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In the solvent nitromethane the reaction of sulfuric acid (HA) with an indicator (I) of the nitroaniline type can be com-
pletely accounted for by the following processes: I + HA @2 IH* A~ and I + 3HA = IH *-A(HA); . the ion pairs IH+-A~

and IH*+-A(HA);~ having the same light absorption as the free ion IH*.

The effect of the added salt pyridinium bisulfate

is to decrease the apparent acidity by an amnount ouly a little greater than would result from the reaction PyH*+-A~ +

2HA = PyH*A(HA),~ where PyH * is pyridinium ion.

It appears that the reaction of one molecule of acid with one

molecule of base as it is observed in water-like solvents requires as an indispensable factor the solvation of the anion. presum-
ably by hydrogen bonding between the acidic hydrogen of the solvent and the unshared electrons of the anion, and that in the
absence of solvent molecules with the necessary properties the transfer of the proton from the acid to the base may take place
only if an additional molecule or molecules of the acid are drafted to perform the function fulfilled by the solvent in water-

like systems.

It appears further that in non-water-like solvents, even when the dielectric constant is as high as 38, ion-

pairs of high stability are formed when the structures involved permit strong hydrogen bonding between cation and anion.

The predominant influence which has been at-
tributed to the dielectric constant of the solvent in
discussions of the properties of electrolytes has
made the peculiar chemistry of acid-base reactions
in solvents like benzene? and acetic acid? seem an
excusable deviation from the classical picture
which was derived from the study of reactions in
water. It tends however to obscure rather than to
clarify the unexpected behavior of such reactions
in the solvent nitromethane® because this solvent
has a dielectric constant of 38 (at 25°) whereas
methanol with a constant of 32 is a solvent in
which acid-base reactions have shown no un-
expected deviations from water-like behavior.
The key to the problem appeared with the recog-
nition by Rosetta Natoli Reusch’ that the Smith
and Hammett results, which she wverified in
principle and extended, can only be understood
in terms of the reaction of one molecule of a simple
basic indicator I with more than one molecule of
the strong acid HA, typically for instance by the
process

1 4+ 2HA T IH* 4 AHA-® (1)

The clear implication is that the reaction of one
molecule of acid with one molecule of base as it is
observed in water-like solvents requires as an
indispensable factor the solvation of the anion,
presumably by hydrogen bonding between the
acidic hydrogen of the solvent and the unshared
electrons of the anion. In the absence of solvent
molecules with the necessary properties the trans-
fer of the proton from the acid to the base may re-
quire the drafting of an additional molecule or
molecules of the acid to perform the function
fulfilled by the solvent in water-like systems.
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The present investigation, which covers a wider
range of acid concentrations, makes it possible to
give greater precision to this interpretation.

Experimental

Materials.—The purification of nitromethane is a critical
problem, because of a variability in the properties of elec-
trolytes in this solvent which apparently depends upon the
history of the solvent sample and which has been noted by
others as well as in previous work from this Laboratory.
All of the results reported in this a1 ticle were obtained with
solvent purified as follows. About 150 ml. of concentrated
sulfuric acid for each liter of nitromethane was mixed with
the solvent and the mixture was allowed to stand for one or
two days. The solvent then was washed with water,
treated with sodium carbonate and washed again. It was
kept over anhydrous magnesium sulfate for several days,
then filtered and stored over Drierite. Before use it was
distilled in two to three-liter lots througli a l-meter bead
column. The forerun contained a water-nitromethane
azeotrope and a fraction containing hydrogen cyanide.
The middle cut, which was used in our experiments boiled
at 101° at 760 mm.; its refractive index was 1.37975 at 25°;
and its density was 1.127. A vapor phase chromatogram
showed the presence of nitroethane. Karl Fischer titra-
tion indicated less than 0.001 A water. This titration when
applied to samples to which known amounts of water liad
been added reproduced closely the amount added.

