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PreEsR ol UG TSEVEIN i

The phencmenon of solubility has been studied by
' chemists for many years, yet because of its wide and

fcomplex nature, it has been found to present some of i
the most perplexing problems tackled and for this reas&n

no single theory has been advanced to account adegquately

Ifor the behaviour of all solutions. The aim of all j
?investigatora has been to find some unifying principleJ
by means of which the experimental results obtained i
;could be made to fit into some simple systematic form i
iand although the problem is far from being solved cqm-‘
pletely, the researches of Dolezalek, van Laar and !

|Rothmund, followed in recent times by those of Hilde-

brand and his co-workers have opened up viewpoints which

|
are not only of theoretiecal interest but also of consid-

!erable practical importance. !

| During last century empirical laws were formulgted

by Henry, van't Hoff and Raoult, Raoult's being subse-

: I

| |
|



| liquids, discovered that the amount of gas which will |

quently used as the basis for further expansionm in
theories of solubility.
Henry (Phil. Trens., 29, 1803; Gilb. Ann., 20, |

147, 1805) in his study of the solubility of gases in |

dissolve in a given volume of the solvent, was propor-
tional to the partial pressure of that gas gbove the
solution. Expressing the solubility of the gas in

terms of mol fraction, we obtain the relation,

|
|
|
p?/ = Kg (1) !

Na
where ps = partial pressure of the gas,
Ng = molar fraction of the gas in the 1iquid,!
and Kg = Henry's Law constant.

The analogy between gases and substances in dilute

 solution was first stated by van't Hoff (Phil. Mag., 3,

157, 1888) who showed from a study of the experimental |

data of Pfeffer and others that the osmotic pressure of

| & solution, measured against the pure solvent, is numer-

ically equal to the pressure which the solute would ex%rt

as an ideal gas under similar conditions; so that

TV~ = " 11RT (2)
where 77 = QOsmotic Pressure of the solution, \
V = Volume of Solution containing 1 gram-

molecule of the solute,



where ng = number of mols of solute,
T = Absolute Temperature
and R = Ideal Gas Constant.

On a much firmer theoretical basis is Raoult's

Law (Compt. remd., 104, 1430, 1887; Z. physik. Chem.,

| 2, 353, 1888) which states that the partial vapour

pressure of a substance in solution is proportional to

its molar fraction. In the pure substance the molar
|

fraction is unity, so that Raoult's Law can be expressed

;mathematically as follows. Let p; be the partial vapéur

| molar fraction is Ny, p;° the vapour pressure of the |

| pressure of a component A over the solution, in which its

. !
same substance as a pure liquid at the same temperature;
|

then |
By ¢ == Py Wi (3) ’

Similarly the partial vapour pressure of another

component B is given by
|
|

P2 = DRg°Na (4)
where Ng is its molar fraction and

P2°, the vapour pressure of the pure liguid.

Zawidski (Z. physik. Chem., 35, 129, 1900) later |
found, that for certain binary systems such as ethylené
chloride and benzene, the relation held for both com=- ‘

ponents over the whole range of concentrations.:




The great theoretical importance of Raoult's Law
was demonstrated by van't Hoff, who showed that the
lowering of the vapour pressure of a solution was rel-!

| ated directly to its osmotic pressure. The assumptions
| |
involved in the deduction of Raoult's Law from van't |

Hoff's theory of osmotic pressure are only true for very

dilute solutions and thus, although the two laws becomﬁ

identical at infinite dilution, at appreciable concen-;
| |

trations the results obtained diverge very markedly anq

as o basis of subsequent treatment it was necessary toi
' choose only one of these equations. A number of mix-}
;tures of two components to which the Raoult equation i%
| applicable over the whole range of concentrations are ‘
known and for this and other reasons, modern theories |
| of solubility have been founded on this fundamental i
equation to represent the behaviour of an ideal soluti&n.
|

Provided the mol fractions are evaluated properly,
it can be shown that Raoult's law is universally true for
Ithe solvent for very small concentrations of the solute,
Eand, from thermodynamic principles, it follows that, if
'Raoult's law holds under these conditions, Henry's lawi
iis valid too. (Butler's Fundamentals of Chemical Ther-
| modynamics, vol. II, p. 83)- |

And so, by comparisonlof equations (1) and (4), if
' follows that the constant of Henry's law is Kg = pg®.
iIn general, however, this is not true. Most systems



' show deviations from Raoult's law, so that the Henry's!
law constant (i.e. the ratio of partial vapour pressuré
| to mol fraction in a very dilute solution), does not |
coincide with the vapour pressure of the pure liquid.
| Thus for dilute solutions Henry's law is the general |
law, which is certainly true if the solution is suffic-
| iently dilute. The identification of Henry's law con4
| stant with ps®, as is required by the extended appiica%
| tions of Raoult's law, is a special case, Which is onl#
| valid for ideal solutions. |
Generally it may be stated that Raoult's law is
valid in cases where the two liquids are chosen such
;that the attractive forces between the molecules of eaéh
are the same so that on mixing these liguids the force%
acting on a given molecule will vary little from thosei
~operating in the pure liquid. In particular, Hilde-
ibrs.nd (Solubility, 2nd Bdition, pages 57-59) has pointed
Iout that, if, when the pure liquids are mixed, there iq
I(l) no heat effect and (2) no volume change, Raoult's |
| law is probably valid. In themselves, however, these |
| conditions are not alone sufficient to ensure that Raoult's
| equation is obeyed. Large heat effects and thus largi
deviations can be expected when solute and solvent differ
considerably in polar character and other factors also|

