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INTRODUCTION

The currently accepted theory of electrolytic 
solutions, as developed on the basis of coulombic inter 
action between ions by Hiickel, On eager, and Bjerrum, 
has been successful in interpreting the properties of 
dilute electrolytic solutions. The extension of the 
theory into the range of more concentrated solutions 
has occupied the attention of physical chemists to such 
an extent that there exists a tendency to neglect many 
other interactions that play a significant role in de
termining the properties of solutions of electrolytes. 
The most consistently neglected factor in the modern 
theories of solutions is the recognition of the great 
importance of the nature of the solvent, for which all 
properties but the dielectric constant are taken into 
little account. The importance of these non-coulombic 
factors in determining the properties of solutions 
becomes more obvious as our studies are extended to 
solutions of electrolytes in non-aqueous solvents.

In general, we might say that the dissociation 
constants, and thereby the solubilities of salts in any 
media, depend upon governing parameters' such as the 
dielectric constant, temperature, the energy required 
to separate ion pairs under the action of coulomb forces
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and possibly the degree of solvation of the ions. How
ever, the factor of greatest influence in determining 
the properties of acids and bases is an active proton 
which may be ascribed to either the solvent or solute 
molecule, and which leads to interaction between the 
molecules of solute and solvent. The existence of such 
interaction is the basis of the modern concept of acids 
and bases, wherein we recognize that an acid is a sub
stance possessing an active proton, and a base is a 
substance containing an atom with an unshared pair of 
electrons that are capable of interacting with the active 
proton. Recognition of this fact suggests the conclusion 
that the determination of the tendency of an acid to 
enter into complex formation with a basic solvent is a 
more fundamental measure of acid strength than is pro
vided by a determination of the degree of dissociation 
into ions, which is most essentially a secondary process 
following thé àcid base interaction.̂  A general equa
tion toay be written for the reaction,

S + H-X = S-H-X
where S represents a molecule of the solvent, H-X some 
acid, and S-H-X some potentially ionizable acid-solvent

29 (1 9 3 3) 821H46ta0h* -eitscfarlft ftLr Eleoktrochemie.
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complex. When the solvent—proton bond is very strong 
as compared to the H-X bond of the acid, partial or com
plété ionization occurs, the extent of the stability of 
the solvated positive ion depending on the relative basic 
strength of the anion X» as compared to the basic strength 
of the solvent.

The above mentioned considerations justify the 
conclusion that the factor of probably greatest impor
tance in determining the strength of an acid is the basi
city of the solvent, and conversely we might say that 
the nature of the solute, with respect to proton activity, 
determines, in the individual case, the basicity of the 
solvent. Consequently, any generalizations, involving 
comparisons of relative acidities or basicities, which 
fail to take into consideration these factors must neces
sarily lead to incomplete conclusions.

Recognition of this fact has provided the impetus 
for considerable experimentation and theoretical specula
tion concerning the nature and extent of solute-solvent 
interaction. The general desire is to establish whether. 
some relatively simple correlation might be deduced for 
what is apparently a mass, of dissimilar and hitherto un
predictable phénomena observed in various solutions in 
which such interaction» seem to occur. Such a develop
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ment would indicate that apparent variation of acid 
strength of a single solute in various solvents might 
be due to differences in basicity of the solvents, and 
possibly a true comparison of relative acidities might 
be approximated which is independent of the various 
standards reviewed by Hantsch.®

As has been previously mentioned, the funda
mental step of an acid-base reaction involves the associ
ation of a solute with a solvent molecule to form a com
plex« In general it is agreed that such association 
occurs through what is designated as the hydrogen bond. 
The concept employed to describe these phenomena is much 
less disputed than is the terminology involved. Claims 
have been made that the phenomena might be better dee- 
scribed by the term dipole association. Rodebush* 3 
pointed out that the attempts to describe association 
through hydrogen as a simple dipole interaction involved 
an oversimplification not consistent with fact. Objec
tions have been proposed against the loose use of the
term, in the sense of where it is interpreted as a de-