Other methods of purification which were tried included
distillation from phosphorus pentoxide, from sulfuric acid
or from boric acid followed by fractional distillation at at-
mospheric or at reduced pressure. These were all rejected
in favor of the method of the previous paragrapl, tle cri-
terion being the quality of the results obtained with the less
acidic indicators (4-chloro-2-nitroaniline and 2,4-dichloro-
6-nitroaniline), 7.e., with sulfuric acid concentratious below
0.1 M. The preferred method gave solutions with higher
values of the indicator ratio [IH*]/[I] and a smaller spread
(0.2 in the logarithm) between values obtained with suc-
cessive batches of solvent. The data reported in this ar-
ticle were obtained with three batclies of solvent which gave
closely agreeing results; which gave tlie highest average
values of the indicator ratio at a given acid concentration;
and which showed no tendency for the light absorption of
solutions containing acid and indicator to change with time.
The difficulty witli lack of reproducibility was much less
serious with solutions of higlier acid concentrations, in
which the indicator ¢-bromo-2,4-dinitroaniline was used.
The data reported for this indicator were obtained with six
ont of the seven batches of solvent prepared. For some
unknown reason the other batch gave inconsistent results.

The other materials were purified by usual methods,
particular attention being given to the indicators. All water
sensitive materials were carefully protected from the air,
and all transfers of materials were made and all solutions
prepared in an effective drybox.

Apparatus.—Measurements of light absorption were
made in a Beckman DU spectrophotometer modified so as
to permit temperature control to within 0.1° and to protect
the cell windows against condensation of moisture at low
temperatures. Solution temperatures in the spectroplio-



Aug. 5, 1959 Acip-BAaSE REACTIONS IN NON-WATER-LIKE SOLVENTS 3873

tometer were measured by a thermistor placed in the cell
just outside the light path.

Procedure.—Solutions containing sulfuric acid at con-
centrations ranging from 0.002 to 1.1 M, with or without
small additions of pyridinium bisulfate or of water, and in-
dicator at a concentration in the neighborhood of 1 X 10-4
M were measured with a slit width of 0.15 mm. at a suit-
able wave length. For 4-chloro-2-nitroaniline and 2,4-
dichloro-6-nitroaniline this was 410 mu, which corresponds
to the maximum in the absorption band; for 2,4-dinitro-
aniline and 6-bromo-2,4-dinitroaniline it was 400 my, which
is close to the maximum at 390, but outside the region of
absorption by the solvent.

It was found that none of these indicators absorbs at the
wave length used when it is in the acid form IH*, and that
Lambert’s law holds for the base form I of all of them at
concentrations from 1075 to 3 X 104 M. With 6-bromo-
2,4-dinitroaniline, with which no appreciable concentration
of IH* appears at acid concentrations below 0.1 M, it was
found that the absorption of the indicator was independent
of acid concentration at concentrations below 0.1 M and
that pyridinium bisulfate at the concentrations used in our
experiments had no effect upon the absorption of the basic
form of the indicator.

Results

The colorimetrically determined values of the
indicator ratio [TH*]/[I] for the four nitroaniline
indicators in solutions of sulfuric acid in nitro-
methane at 25° are reported in Fig. 1. From these
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Fig. 1.—Plots of the logarithm of the indicator ratio.
[IH *]/{1], against the logarithm of ¢, the concentration
of sulfuric acid in the solvent nitromethane at 25°. The
indicators are: I, 4-chloro-2-nitroaniline; II, 2,4-dichloro-
6-nitroaniline; III, 2,4-dinitroaniline; 1V, 6-bromo-2.4-
dinitroaniline. The indicator concentration is between
1.17 X 107% M and 1.23 X 10~* M except in the case of di-
nitroaniline where it is 0.642 X 10-4 M,

results and the value —1.039 for the pK of 4-
chloro-2-nitroaniline the pK values of the other
indicators are estimated as: 2,4-dichloro-6-nitro-
aniline, —3.34; 2,4-dinitroaniline, —4.17; 6-
bromo-2,4-dinitroaniline, —6.46. The best values
of Paul and Long, which are based upon the be-
havior in water-strong acid mixtures, are —3.32,
—4.53 and —6.71. The differences between the
two series of values are no larger than those fre-
quently found in similar comparisons.? With
these values of the acidity constants of the indi-
cators the data of Fig. 1 have been translated intg