causing deviations are molecular association and com-

|
pound formation. i
|



The influence of association and compound formation
in causing deviations from Raoult's law was first dis-|

cussed by Dolezalek (Z. physik. Chem., 64, 727, 1908

etc.) but there is little doubt that he overstressed the

| effect of association. His work, which extended over|

' a long period of years, has met with severe criticism,

| chiefly because of the elasticity of his assumptions and

| because in several cases they have led to the assumption

of association in liquids, which, according to all other

| eriteria, are entirely normal. On the other hand it is

worth noting that the comprehensive studies on compouhd

 formation and its effect onm solubility, carried out by

Kendall and co-workers (Kendall, Davidson and Adler, |
J.A.C.8., 43, 1481, 1921) in systems containing both |

polar and non-polar constituents, have shown that the

. tendency to compound formation between the components

of a mixture and mutual solubility are definitely par-

' allel.

Proceeding now to a study of the physical aspects?

| of the subject, we find that deviations from ideality

were attributed by van der Waals (Z. physik. Chem., 5, |
133, 1890) to the cohesive forces between the molecules,
similar to those he had postulated in deducing his
bressure-volume isotherms. A modification was later
given by van Laar (ibid., 72, 723, 1910; 83, 599, 1913).

The principal conclusion reached from the works of these



authors and others is that the total vapour pressure of

a solution should vary linearly with the molar fractiom,

. only when the components of the mixture have equal crié-

11 / i : |
| ical pressures. Since the critical pressure, in terms
|

| of the van der Waals' theory, is given by the equgtion;

Pe = 5%%’ and since b is closely related to V, the

molal volume, the critical pressure should be closely

relate@ to a/V>, the internal pressure.

The internal pressure theory is chiefly associated
with the name of Hildebrand and arose from the work ofi
Rothmund and Walden. After Rothmund (Z. physik. Chem{,
26, 489, 1898) had indicated a relation between the |
dielectric constant and the solubility in some aqueou4
solutions, Walden (ibid., 66, 409, 1909) pointed out tﬁe
approximate parallelism between the dielectric constan%s
and the internal pressures, forming the gualitative ruie

for the relative solubilities of various liguids in waﬁer,
|

' that the smaller the difference in the internal pressures,

the greater the mutual solubility. It is only when sAb-
stances of low polarity are considered, that Waldenh cén—
clusions are valid, as in watér the solubility of a li&uid
seems to be governed chiefly by its polarity, so that és
far as water is concerned, Rothmund's generalisation ié

Probably the more correct. Walden's statement is pro-=

bably the first of the internal pressure theory of sol-

| ubility, more commonly associated with Hildebrand (J.A.C.S.,




5 |
'gg, 1452, 1916). Hildebrand's conclusion is that, if!

the internal pressures of the two components are the

same, then in a2 solution each molecule will be under the

| same forces as it experiences in the pure liguid. The

| partial vapour pressures are then determined merely by

the proportions of the two types of molecule present.

After studying the solubilities of a large number of

| solids, it became apparent to Hildebrand that where both

components are non-polar, normal substances, the curves

| for any one solute in a number of different solvents form

| a family of curves, indicating a regularity not showm

where there is association or solvation of one or both|
components. In the development of an eguation to covér
such relationships, Hildebrand (J.A.C.S., 51, 66, 1929)
made the assumption that for a regular solution, the |
entropy of solution is that of an ideal solution or im
other words, the entropy change in the transfer of a

small amount of a component of a regular solution to an

' ideal solution, of the same composition, the total vol-

1

ume remaining unchanged, is zero. For an ideal solution,
|

the change in free energy corresponding to the transfer

of a mol of the component X, from the pure liquid to a |

solution in which the mol fraction is Ny, is
Fa - F2° = RT log Ny (5)

The corresponding entropy change is




dﬁ e o :
Asy; 4 (ﬁgT FE2N . oo @d x, (6)

. Again, the partial molal heat of mixing is given
by AH = fN;2, so that, since AF =AH - TAS, we obtain
. for a regular solution,

AF = Py - F2° = RT log N + BN;2. (7)

Hildebrand suggested a proportionality between the
| constant 8 and the difference in internal pressures of

| the two components and the equation was applied with
great success to various families of solubility curves?
. the solutions found to satisfy the equation being termed

'regular solutions', characterised by the absence of or-

ienting and chemical effects.