1

scription of a type of covalent bond, on the well

27 A. Hantsch. loc. cit., 222 ff
3. W. H. Rodebush and A. M. BusSfeil . Journal 

of Physical Chemistry. 43 (1939), 219-330.
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founded ground that there is no quantum mechanical re
presentation of such a covalent bond that is in agree
ment with experiment. However, the significant fact 
remains that a proton attached to an atom by a pair of 
electrons may be attracted to a pair of electrons be
longing to another atom. As a result of this attrac
tion, the proton moves away from the first pair of elec
trons and the bond becomes ionic in character. In a 
medium of high dielectric constant such assumption of 
ionic character is favored by energy considerations, 
but the phenomena can occur even in media of low dielec
tric constant, depending on the relative acidity or ba
sicity of the atoms involved. The formation of the so 
called hydrogen bond by the assumption of ionic charac
ter can be described by a proper combination of homopo- 
lar and ionic wave functions, and such is the viewpoint 
tentatively accepted by Pauling.4 In as far as the fol
lowing discussion is concerned, the term hydrogen bond 
will be employed to describe a situation whenever a pro
ton lies somewhere intermediate between two pairs of 
electrons, and the existence of a free pair of electrons, 
held by a somewhat basic atom, will be considered the

~ b .  Pauling. Nature of the Chemical BondT <so4-307 •
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essential condition for association of a molecule with 
the hydrogen of another molecule.

Although it is conceivable that a number of 
factors might influence relative acidities or basici
ties, it may be assumed that the summation of all these 
effects influences in various degree a single phenomenon 
that can be experimentally determined. That is the ten
dency for association of molecules through the hydrogen 
bond. The possibility of various types of hydrogen 
bonding is recognisedj namely, intermoieculaf bonding, 
which may involve the association of two or more of 
either like or unlike molecules, and intramolecular 
bonding, commonly referred to as chelation.5 Most of 
the more recent studies of the problem of solute-solvent 
interaction are concerned with the interpretation of the 
extent and type of hydrogen bonding in solutions.

Several experimental methods of attacking the 
problem have been used with varied degrees of success.
Up to the present date, the problem is largely one of 
determining the conditions under which association 
through hydrogen occurs. It is hoped that a sufficient 
accumulation of such data may eventually suggest the

1637-1653.5. H. Gilman, editor, Organic Chemistry. II
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answer to the problem of the mechanism involved in so
lute-solvent interactions.

Perhaps the most valuable of the several exper
imental methods is provided by the use of the infrared 
spectroscopy, the value of which was made evident by 
Wulf and coworkers.6 The particular utility of the me
thod lies in the fact that because of the small mass of 
the hydrogen atom its vibrational frequency, and there
fore its absorption band in the infrared region, is 
nearly independent of the rest of the molecule. Hydro
gen bonding, where it occurs, is detected by the result 
of the perturbation of the vibrational frequency of the 
hydrogen, which effect is manifested by the shift of the 
infrared absorption band to a longer wave length. Gordy 
and Stanford7 list the effect of over seventy liquids on 
the 0-D vibrational band of heavy methyl alcohol (CH^OD), 
and interpret the data in terms of solute-solvent asso
ciation through the hydrogen bond. In general, the qua
litative conclusions deduced from infrared data are in 
good agreement with the conclusions arrived at by consi
deration of data obtained with different experimental II

II TnHrfafi ?* G11?eri» °* ?• S. B. Hendricks, and
58 L?1936)# the Am9rioan Chemical Society,

Physics,?8 (1940Kd170-177!Stanf°rd* ^ournaI of Chemical
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methods. Gordy and Stanford point out the agreement of 
their work with that of Zellhoeffer and coworkers,8,9 
who have shown that in general, where the solubility is 
abnormal, the beat explanation of the abnormality in
volved postulation of hydrogen bond formation. This 
work involved the measurement of the solubility of var
ious halogenated hydrocarbons in a number of organic 
solvents, the solute in all cases being a relatively 
weak proton donor. It would seem, therefore, to be a 
question of considerable theoretical interest to deter
mine whether solubilities of strong proton donors, such 
as the.halogen acids, might not be explained in similar 
terms of an acid-solvent reaction, and to determine if 
the correlation of infrared data8 9 10 11»11 with solubility 
data could still be established through the concept of ' 
the hydrogen bond. However, data of this kind for halo
gen acids in organic solvents are very limited. The

8. G. 1*. Zellhoeffer, Industrial and Engineering Chemistry. 89 (1937), 584. -----
9. G. P. Zellhoeffer, M. J. Copley, and C. S.