(9) M. A. Paul and F. A, Long, Chem. Revs., 87, 1 (1957).
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the plot of the acidity function H, against the
logarithm of the concentration of sulfuric acid
shown in the upper curve of Fig. 2. The other
curves in this figure represent values obtained in
similar fashion for solutions containing specified
small concentrations of the salt pyridinium bisul-
fate, Figure 3 shows in the same way the effect
upon the acidity function of sulfuric acid solutions
of specified concentrations of water.
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Fig. 2.—Plots of the acidity function H, against the
logarithm of ¢, the molar concentration of sulfuric acid in
nitromethane at 25°: top curve, acid and indicator alone;
2nd from top, 0.0048 M pyridinium bisulfate added; 3rd
from top, 0.0096 M pyridinium bisulfate added; bottom
curve, 0.0192 M pyridinium bisulfate added.
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Fig. 3.—Plots of the acidity function H, against the
logarithm of ca, the molar concentration of sulfuric acid in
nitromethane at 25°: I, acid and indicator alone; II,
0.011 M water added; III, 0.0225 M water added; IV,
0.045 M water added; V, 0,090 M water added.

Over the narrower range of acid concentrations
employed by Dr. Reusch? the results reported above
are in rather good agreement with hers, allowance
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being made for our use of Paul and Long's revised
value of the acidity constant of 4-chloro-2-nitro-
aniline. There is however an as yet unexplained
discrepancy between the present results and the
earlier ones with respect to the effect of tempera-
ture. Our data indicate a parallel displacement of
the plot for sulfuric acid solutions toward lower
values of the indicator ratio which averages 0.15
unit in the logarithm for each 10 degree increase
in temperature. This was found both with 4-
chloro-2-nitroaniline and with 2,4-dichloro-6-nitro-
aniline and over the range from 11.4 to 39.5°.

For three of the indicators we investigated the
effect of the titer concentration ¢; of the indicator
on the indicator ratio. The results are reported
in Table I. The figures in parentheses for the
bromodinitro indicator have been calculated to a
fixed acid concentration of 0.400 7.

TasrLe I
EFrrer of Inp1cATOR CONCENTRATION
104, 105, loyg {1 ~1/[1]
4-Cliloro-2-uitronniline

0.294 5.31 0.66

589 5.31 .64

. 883 5.31 .61
1.18 5.31 o4
0.59 1.149 1.07
1.17 1.149 1.05
1.76 1.149 1.03
2 34 1.149 1.01
3.51 1.149 0.97
4.68 1.149 0.92

2,4-Dichloro-6-nitroaniline

0.295 53.1 —0.20

.59 53.1 — .18

. 885 53.1 - 17
1.18 53.1 - .20
1.77 53.1 - .20
2.36 3.1 — .22

G-Bromo-2,4-dinitroaniline

0.3 389.4 —0.47(=0.44)
0.6 412.0 — 45(= .49
1.8 400 .4 — H2(= 1)
2.4 399.6 — Hl(= 43)
3.6 433.8 — 21(= .32)

Because the indicator data point so strongly
toward extensive ion association of the indicator
salts we have investigated the conductance of the
salt pyridinium bisulfate in nitromethane. The
solvent had a conductance of 3.41 X 10~7. The
results are presented in Table II. Applying the
Shedlovsky extrapolation formulal® in the theory
of Fuoss and Kraus!' one obtains A; = 142 and
K = 1.7 X 1073, The degree of dissociation of the
ion pairs calculated from these figures ranges from
0.55 for a (0.003 A solution of the salt to 0.85 for a
0.000068 M solution,

Conclusions
These are extremely acidic solutions; this would
indeed be expected from the very low basicity of
nitromethane, which is only slightly ionized as a
solute in dilute solution in the solvent sulfuric

(10) T. Shedlovsky, J. Franklin Inst., 228, 739 (1938).
(11) R. M. Fuossand C. A, Kraus, TH1S JOURNAL, 85, 476 (1933).
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acid.’ As was the case in previous work on strong
acids in the solvent nitromethane plots of acidity
function against the logarithm of the acid concentra-
tion show unexpectedly steep slopes.