The relationship between the departure of the sol-

ubility from the ideal and the difference in internal

f bpressure of solvent and solute given above was of a very
|

. qualitative nature, but by the application to the con-|
' |

cept of regular solutions, of llenke's suggestion obtai#ed

\

|

' as a result of X-ray studies, namely, that the molecules
| |

| are assumed to be arranged in a completely random manner,
| |

t Hildebrand and Wood (J. Chem. Physics, 1, 817, 1933)

| were able to deduce a modified expression which has a

definite quantitative connection. The equation develr

oped by these authors may be written in the form:- i

Fy - Fa° = RT log Ny - A1avi®, (8)




| 10-

g B\t
where A4;5 = Vs {(ﬁ) - (#)
1

Vi

volume fraction of component I,

E; and Ep the cohesive energies of the two con-

stituents of the solution,

and V; and Vj the molecular volumes.

When solvent and solute have the same internal

| pressure the right-hand side of the eguation is zero

Iand so the actual solubility is then equal to the ideal
value. If the molecular volumes are equal, the two |

| equations (7) and (8) become identical. The constants

f and Ajs give a measure of the departure of the system

from ideality. Experimental tests om equatiom (8) have

|been made and in many cases, in which the molecular struc-

ture of the components was known, the agreement between
' thé solubility as calculated by means of the equation énd
that obtained by experiment, was gquite satisfactory.

The 'close parallelism between the mutual solubil-
ity of liquids and their interfacial energy is the found-
ation of the "principle of independent surface action",
| due to Langmuir (Coll. Symp. Mono., 3, 48, 1925). Ac{

cording to this principle the potential energy of a
given molecule in a liguid is composed additively of the

| various interactions at the different parts of the inter-

face between the molecule and its surroundings. To test

the equations Which ILangmuir derived in his theory,
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| Smyth and Engel (J.A.C.S., Bl, 2646, 1929) determined ﬁhe
' partial vapour pressures of a number of binary solutioﬁs.
With non-polar solutions, they found a qualitative agr%e-
ment, but in other cases, considerable discrepances oc%
curred, which were attributed to the presence of dipolés
in the molecules. The work of Butler (Butler, Thoms on
| and MacLennan, J.C.S., 674, 1933) on the partial vapour
pressures of the lower n-aliphatic alcohols in water,
| shows a general gualitative agreement with the theory.
In the general treatment of solubility, substances
have been grouped into two classes, namely electrolytes
| and non-electrolytes, the former giving charged ions iﬁ
iaqueous solution. In aqueous solutions, the 'long range’
forces between these ions are very important and consid-

|
erable progress has been made in the treatment of suchi

electrolytic solutions by a consideration of them. !
Born (Z. physik. Chem., 1, 45, 1920) showed that the |

, |
electrical energy involved in changing the surroundings

of a charged ion was given by the expression,

i Ao
Fc 2r (ﬁll_ i)';') (9)

where € and r

]

charge and radius of the ion

|
‘ respectively,
|
|

and D; and Ds dielectric constants of the two |
media.

This equation gives support to the parallelism
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|
| between dielectric constants and solubility first not-

| iced by Rothmund (loc. cit.).

i While such forces are no doubt of major importamce
| in aqueous solutions, in solvents of low dielectric con-
:atant, where free ions cannot exist, other forces of
isimilar origin may be of importance. When the indiv-;
!idual charges of the component parts of a molecule are?
!unsymmetrically arranged, the resultant effect is the
!production of an electric field round the molecule andi

attempts have been made on similar lines to those of

Born to calculate the energy of transfer of such mole-

| cules, known as dipoles etc., to non-polar media.

Martin (Phil. Mazg., 8, 550, 1929), taking as his model
two charged spheres in contact, éhowed that the electro-

static energy of transferring a dipole from a vacuum to

| 2 medium of dielectric constant D, is given by

F, =»£g(1-%), (10)

where /M

dipole moment of molecule,

I

and a radius of molecule.

Using as a model, a rigid sphere, in which the
distance apart of the two electrical centres forming
the dipole is infinitely small compared with the radiué
of the sphere, Bell (Trans. Far. Soc., 27, 797, 1931)

derived a similar expression,

S D-l)
F, = #+—|:
i 33.3(2D+1 i
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The relative solubilities of polar compounds in

non-polar solvents should then be closely associated

' with the magnitude of the dipole moment and its radius,

yet in only a few of the systems investigated has qual-

' itative agreement been found.

The most important advance in recent years has been

|

the theoretical calculation of the value of the 'short |
range' van der Waals' forces between two atoms by London

(Z. physik. Chem., 63, 245, 1930), who has shown that
these are due mainly to an interaction between short |
period electronic vibrations. The forces are certainiy
of great importance in non-polar solutions, but in thel
case of polar substances, the long range dipole forces
cannot be overlooked. ?
The chief types of interaction of molecules in soﬁ-
utions, governing solubility, may now be summarised as |

(1) that due to the van der Waals' or dispersion
forces, the approximate value of which for any two atoms
is given by London's expression;

(2) the interaction of electric dipoles with other
dipoles on the one hand and with polarisable molecules
(induced dipoles) on the other;

(3) the interaction of electrically charged ions with
each other, with dipoles, and with polarisable moleculés;

and (4) the interaction of two molecules involving

compound formation by the mutual sharing of electrons.
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The relative importance of each of these factors

depends upon the system under consideration.