Marvel, Journal of the American Chemical Society. 60 
(1938) 1337-1343. Ibid., 60 0.938), 271?:----

10. W. Gordy and J . Martin, Journal of Chemical.Physics. 7 (1939), 93. -------------------
11. C. E. Leberknight and J. A. Ord, PhysicalReviews. 51 (1937), 430-433. — *------
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only direct measurements of partial pressure of hydrogen 
chloride from its solutions recorded in the literature 
are those from water,18 acetic acid,13 ethylene glycol, 
benzene, and nitrobenzene,14 hexane, and the ortho and 
meta isomeric nitrotoluenes.15 * Except for aqueous so
lutions at 85 , no direct measurements of the partial 
pressure of hydrogen bromide from its solutions are re
ported in the literature. It would seem of interest, 
therefore, for at least two reasons, to measure the par
tial pressure of hydrogen bromide from its solutions in 
several of the same solvents for which partial pressure 
data for hydrogen chloride is already available. First 
of all, partial pressure data, as has been pointed out 
by Rodebush17 and O’Brien,18 provided a means of esti
mating the extent of an acid-solvent reaction, and there

. . 18• Randall and R. Young, Journal of theAmerican Chemical Society. 50, (1928T, 1001.------
13. W. H. Rodebush and Ewart, Ibid, 54 (1 9 3 2),13. w. H419.
14. s. J.'Zuercher, Ibid. , 1
15. s. J(1940), 189.

(1919), 16. J. R,1991 •
17. w. H,
18. S. J.
17. W. H. Rodebush and R. H. Ewart. loc. cit.

-7 v. 18*. S * Je O’Rnlen, C. L. Kenny and R. A. Zuercher. loc. cit.
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exista, therefore, a theoretical possibility that this 
method may provide a standard for the estimation of rel
ative acidities, if data can be made available for a ser 
ies of acids in the same solvents. The tentative eval
uation of this method as a standard for the comparison 
of relative acidities was one of the purposes of this 
investigation. 'The second purpose was the acquisition 
of data to confirm previous interpretations^ of the 
solubility of hydrogen chloride in these same solvents 
in terms of hydrogen bonding and the basicity of the 
solvent.

In the following sections, the experimental 
method involved in measuring the partial pressure of 
hydrogen bromide from its solutions in benzene, toluene, 
and in the ortho and meta isomeric nitrotoluenes will be 
described, and the results will be discussed from the 
viewpoint of the above outlined objectives. 19

19. S. J . O’Brien and C. L. Kenny, loc. clt.
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EXPERIMENTAL

Materials: Solvents. The benzene and toluene 
used were a Merck Go. product of good grade. The re
agents were dried over sodium for about six months and 
then distilled in an all pyrex still. The ortho and 
meta nitrotoluenes were an Eastman Kodak Co. product. 
These reagents were treated with a special grade of 
calcium oxide, prepared by heating air slaked lime to a 
temperature just high enough to decompose the mixture to 
calcium oxide, but not to a high enough temperature to 
cause scintering. Calcium oxide, prepared in this man
ner, is a very finely divided product that is very ef
fective in removing water from the solvents and is also 
effective in removing all traces of the pink color nor
mally present, which becomes intensified to a purple 
color when a halogen acid is introduced. The liquids 
were then vacuum distilled under a pressure of 5-10 mm. 
The nitrotoluenes treated in this manner maintained 
their clear light yellow color even after the addition 
of hydrogen bromide. The physical constants of the li
quids taken as an index of purity are as follows: ben
zene, m.p.= 5.48°; toluene, N®°= 1.4959; m-nitrotolu- 

soene, = 1.5460, m.p. =15.35°; SO
SO ~ 1.5455.