Considering first the region of acid concentration
above 0.1 4, the only possible interpretation ap-
pears to be a reaction of one molecule of indicator
I with three molecules of acid HA according to

I+ 3HA ZT> IH+A(HA)" (2)

the product being an ion-pair which has the same
light absorption as the free ion IH*. For this
reaction it is shown easily that », the observed
ratio of the sum of the concentrations of all acid
forms of the indicator to the concentration of the
base form, is given by

7 = Kot (3)

K; being the equilibrium constant of reaction 2,
provided, as is the actual case, that the indicator
concentration ¢ is much less than the acid con-
centration c,. This equation predicts a slope of 3
for a plot of log » against log ¢. and consequently
a slope of —3 for a plot of [Z, (which equals pK,
— log 7) against log ca. Least squares treatment
of our data over the range from 0.1 to 1 1/ gives a
slope of —2.94.

The evidence is strongly against any significant
dissociation of the ion pair into the ions IH™ and

A(HA).~. If there were appreciable dissociation
with an equilibritin constant K the equation
- 3 .
R Ly K
¥ Z cir
MR Erc KA (),
{207 T o ’

would apply, and 7 would vary with ¢;, which the
data of Table I show is contrary to fact in this
region of acid concentration. The conclusion
is further supported by the fact that the difference
in the pK values of the two indicators used in this
region is close to the difference observed in strong
aqueous acid solutions (2.29 against 2.18). Further-
more the acidity of a solution in which considerable
dissociation of the ion pair existed would be af-
fected much more largely by the addition of a salt
with an ion in commion, such as pyridinium bi-
sulfate, than is the case in this region of acid
concentration.

At lower acid concentrations new phenomena
appear. With solutions containing no added salt
the slope of the plot decreases sharply at acid
concentrations below 0.1 17, and the data can be
fitted closely by supposing that the reaction

I+ HA T IHHA- &)
accompanies reaction (2). With K; as the equi-

librium constant of reaction 5 and assuming no
dissociation of the ion-pairs we have then

r = Kico + Kura® (G)
and
II. = —log K, (Kicy + Kaco®) (73
Thus with KoKy = 1.23 X 10* and K,A; = 1.78
X 107 we have the agreement between calculated
(12) R. J. Gillespie, J. Chem. Soc., 2547 (1930).
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TaBLE II
CONDUCTANCE OF PYRIDINIUM BISULFATE SOLUTIONS IN NI1TROMETHANE
10% 2.9725 1.5446 1.2448 1.0507 0.6737 0.3533 0.1743 0.0683
A 31.18 41.83 44.85 47 .44 55.43 66.88 79.98 88.15
TasLE 111 nitrobenzene,'* whose lower dielectric constant
OBSERVED AND CALCULATED ACIDITY FUNCTIONS (35 compared with 38) yvquld tend toward lower
log ca 0 —0.5 —1.0 —1.5 —2.0 —2.5 rather than higher dissociation of salts.
Ho (obsd) —7.24 —5.756 —4,32 —3.06 —2.14 —1.45 The addition of a salt such as pyridinium bi-
Ho (caled) —7.25 =35.75 —4.28 —2.98 —2.12 —1.60 sulfate must decrease the concentration of free
) acid by reactions such as
TABLE IV

EFFECT OF SALT UPON THE APPARENT CONCENTRATION OF
AVAILABLE AcCID

Ca Cs [HA] A[HA] Ca Cs [HA] A[HA)
0.016 0.0048 0,005 0.011 0.1 0.0048 0.081 0.019
.0096 . 002 .014 . 0096 .067 .033

0192 .048 .052

0.04 .0048 .025 ,015 0.4 .0048 .360 .040
.0096 018 .022 ,0096 .320 .080

.0192 .010 .030 0192 ,282 118

and observed value of the acidity function shown
in Table ITI. The equation

Hy = —log Ku(Kica + Koca? + Kity®) (8)

fits the data as well as (7) but not significantly
better.