THERVODYNAMICAT, THEORY:

The Free Energy of Solution

The partial molar free energy of a solute in a binmary

?solu‘tion at a given temperature may be expressed as |

Fg. = Py '+ AT 1oz Da/Da® s (12)
where F°3 = molar free energy of the pure liquid
solute;
P = partial vapour pressure of solute; |
and py® = vapour pressure of the pure solute. i

In 2 solution which obeys Raoult's Law,

|
o

© = L s et ] = N 13|
P2/Pa ™y + ma 2 ( ):

When Raoult's Law is not obeyed, we may write

Pa/pP2°® = Nafy , (14)!

where fg is an activity coefficient which measure$

the divergence from Raoult's Law. As defined, fj3 = li

| in the pure liquid. !
| |
Substituting for ps/pe® in equation (12) the valu%
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'Ngfs, we have

F, = TF°, + RT log Nafs , (15) |

SaininTnannsintin ety AsEutesdolutiony evhere thi
| solute molecules are not associated, the partial molar
ifree energy may be written as |
| |
|

Fa o= Fog = R 10g Na 3 (16)
i

where F°; = standard molar free energy for the
| ~ dilute solution.
If, in this dilute solution, f3° is the activity
coefficient, then, by combining equations (15) and (161,
| we obtain !
F°, - F°, = RT log f£3° (17) |
Thus defined, the quantity RT log f£3° is equal to

the difference between the standard free energy for dil-

ute solutions of the component in a given solvent and |
| its free energy in the pure liquid. |
The quantity RT log f2°, however, is not very sus-

\ceptible to theoretical interpretation, and it is pre- |

ferable to take as the standard the gaseous state, since
|

as a pure liquid, which itself is a complex state.

Thus, if (F°g)s is the molar free emergy of the

| solute in the vapour at unit pressure (1 mm. Hg), its
l
|free energy at a pressure ps is i

Fg = (Fog)g AR log P2 (18)

the above method involves a consideration of the substance
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so that, if ps is the partial vapour pressure of the

| solute over a very dilute solution, of molar fractionm |

i !
' Ng, combining equations (16) and (18), we have

|

F°, + RT log Ng = Fy = (F°g)2 + RT log pp, so that
F°3 - (F°g)s = RT log 22 (19)|
=i Ng :
| and this quantity may be called the free energy of sol-
[ ution.

The ratio py/Ng, which is the limiting value, at |
| small concentrations, of the distribution ratio of the |
solute between the vapour and the sclution can be meas-
ured in two ways:-

(a) by direct measurement of the partial vapour press-

ure, Pg, in a sclution sufficiently dilute to prevent
interactions between solute molecules, or

(b) when the miscibility is low, by the ratio ps°/Ng,

|where po° is the vapour pressure of the pure solute and
'Ng its molar fraction in the (dilute) saturated sol-

ution.

In case (a2), assuming that Raoult's Law holds for |

the solvént, p; = p1°N,, and if we measure the relativé

| molar concentrations, n; and ng, of the solvent and

| solute in the vapour, then

Na _ P2 L
n, _ pi°N; ° from which py can be found.

By these methods Butler (Butler, Ramchandani and
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Thomson, J.C.85., 280, 1935) determined the free energyi

| of solution for the aliphatic alcohols (Cg to Cg) in

water, and of the lower n-aliphatic alcohols (C; to Cu),

and other substances, in non-polar solvents (Butler and

| Harrower, Trans. Far. Soc., 33, 171, 1937).

' are defined in terms of these units the free energy

Although p/N is convenient in practice, az more nat-
ural expression of the distribution coefficient is im |
terms of the Ostwald coefficient A = %i , where c, ,

q? are the concentrations of the solute in the liquid |

and the vapour in mols./c.c. When the standard staté%
i

change is
AFe = RT log %3/c, (20)
The relation between these expressions is

R = 1.7032 x 10*T4/273-1 1 A, (21)
where M; is the molecular weight of the solvent and d

|
its density. i
|

The Heat of Solution.

This thermodynamic function represents the heat

absorbed in bringing thd solute molecule from the vapour

into the dilute solution, i.e. it is the heat of sol- '

ution of the solute vapour. The heat of solution of |

. the solute vapour at infinite dilution can be obtained

from
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va: i - R (22)5
: where @ is the heat of vaporisation of the liquid solﬁte
and @ its heat of solution at infinite dilufion. De-
terminations of € for = number of compounds have been
made by Butler (Butler, Ramchandani and Thomson, loc. |
f cit.) and by Wolf (Wolf, Pahlke and Wehage, Z. physik.
Chem., B 28, 1, 1935) and § can often be calculated

| from the vapour pressures. AH may also be determinedj

by measurements of AF and its temperature coefficient. |

| The Entropy of Solution. I

The free energy of solution is determined by the

| heat and entropy of solution, according to
AF = AH - TAS , (23)

| where AH is the heat of solution and AS the correslaond-:-
ing entropy change.
AS can be obtained in two ways:-