o-nitrotoluene,
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Solutions of hydrogen bromide. The hydrogen 

bromide was generated and introduced into the liquid in 
an all pyrex apparatus. The hydrogen bromide was pre
pared by allowing bromine to slowly run from a dropping 
funnel into a flask containing 300ml. of tetrahydro- 
naphthalene (Eastman Kodak Co. product, practical). Be
fore being introduced into the flask containing the li
quid to be saturated, the hydrogen bromide was passed 
through a trap, cooled by ice water, to remove organic 
vapors, then through a 50 cm. column of moistened red 
phosphorus, to remove bromine fumes, and finally through 
a 20 cm. drying tower of phosphorus pentoxide.

Standard Solutions. Sodium hydroxide solutions 
were prepared by dilution of a 15m. stock solution, and 
standardized by titration of weighed samples of constant
boiling hydrochloric acid. Methyl red was the indicator 
used.

Apparatus and Method. The partial pressure of 
hydrogen bromide from its solutions was measured by the 
static method, using a modification of an apparatus of 
the type first described by Saylor.20 Since the appar
atus and method have already been fully described by

80. J. H. ioal Society. 59 jQurnal o£ the American Cham- (1937), 1718-1714.
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other workers,81»88,S3 n0 further discussion of the pro 
cedure will be given here. The only modifications in
troduced were the use of a graphite lubricant for the 
stopcocks in the apparatus, and the addition of a drop 
or two of capryl alcohol to the nitrotoluene solutions 
before titration with sodium hydroxide. The constant 
temperature bath was regulated at 25.00 t .08°.

RESULTS

The results obtained are summarized in tables 
I, II, III, and IV in which the first column gives the 
molal concentration of hydrogen bromide, the second 
gives the partial pressure of hydrogen bromide from its 
solutions in mm. of mercury, and the third column gives 
the Henry’s law constant,

k = p/m
in atmospheres per mole per 1000 g. of solvent.

The data given in the tables are also shown 
graphically in Figure I, where the logarithm of the 21 22 23

21. A. F. Schmelzle, Masters Thesis. Creighton University, 1938. “-------- The

22. P. Westfall, Masters Thesis. ton University, 1938. ----- The Creigh-

23. R. A. Zuercher, Masters Thesis. Creighton University, 1939. -------------- ' The
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pressure is plotted against the logarithm of the mole 
fraction of hydrogen bromide in the solution.

Table I
The Partial Pressure of Hydrogen Bromide from its Solu
tions in m-Nitrotoluene.

m p(mm) k
0.449 493 1.45
0.374 408 1.48
0.118 116 1.36
0.0688 73.5 1.41
0.0315 32.2 1.35

Mean =
Table II

1.40± .03

The Partial Pressure of Hydrogen Bromide from its Solu
tions in o-Nitrotoluene.

m p(mm) k
0.383 333 1.35
0.147 147 1.31
0.0638 60.5 1.26
0.0450 43.9 1.88
0.0826 82.0 1.27

Mean ■ 1.89 ±
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The Partial Pressure
Table III

of Hydrogen Bromide- from its Solu-
tions in Benzene.

m p(mm) k
0.477 429 1.18
0.301 253 1.02
0.226 170 0.99
0.167 128 1.01
0.162 124 1.01
0.097 83.3 1.13

Mean = 1.07 ± .07

The Partial Pressure
Table IV

of Hydrogen Bromide from its Solu-
tions in Toluene.

m p(mm) k
0.477 358 0.99
0.446 336 0.97
0.407 899 0.97
0.286 210 0.97
0.194 171 1.15
0.185 146 1.03