In the experiments at low acid concentrations
with the indicator 4-chloro-2-nitroaniline a weak
but probably real dependence of # upon indicator
concentration is observed (Table I), although there
is no evidence for such an effect at higher acid
concentrations where indicators of more negative
pK value were employed. According to eq. 4
(or to the similar equation with Kjc./r on the
left side and an identical right side which should
apply at low acid concentrations) # can be a func-
tion of ¢; only in so far as the right side of the
equation differs from unity. For any given value
of the ratio Ki/c¢; the difference will be greater the
greater the value of the quantity (1 + r)/7, i.e.,
the smaller the value of . In fact however the
only measurements which show an appreciable
dependence of # on ¢; involve high rather than low
values of . This effect is possibly spurious since
it appears only with low values of ¢, where the
experimental uncertainty is greatest. If it is not
the dissociation constant K; must be greater for
the salts of the least acidic indicator than for
the more acidic ones. Such a relationship would be
consistent with the fact that the dissociation con-
stant of pyridinium bisulfate is about 10—% while
that for the indicator salts cannot in any case be
more than 10=%. With a pK of 5.6 pyridinium ion
1s much less acidic than the conjugate acids of any
of our indicators. The relationship is also con-
sistent with existing evidence for strong hydrogen
bonding between anions and cations of the struc-
ture R;NH™ in the solvent nitrobenzene!?; with
the normal and expected increase in the strength of
hydrogen bonding with increasing acidity of the
hydrogen donor; and with the fact that the quater-
nary salt tetramethylammonium bromide, in
which no hydrogen bonding of this kind is possible,
has a dissociation constant of 0.02 in the solvent

(13) (a) W. F. K. Wynne-Jones, J. Chem. Soc., 795 (1931); (b)
E, G, Taylor and C. A, Kraus, THIs JOURNAL, 69, 1731 (1947),

PyH*+A- + 2HA T PyH*A(HA)~ (9)

complicated by the dissociation of both the ion
pairs. The decrease in acid concentration must
then decrease the value of . In the specific case of
a solution containing no salt for which ¢. = 0.1,
¢ = 1.2 X 10 and H;, = —4.33, the actual
concentration of free acid may be taken to be 0.1,
Addition of 0.0192 M salt increases the observed
value of Hy to —3.55. From the graph it appears
that an identical increase in H, could have been
obtained by decreasing c. and consequently [HA]
to 0.048 without the addition of any salt. The
effect of the addition of the salt upon the value of
r is therefore the same as the removal from the
solution of 0.052 mole per liter of acid, an amount
which is 2.7 times the quantity of added salt. Fig-
ures obtained in this way for other representative
cases are listed in Table IV, in which the column
headed [HA] is the actual molar concentration of
acid and the column headed A[HA] is the calcu-
lated change in the concentration of uncombined
acid resulting from the addition of the salt. These
calculated changes are generally more than twice
the concentration of the salt, but hardly by a larger
factor than can be expected from the uncertainties
connected with the small magnitude of the total
effect of the salt upon the acidity in all but the
lowest acid concentrations. If in fact the in-
dicator salt is partially dissociated repression of
the dissociation by the added salt would increase
the total effect in the observed direction.

The effect of water at the higher acid concentra-
tions is about the same as that of the pyridinium
salt. At low acid concentrations, however, water
has a considerably smaller effect than the salt,
This may be taken to indicate that the reaction

H,0 4 H.S0, T~ OH:*-HSO,~ (10)

is incomplete at low acid concentrations but be-
comes essentially complete at acid concentrations
greater than about 0.1 /.

Our finding that salt formation between an
amine base and a strong acid may involve more than
one mole of acid per mole of base finds strong
support in the discovery by Brown and Holmes®
that in the solvent nitrobenzene salts of 2-alkyl-
pyridines with the strong acid methanesulfonic
acid react with excess methanesulfonic acid by a
process which is accompanied by a considerable
heat evolution. This process occurs with salt con-
centrations of the order of 0.08 M and the heat
evolution does not cease when one additional mole
of acid has been added. In the solvent nitro-

(14) H. Sadek and R. M. Fuoss, ibid., 78, 5005 (1854).
(15) H, C. Brown and R. R, Holmes, bsd., 77, 1727 (1954),
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methane Pocker® has presented good evidence for
the stability of the CIHCI-

Because the hydroﬂuorlde ion FHF ~is so familiar
even to an aquocentric chemistry, CIHCI~ does not
seem as difficult to accept as the combination of
bisulfate ion with additional acid molecules which
our results require. The principle is not in fact
new, we suppose that the hydrogen atom of the
acid bonds with unshared electrons on the oxygen
atoms in the bisulfate ion in the same way that
the hydrogen atoms in HF bond with unshared
electrons in the fluoride ion. Tt is true that the
oxygen atoms in the bisulfate ion can have only
very weakly basic properties. but it is also true
that the hydrogen atoms in sulfuric acid are
extremely acidic, and hydrogen bonding depends
as much on the acidity of the hydrogen donor as it
does on basicity of the acceptor.