(a) from the temperature coefficient of AF, by '

d
__(:‘f:) = - AS. In practice the approximation,
|
AF, - AT, |
e P RSes = All = -AS; is convenient. |
Ia = T3 )

|
AF; and AF; are the free energies of solution a.i%
|
|
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the absolute temperatures T, and T;, and -ASy the

entropy of solution at the temperature Ty, where

o, 4. T
Lz_l L — TO ; or
|
(b) from AF and the thermochemical value of AH using
i
relation (23). REquation (23) namely AF = AH - TAS |

gives the relatiomship which exists between changes in

the three molal quantities, heat content, free energy |
|

' and entropy and from a thermodynamic point of view the|

. transfer of a molecule from the vapour phase to a sol-I

|
ution is completely characterised by the change in anyitwo

of these quantities. If a further relation could be |
derived between AF, AH and AS, which would be valid for
a geries of systems, then it would be possible from a |

|
knowledge of any one of these three guantities, to de—!
termine the other two. Such relations might be of two
kinds, namely |

(2) A relation valid for a given solute in a series|

of different solvents;

' or (b) a relation valid for a series of different sol-

utes in the same solvent.
Several authors have recently suggested that such
relationships might exist and in the following para-

graphs, their conclusions are summarised. The avail=-

| able data for the solubility of solids in liquids haveE

been examined by Evans and Polanyi (Trans. Far. Soc.,
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| 32, 1333, 1936; 33, 166, 193%7) and they have come %o
| the conclusion that a relation of type (a) is valid.

The relation is of the simple form

TAS = «AHE + B , (24) |
where AS and AH refer to the solution of the same solu'lf,e
in a series of different solvents and « and f are inde-

rendent of the solvent.
|

The case of gaseous solutes has been examined by
Bell (Trans. Far. Soc., 33, 496, 1937), who finds thati
jfor them a relationship of type (b) ié valid. Linear |
| relations between AH and AS have been found by Butler |
;(Trans. Far. Soc., 33, 171, 129, 1937) to exist for thé
isolubility of ten alcohols in water, four alcohols in

benzene and z number of non-polar solutes in water, and

_it is noticeable that the values of AS in the case of
water as solvent are distinctly higher cf. the values
| for the same solutes in a normal liquid.

The experimental work to be described was under-
taken with a view to covering the gap between the gas- |

|

|

iebus solutes on the one hand and the solid solutes on the
| |
‘other. BExperiments were therefore carried out to de-

:termine the free energy and entropy of solution of a
'number of liquid solutes in the solvents acetone and
%ethyl alcohol, the latter being chosen since it is intei—
imediate in character as regards association between watér,
a strongly associated liquid, and normal (non-associated)
liquids. i
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EXPERIMENTAL.

I. Purification of Materials.

Temperatures have been corrected for stem errors

iin thermometers and reduced to 760 mms.
l
i (2) Solutes.

(1) Benzene (B.D.H.)

|
‘ Extra pure benzene for molecular weight determin-?

ations, free from thiophene, was used. It was dried |

over freshly burned lime, fractionally distilled and

| then fractionally frozen three times.

B.P. 79+72° - 79-77°/ 7509 mms.; 79°91°/ 760 mﬁs.

(2) Carbon Tetrachloride:

!
i Sulphur free carbon tetrachloride, dried over 1imeﬁ
'on fractional distillation, came over in bulk within a |

|very restricted range of temperature.

B.P. 75-89° - 75+96°/ 7582 mms.; 75-97°/ 760 mms.
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(3) Chloroform
The llacFarlane and Co., (B.P.) product was used.

This was shaken with concentrated sulphuric acid for |

|
solution and then with water. After drying over an- |

15 minutes to remove alcohol, washed with caustic soda

hydrous potassium carbonate it was fractionated.

B.P. 61:03°- 61:-10°/ 750-5 mms.; 61-20°/ 760 mms.

(4) carbén Disulphide (B.D.H.)

| and was twice fractionated before use.

| fractionated, the middle fractiom with a boiling range|

. of 0-15° being collected for use in the experiments.

|
This product was free from objecticnable impuriti?s
B.P. 46+41° - 46-50/ 774 mms.; 46-33°/ 760 rms.

|

(5) gchlorobenzene (B.D.H.)

This was dried by allowing it to stand over anhy-|

drous calcium chloride for a few days. It was then

B.P. 131-80° =- 131-95°/ 755 mms.; 132-0°/ 760 mms.

(b) Solvents.

(1) Ethyl Alcohol.

.The standard method for the purification of com-
mercial absolute alcohol as used by Danner, (J.A.C.S., |
44, 2832, 1922), was adopted. The alcohol was kept over
freshly burned lime in a firmly stoppered flask for a

week, and agitated at frequent intervals to ensure umi
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form contact with the lime. It was now refluxed for
| eight hours and finally fractionated using an eight
| bulb colum, the middle portiom only, boiling within a|
| suitable range, being retained. It was stored in a |
' tightly stoppered brown winchester, further protection
from contamination with the atmosphere being ensured bf
a. rubber cap. |
Throughout the whole of the purification, all .
Ecorks were lined with tin foil to avoid direct contam-:
ination with the alcohol, either in the liquid or vap-|
our phasé, and during refluxing and distillation moia—i
ture from the atmosphere was excluded by a calcium i
chloride tube. |

B.P. 78+31° - 78+42°/ 755 mms.; 78-47°/ 760 mms,

(2) Acetone.
Hopkin and William's A.R. Acetone was dried over %n—
hydrous calcium chloride and then fractionally distilléd;
;the middle frazction boiling within a suitazble range be-
| ing collected for use in the experiments.

| B.P. 56-60° - 56-68°/ 770 mms.; 56+52°/ 760 mms.
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II. Apparatus.