Mean = 1.01 ± .05



Pig. I—  The partial pressure of hydrogen bromide 
from its solutions in (1) benzene, (2) toluene, 
(3) m-nitrotoluene, (4) o-nitrotoluene. The 
broken line represents Raoult's law.
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DISCUSSION

fcrom inspection of the data it becomes immedi
ately apparent that the solubility of hydrogen bromide 
in the solvents investigated is low and Henry’s law is 
followed. Figure I, however, shows a definite negative 
deviation from the law of Raoult. This fact seems to 
indicate that some fraction of the hydrogen bromide is 
made ineffective with respect to the solution-vapor 
equilibrium. It may be assumed that this fraction is 
involved in complex formation with the solvent by a re
action corresponding to the following equation:

HBr + S = S—t-H-Br
where S represents the solvent molecule, and S-*H-Br 
indicates the formation of a hydrogen bond with some 
atom in the solvent. If- the assumption is made that 
the unreacted hydrogen bromide in the solution obeys 
the law of Raoult, the extent of the acid base reaction 
can be calculated from the equation24

Ka s Ai/Au
where ^  is the activity of the reacted and A is theu
activity of the unreacted hydrogen bromide. It was

24. S. J. O’Brien, C. 
cher, loç. çit. L. Kenny, and R. A. Zuer-



shown that this is reducible to

Ka = (fo"km3,/l™ a
where, fQ is the fugacity of pure liquid hydrogen bro
mide at 85°, k is the Henry’s law constant, and mg is 
the number of moles of solvent in 1000 g. The value of 
f0 for hydrogen bromide at 25° is 18.3 atmospheres, as 
it was calculated by the approximate method of Lewis 
and Randall , using a value for the vapor pressure of 
pure liquid hydrogen bromide interpolated from the data 
in the “International Critical Tables“ * 86. it was as
sumed that the deviation of hydrogen bromide from the
gas laws at 25° is the same as is indicated by the work 
of Moles8’'' at 0°.

In the solvents in which the complex is dis
sociated into ions, the dissociation constant, K , may 
be calculated from the equation^^.

18.

25. G. H. Lewis and M. Randall, 
and the Free Energy of Chemical Substance'Thermodynamics a, 197-199.

86• International Crltioal Tables III, 228.
„ „ 87‘ Phemlcal Abstracts. 10 (1916), 1723, 8422:E. Moles, Comptes Rendus Hebdomadaires des Séances de 
l’Academie des Sciences, 162 (1916), 686^887^^X1916).

28. S. J. O’Brien, C. L. Kenny, and R. A. Zuer- cher, loc. çit.
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K - f /m kf2 d o a

where k' la the proportionality constant of the Henry's 
law equation of the form

pi = kym.
The values of K& calculated from the data of 

this investigation, and the value of Kd for aqueous so
lutions are compared with the corresponding values for 
hydrogen chloride solutions in table V.

Table V
Solvent X a(H6l) K&(HBr) Ka(H6l)/Ka(HBr)
Benzene 0.16a 0.33 0.49
Toluene 0.37b 0.71 0.58
o-nitrotoluene 1.35° 0.94 1.44
m-nitrotoluene 1.53° 0.80 1.91

K.(HGl)d K (HBr) d Kd(H01)/Kd(HBr)
Water 1.83 x 106<3 8.80 x 108<3 0.0056

One of the purposes of this investigation was to 
test the assumption that the most significant factor in-

(a) S. J. O'Brien, cher, loo. pit. C. L. Kenny, and R. A, Zuer-

(b) E. 
ton bniversity, Velehradsky, Masters Thesis. 1 9 4 0 . --------------' The Creigh-

( o )
(d)337, 519.

S. J. O'Brien and C. L. Kenny, loc. d t . 
G. N. Lewis and M. Randall, o£. cit., pp.



financing the solubility of an acid is an acid solvent 
reaction, the extent of which is indicated by the con
stants K& or Kd# Since either of these values is really 
a function of the acidity constant of the acid and the 
basicity constant of the solvent,29 the ratio of the 
equilibrium constants, K&, for two acids in the same 
solvents should be of a constant order of magnitude.
The factor involving the basicity constant of the sol
vent would cancel and the resulting ratio might be in
terpreted as a comparison of the relative acid strengths 
of the two acids. This, however, can only be true if 
all other solubility influencing factors become negli
gible as compared to the acid-solvent reaction. Column 
3 of Table V lists the values of the ratio of the values 
of K& of hydrogen chloride to Kft of hydrogen bromide in 
the solvents investigated.