It seems necessary then to conclude that the
remarkably non-water-like quality of the chemistry
of acid-base reactions in nitromethane should be
attributed to the lack of hydrogen bonding donor
properties of this solvent, and that conversely the
familiar properties of acid-base systems in water-
like solvents must be attributed much more to the
quality of these solvents as hydrogen bonding
donors and much less to their relatively high di-
electric constants than has usually been the case.!$

(18) See however ref. 13,
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Our picture of the indicator salt in solutions of
sulfuric acid of concentration over 0.1 A would in
fact be

+
H--0O /O---HNHER

v
S

7N
HO;SOH--0"  0---HOSO.H

and we expect the stability of similar structures
to be an important factor in the chemistry of all
solvents which lack the hydrogen bonding donor
properties of water and of other solvents whicly,
like water, contain relatively acidic hydrogen
atoms. Because of the close parallelism which
often exists?’ between the equilibrium of the salt,
formation of indicators and the rates of acid-
catalyzed reactions, we expect also that the rates
of acid-catalyzed reactions in non-water-like sol-
vents will frequently depend upon a higher power
than the first of the acid concentration and that
such reactions will often be retarded by the addi-
tion of ‘‘neutral” salts even though a catalysis by
the Iyonium ion is out of the question.®

(17) Recently reviewed by F. A. Long and M. A, Paul, Chem.
Revs., 57, 935 (1957).

{18) Such a retardation is observed in the effect of tetramethylam-
nionium p-nitrobenzoate on the mutarotation catalyzed by p-nitro-
benzoic acid of tetramethylglucose in nitromethane; E. L. Blackall
and A. M. Eastham, THis Jour~aL, 77, 2184 (1933).
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On the Hydrogenation of Purines!

By T. NaKajiMA AND B, PULLMAN
RECETIVED FEBRUARY 10, 1959

The reduction of purine hydrochloride under one atmosphere of hydrogen in the presence of palladium-charcoal catalyst

at room temperature, and the inertness under the same conditions of purine and the biological purines:

adenine, guanine

and xanthine, are interpreted in terms of the relatively great value of the free valence—and correlatively small value of the
radical localization energy—of carbon 6 of purine hydrochloride.

We have studied in a series of recent publications
the electronic structure of purines in relation to
their chemical and physicochemical properties®—*
and with the principal object of establishing a cor-
relation between the structure and the antitumor
activity of purine antimetabolites.® This note is
concerned with the interpretation of some recent
observations on the hydrogenation of purines.

Bendich® has shown that purine hydrochloride
may be reduced under one atmosphere of hydrogen
in the presence of 5%, palladium~charcoal catalyst
at room temperature. The product obtained has
been considered tentatively to be 1,6-dihydropurine
(I). Purine itself does not reduce under these con-
ditions and neither do the ‘‘biological” purines:
adenine, guanine and xanthine.

(1) Supported by Public Health Service Grant C-3073.

(2) A. Pullman and B. Pullman, Bull. soc. chim. France, 28, 766
(1958).

(3) A. Pullman, tb4d., 25, 641 (1958).

(4) T. Nakajima and B. Pullman, 7bid., 26, 502 (19358).

(5) B. Pullman and A. Pullman, {bid., 28, 973 (1958). and in press.

(3} A. Bendich in “The Chemistry and Biology of Purines,” A. Ciba
Toundation Symposium, Churchill Ltd., London, 1957, p. 308,
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There are three possible structures for purine
hydrochloride with the proton attached, respec-

Hli/ | ji\:[ cl- L il" cr
N NH
I

TNH ’\IH

o]
I

LL\N \}JIJ
v

tively, to N1, N; or Ny . Following our theoretical
investigation on the position of the most basic
nitrogen on the skeleton of purine, it is the structurc
II which is the most probable.?*