The partial vapour pressures were determined by
bubbling a slow stream of nitrogen over the standard
solution, which was contained in a series of bulbs,
the vapour carried over being collected in a condenser?
immersed in a slush of carbon dioxide snow and ether, |
contained in a thermos flask. i

To ensure complete saturation of the nitrogen stream
at the low concentrations used, a Six-Bulb Bubbler was|

employed. It provided a vapour space large compared

- with that occupied by the standard solution so that a |

large surface was continually exposed to thé nitrogen !

| stream, allowing of complete saturation to be rapidly

attained.

It consisted of two sets of three bulbs, the larger
set being compos&€d of bulbs of 250 ces. capacity, the i
smaller of 50 ces. The nitrogen passed through the i
larger bulbs first where saturation was almost com- |
pleted and the smaller set ensured perfect saturation.

The six bulbs were joined together in one piece,
with limbs suitably placed for introducing solution,
the complete arrangement of bulbs being mounted on a i
stout wooden frame, weighted with lead. It was found|
convenient to fit all limbs with ground glass joints,
which enabled the standard solution to be introduced

through filter funnels having the complimentary part
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of the joints. The constrictions on the entrance
tubes broke up the nitrogen stream into bubbles, which_
were allowed to pass at the rate of one bubble per |
| second. A liquid trep was found to be unnecessary, i
as from the nature of the bubbler there was space suf-
| ficient to eliminate entrainment. The Bubbler is
iillustrated diagrammatically in Figure I and a photo-
igraph is also given.
; To avoid premature condensation of the vapours, the
Iexit tube was fitted with heating elements, carried bei

low the level of the thermostat water, from which they

were protected by a short glass cylinder fitted with a

|one-holed rubber stopper. Heating mats on the hori- |
zontal portion of the exit tube were connected to thes%
in series, and the electric current adjusted by means |
fof a rheostat, to give a temperature slightly higher tﬁan
Ethat of the thermostat.
| Of the two thermostats used, that at 25°C was elec-
‘trically heated while the other, at 35°C was’gas heated.
iThe temperatures were steady in both cases to +0-01°C.
The Condensers: .

|

(2) for liquid solutes: The vapours carried over in

the nitrogen stream were liquefied by means of the con-
|denser shown in Fig. II. Connection to the bubbler was

imade through a ground glass joint and during an experi-
|

1
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III. Analysis of Condensates.

(2) ILiguid Solutes:

To determine the weight concentration of the solute
' in the condensate, a Rayleigh Interferometer was employed.
This gave two series of vertical fringes in the eyepiece,

the upper series being movable. In order to take a

reading, a one centimetre cell, composed of two compart-
ments, was used. The reference scolution, usually the'
pure solvent was run into one cell compartment, the eoﬁ—
densate into the other. The cover glasses were then |

firmly adjusted and the cell placed in a water-jacketed

 compartment, kept at 15°C by water circulating through
the compartment from a thermostat. The compartments of

the cell had to be filled carefully to about one third |
|

of their depth, as it was found that larger volumes faé-

jlitated the formation of & thin liquid film between the

' cover glass and the top of the cell, with the consequent
'acceleration of evaporation.

i By exercising care in the filling of the cell com-
| partments, the adjustment of the cover glasses and the |

%placing of the cell in the instrument, it was found poss-

‘ible to obtain steady interferometer readings from five

to ten minutes after insertion of the cell. The cell}
. |
was 80 placed as to give a positive reading onm matching

the fringes and the position of the condensate denotedi

|
R or L according as the latter had to be run into the



|
!
|
|
:right or left-handed compartment. The solution of |
ihigher refractive index appeared on the right. The ;
| zero reading was taken in each case by having the sol-
:vent in both compartments and was always about 1 drum

division above the zero mark om the scale, so that 1

| drum division was subtracted from each reading taken.

In the case of the experiments on carbon disulphide
in ethyl alcohol, the concentrations of carbon disulphide
in the condensates at the concentrations used, were al-

| ways too large to give readings on the scale of the in;

|
and after the experiment, the difference giving the !

!strument; thus the collecting tube was weighed before
|

|

weight of condensate collected, w. Pure solvent was

then run into the receiver to give a solution suffic-

‘iently dilute to be analysed in the Interferometer. If
:the weight of diluted condensate be denoted by s, its '
weight concentration being ¢ gms.%, then the weight |
percentage of solute in the original solution was ob-

s : 8 X ¢
tained by evaluating W e

For all the liquid solutes, ¢ was determined by
Preparing two accurate calibration solutions with read-i
ings on either side of the condensate reading. About
50 drum divisions separated the calibration solution
| readings. The readings for condensate and calibration
solutions were taken one after the other to ensure that

in each case the same fringes had been matched. The
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approximate concentration of solute in the condensate

was first found by running known volumes from a 0+5 c.c.