Consideration of such data makes it apparent 
that the anticipated simple relationship for comparison 
of relative acidities does not exist. If the ratio 
^a  ̂̂ ) (or (HCl)^Kd (HBr)) is taken as an in
dex of relative acidities, the conclusion would follow 
that hydrogen bromide is the stronger acid in benzene,

20.

29. C. W. Davies, The Conductivity of Solutions.
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toluene, and water, and hydrogen chloride is the stronger 
acid in the nitrotoluenes. The explanation of this lack 
of agreement must necessarily involve consideration of 
factors hitherto neglected, and the assumption upon 
which this comparison is based, namely, that all fac
tors but the solute-solvent reaction are relatively un
important, cannot be valid in the case of the solutions 
thus far investigated.

A consideration of probably great importance is 
the state oi association of the solvent and the effect 
of the solute on such possible association. In cases 
involving such highly polar but weak proton acceptor 
molecules, such as the nitrotoluenes, some explanation 
that might clarify the problem of association could 
possibly be deduced from adequate dipole moment data. 
However, most of the present measurements of dipole 
moments fail to give us the data which would have direct 
bearing on this problem. In cases of polyatomic mole
cules, the data represents the vector sum of the moments 
of all the groups. If methods are developed for esti
mating the dipole moment associated with particular 
groups and particular dipole valence bonds, some clari
fication of the problem of association of polar mole
cules may be evolved. At present, however, this possi



bility seems very remote.
28.

It is possible that the ratio of the K '3  fora
the two acids may be of nearly the same order of magni
tude in any particular group of solvents of the same 
character, although it varies considerably, as is ex
emplified by the data of this investigation, in differ
ent types of solvents. However, further discussion of 
this point must be postponed until further data is 
available.

The deviation of hydrogen bromide from Raoult’s 
law in benzene and toluene is greater than is the case 
with hydrogen chloride solutions in these same solvents. 
The infrared data3 0 »31 seem to indicate that the funda
mental absorption band for hydrogen chloride and hydro
gen bromide in benzene solutions is shifted only very 
slightly. In apparent" contradiction, the solubility 
data suggest a solute-solvent complex formation. It is 
difficult to definitely postulate as to what type of 
bond is associated with this complex formation. It has 
been demonstrated that the dielectric polarization of 
hydrogen chloride in benzene solutions is increased

30. D. Williams, Physical Review. 50 (1939),

31. C. E. Leberknight and J. A. Ord, loo, çit.



above the value assigned to it in the gaseous phase.32 
It may be that the complex formation can be explained 
in terms of an induced dipole-dipole bond. Another ex
planation that suggests itself is possible hydrogen bond 
formation between a hydrogen atom in the benzene nucleus 
and the halogen atom of the acid. This involves the un
usual assumption of measuring the acidity of benzene and 
the basicity of the halogen acid. There is very little 
experimental justification for assuming that the ben
zene nucleus possesses an active proton.33 it might be 
pointed out, however, that there may be an analogy be
tween the association phenomenon of a hydrogen halide 
with benzene and that phenomenon of complex formation 
between picric acid and anthracene. Here the evidence 
indicates a strong hydrogen bond, but the shift in the 
absorption band of the anthracene hydrogen is so slight 
that it can be detected only with difficulty even with 
the greatest precision of measurement.

All in all, granting the assumptions that the 
unreacted hydrogen halide obeys the law of Raoult and

83.

38. F. Fairbrother, Society. 44 (1938), 43-45. Journal of the Chemical

33. See however, *. 
the American Chemical Society. A. Philbrick, Journal of 

56, (1934), pp. 2581.



