissolved), 1.0050 ± 0.0002; HgCl2, 1.0061 ± 
0.0009; HCl-H2O, 1.0039 ± 0.0003; SrCl2, 1.0042 ± 0.0003; LiCl, 1.0040 ± 0.0003. These results are consistent with a 
picture involving strong Hg-Cl bonds, but much "looser" interaction between the metal and chlorine atoms in the ion pairs 
from LiCl and SrCl2. 

Introduction 
This is the first in a series of papers describing 

experiments designed to provide a more detailed 
understanding of the nature of ion pairs in solvents 

(1) This work was supported by the William F. Milton Fund of 
Harvard University. It was presented at the September 1058 Ameri­
can Chemical Society meeting in Chicago. 

(2) Chemistry Department, Oberlin College, Oberlin, Ohio. 
(.'i) The isotope effect for a given species is the equilibrium constant, 

corrected for symmetry, for the isotopic exchange reaction with free 
atoms. It is numerically equal to the Cl37''Cl35 ratio which would be 
present in the species in equilibrium with equal concentrations of free 
gaseous Cl37 and Cl35 atoms. 

of low dielectric constant. Most previous investi­
gations have been concerned primarily with the dis­
sociation constants of ion pairs. Da ta on at least 
three other general aspects of ion pairs should also be 
available to complete the picture: 1, average vibra­
tion frequencies and the stiffness of the bonding 
present, 2, the lability of various ion pairs as meas­
ured by rates of isotopic exchange, and 3, the 
effects of other salts on the activity coefficients of 
ion pairs. Such information should prove useful 
in interpreting kinetic data for organic reactions 
which apparently involve intermediates with con-