' pipette into 10 ccs. solvent and so calibrating over 2|

| wide range. The accurate calibrations could then be
adjusted by volume, accurate weighings also being carried
out during the various operations.

Over the short range (50 - 100 drum divisions) in-
volved, the relation between refractive index and con- |
centration may be assumed linear, so that the required;

 concentration, c¢, of the condensate could be read off from
a large scale graph to 0°001%. : |

| Or, if I; and Ip are the interferometer readings of

' the two calibration solutions corresponding to concen-
 trations of c¢; and c, respectively, where Ip)I; and |

Ca »C3, then a condensate of reading I, has =z conecen-

: 2 o=
!tratlon c =c; + f;:rfl(cg - C;), where I3 >IDI;.

(b) Gaseous Solutes:

. The gaseous solutes employed were sulphur dioxide
|

!and ammonia and analyses of their condensates were carried
(out by titrimetric methods. In the case of sulphur di-
;oxide, the analysis was performed by adding an excess o&
standard iodine to react with the sulphur dioxide, the

excess being determined by Back titration against stan-

dard sodium thiosulphate solutionm. For ammonia, stan-

'dard hydrochloric acid solution was added, the excess



| s0.

|
|

| in this case being determined by titration with stand-

| ard sodium hydroxide solution. The first condensate

| receiver was weighed in each case before and after the
experiment in order to obtain the weight of condensate |
collected. Excess of the required reagent was then
added to the receiver through the tube marked A in thei
diagram of the condenser. The contents of the receivér
were then washed out into a conical flask for determin-
ation of the excess of reagent added by means of the |

requisite standard solution. The weight of gas carried

over into the second receiver was determined by similar
methods and thus the corréction to be applied was readily
obtained. By such methods it was possible to calcul-

ate the true weight percentage of gas in their respect-

ive condensates.

| IV. Experimental Method.

Solutions of known concentration were prepared in

a long-necked 1000 c.cs. standard flask, fitted with a

well ground stopper. Owing to the volatility of the

solvents, and in most cases of the solute, which was

only required in small quantities, several methods were
tried in the preparation of these solutions. The most

Satisfactory procedure was to weigh a weighing-bottle

ihalf-filled with the solvent, with and without the sol-

|ute, the weight of which was found by difference. The



contents were then quickly washed into the standard
flask, previously weighed empty, with solvent from a |
wash-bottle protected from contamination by a calcium
chloride tube.

Standard solutions of the gaseous solutes were pre-
jpared by dilution of concentrated solutions and analysis
.of the latter by the methods described above.

Once completed, the standard solution was quickly:

run into the clean and dry bubblers, which were now i

ffixed up in position in the thermostats, and conmnected

%through calcium chloride towers to a nitrogen cylinder1
iThe bubblers were left for a period of fifteen minutes:
!to attain the thermostat temperatures. '
Meanwhile the collecting tubes were thoroughly
cleaned and dried and the calcium chloride guard tubes
attached. Wnen the thermostats had regained their teﬁ—
peratures, nitrogen, dried by passing through calcium

chloride towers, was passed through both bubblers sim-|
ultaneously for ten minutes, in order to saturate the i

;solution with the gas. This ensured that the same i
gconditions held at the beginning and the end of each
'experiment. The nitrogen flow was regulated by meansl
Eof screw clips to one bubble per second.

| Dry air was then sucked into the condensers through
;the calcium chloride guard tubes and the condensers im-
!mersed in freezing mixtures of carbon dioxide snow and |
|
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ether. After connecting the condensers to the bubblefs,
the various heating elements were engaged and the elecr
tric current switched on. Any errors due to differ- |
ences in the construction of the bubblers were elimin-|
ated by interchanging them on the second running.

A run of from eight to ten hours was sufficient %o
collect 0+5 c.c. condensate. On removal from the
freezing mixtures, the condensates were allowed to
regain atmospheric pressure and temperature by leaving

the calecium chloride tubes attached for a few minutes

before finally stoppering them up. This ensured that

| into the condensers. The condensates were then anal-f

no atmospheric moisture would subsequently be sucked i
|

ysed by the methods described in the previous section. |
At least two concordant results were obtained in

each case, the overall error in p/N amounting to about |

| 2%. An uncertainty of this order in the partial

vapour pressure corresponds to about + 15 cals. in

RT log p/N. ‘
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RESULTS.

(a) Blank Experiments.

Experiments were carried out with the pure solvents

in the bubblers. The condensate readings were then

; taken against the pure solvents, and the error involved

as a result of distillation of the solvent during an
actual experiment thus found. The results are given
in Table I. : i
The letters R and L indicate that the condensate had
to be placed in the right or left-handed compartment of

the interferometer cell in order to obtain a positive

| reading.

When an actual experiment was run, the position of
the condensate was noted. Obviously these distillation

differences were subtiracted from the condensate read-

| ings when the condensate collected from a mixture

ﬁ appeared in the same cell compartment, and added under

the reverse conditions.

The solvents were distilled before use in each

experiment in order that the corrections should apply

. universally.
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Table 1I.