&1SO that the calculation of the fugacity is not seri
ously in error, some type of complex formation probably 
occurs. The question as to whether it can be explained 
by hydrogen bond formation or by some other type of 
electrostatic bond is a question that must be decided 
by future experimentation• The dipole moment of gase
ous hydrogen halides decreases with increasing atomic 
weight of the halogen atom. However, the existence of 
any causal relationship between an increased amount of 
complex formation with decreasing values of the dipole 
moment is not immediately clear.

The partial pressure data for hydrogen bromide 
from its solutions in toluene and the two nitrotoluenes 
indicate a deviation from Raoult1s law of about the 
same magnitude in all three solvents. With hydrogen 
chloride as the solute*, the magnitude of the deviation 
from Raoult's law in ortho and meta nitrotoluene is re
spectively three and five times greater than it is in 
toluene. In general, the degree of complex formation 
seems to be much less in the nitrotoluenes when the 
solute is hydrogen bromide rather than hydrogen chlor
ide. The comparatively smaller values of K&(HBr) in 
the nitrotoluenes might be anticipated due to the pos- 
sibility that hydrogen bromide is the weaker acid. If

84.
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however, this were the primary factor involved, there 
ought be some consistency between the data on solutions 
of hydrogen chloride and hydrogen bromide in these sol
vents. The inconsistency may indicate that the solute- 
solvent interaction in polar solvents, such as the ni- 
trotoluenes, is of a different type from that occurring 
in non-polar solvents such as benzene and toluene.

Infrared data3*»35 on hydrogen chloride solu
tions seem to indicate that the basicity of o-nitro- 
toluene is slightly greater than that of m-nitrotolu- 
ene. However, the solubility measurements, summarized 
in table IV, indicate greater solubility of hydrogen 
chloride in the m-nitrotoluene. O’Brien36 points out 
that the greater solubility of hydrogen chloride in the 
meta compound is in accord with the assumption of the 
greater tendency for chelation in the ortho compound.37 
This reversed order of solubility, with respect to what 
might be expected from interpretation of infrared data, 
ought be even more pronounced in the case of hydrogen

34. D. Williams, loc. cit.
35. W. Gordy and P. Martin, loc. cit.
36. S. J. O’Brien and C. L. Kenny, loc. cit.

Ä 3^• ^ • Sidgwick and R. K. Callow. Journalof the Chemical Society. 185 (1924), 527. -------

57553
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bromide solutions, since hydrogen bromide, a supposedly 
weaker proton donor, onagiit have an even lesser tendency 
than hydrogen chloride to make unstable the intramole
cular hydrogen bonding of the ortho compound. However, 
the solubility of hydrogen bromide in these solvents is 
in agreement with the infrared data, and in reverse or
der from what might be predicted from consideration of 
the data on hydrogen chloride solutions. This incon
sistency makes it difficult to interpret the solubility 
of the halogen acids in these solvents solely in terms 
of a solute-solvent association through a hydrogen bond. 
Since in this case, both the solute and solvent mole
cules are highly polar, it may be possible to devise an 
explanation for complex formation in terms of dipole 
association of solute and solvent and the effect of such 
association on a similar type of association between 
solvent molecules. However, no purely electrical theory, 
to explain adequately such phenomena, has as yet been 
devised. It is possible that further experimentation 
may provide a basis for explaining solute-solvent, as
sociation in this type of solution in terms of both 
hydrogen bonding and other electrical properties of 
polar molecules.



87.
SUMMARY

1. Measurementa are reported of the partial 
pressure of hydrogen bromide at 85° from its solutions 
in benzene, toluene, o-nitroluene, and m-nitrotoluene.

8. The partial pressure data of hydrogen 
chloride and hydrogen bromide in the same solvents are 
compared, and interpreted in terms of a possible acid- 
base reaction between the solute and the solvent.

3. No simple relationship for comparison of 
the relative acidities of hydrogen chloride and hydro
gen bromide can be deduced from vapor pressure data 
alone.

4. The possible association of solute and sol
vent through the hydrogen bonding is not the sole pre
dominant factor in determining the solubility of halo
gen acids in the nitrotoluenes.
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