Condensate (25°C) Condensate (35°C)

? Solvent
; TR Mean I.R. 1I.R. Mean I.R.
8'0 80
| Ethyl Alcohol R 8+0 80
7+5 8-0
1-0 1.5
Acetone L 1.0 2-0

1-0 2-0 |

Table II gives the vapour pressures of the pure
i solvents used. These were obtained from the Inter-

national Critical Tables (Vol. III, p. 217 ).

Table ITI - Vapour Pressures.

Solvent V.P. mms. (25°C) V.P. mms. (35°C)
|
Ethyl Alcohol 59+0 1034 |
Acetone 2292 346+ 4 |
i
i
I |
| (b) The completed results for the various solutes in

|
the solvents in ethyl alcohol and acetone are given in|

‘ Tables III to XIII. N is the molar fraction of the
solute in the solution, ¢ is its concentration (ex-
pressed as weight percentage) in the condensate and p

its partial vapour pressure over the solution. The
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original calibration curves were drawm on a very much

wider scale so that ¢ could be read off very easily to

| 0e001 gms.%.

The curves were assumed linear over the

| short range involved.

Solvent - Acetone

Experiment I

| Bxperiment II

Experiment I

|Experiment II

Table

ITI

Solute - Carbon Disulphide (R.)

Calibrations
Condensates 1I.R. c%
25° 1,658 1,682 3+540
1,649 3473
35° %510 1,510 3196
25° 1,466 1,464 3-102
1,341 2:850
35° 1,323 1,320 2+808
3
N X 10 c% D mms.
25° = 3+491 6°+290
4+ 963
35° 3+196 8+677
25¢ 3+106 5-578
4+395
35e 2+814 7-615
AFgs = 4,577 cals.
~ASgo = 33+8 cals./deg.
=TAS = 1008 k-cals.

5+84 k-cals.

Condensates
e

3491 |

3196 |
3-106

2.814 |

p/N RTflog p/N
1,267 4,238
1,748 %,579
1,269 4,240
1,733 4,574



Solvent - Acetone

BExperiment I

Bxperiment II

Experiment I

Experiment II
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Table IV

Solute - Benzene (R.)

Condensates

Calibrations
Condensates I.R. c% c%
25° 268 0-728 |
359 273 267 0+725 0+741 |
250 266 282  0-1766 0-722 |
35° 269 0+730
2
N X 10 c% p mms. p/N RT log p/N
250 0-728 1:234 119-7 2,838
1-031 '
a9° Q«741 1899 1842 3,%99
259 0722 1224 120-6 2,844
1015
359 : 0730 1-871 184-4 SN EHE
AF35 = 3,200 cals.
-ASgo = 35+9 cals./deg.
-TAS = 10+70 k-cals.

= 86 k-cals.



Solvent - Acetone

25°

| Bxperiment I
|

25°
Experiment II
35°
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Table V

Solute - Chloroform (R.)

Calibrations Condensates

Condensates I.R.

91
96 103
86 64
92

250
Experiment T

35°
| 250
Experiment II

S5°

N X 10° ¢% p mms.

0:663 0-7361
9-972 :
0+700 1-176

0+626 0-6955
9+ 448
0670 1-126

i

2,551 cals.

1}

2,928 cals.
= 377 cals./deg.
= 11«24 k-cals.

= 8+69 k=-cals.

e

0751

0-468

p/N

73+81
137+9
73+ 60
119-1

cf

0663

0+700

0+626

0-670

RT log p/N
2,551
2,9255
2,5550
2,931



Solvent - Acetone

_25°
| Experiment I

35°

25°
Bxperiment II

35°
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Table VI.

. 25°
Experiment I
| 35°

259
Experiment II
35°

Solute - Chlorobenzene (R.)

Calibrations Condensates
Condensates I.R. c% c%
50 0-135
56 51 0-138 0+152
49 36 0+097 0-132
54 0-147
3
N x 10 c% pmms. p/N RT log p/N
0135 0-1586 17-54 1,698
9.042 .
0+152 0+2699 29-86 2,083
! 0-132 0+1550 17-31 1,691
8+ 954 |
0«147 0°+2611 29-16 2,069

AFzs
! AFzs
-ASgo

-AHgzs

= 1,698 cals.
= 2,076 cals.
= 38¢1 cals./d
= 11-36 k=-cals

= Q«66 k-cals.

eg.
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Solvent - Ethyl Alcchol

39'

Table VII.

Wt. of Wt. of SO Correction
condensate
Bxpt. I 0-4737 g. 0+ 0453 g. 0-0026 g.
250.
i 8 II 0-4848 g. 0+0463 g. 0°0024 g.
| " I 0-4703 g. 0+0386 g. 0+0012 g.
35¢
II 0-4142 g. 00334 g. 0+0011 g.
3
N X 10 c% p mms.
. Experiment I 2+ 223 10-06 4-731
25°
- IZI. 2206 9992 4-699
.. 2§ 2259 8+441 6+854
35¢
" II 2+224 8-307 6-737
AFgs = 4,543 cals.
AFgs = 4,917 cals.
-ASgp = 374 cals./deg.
-TAS = 11l-15 k-cals.

“AHas

6+61 k-cals.

Solute - Sulphur Dioxide

True conc. (c%)

00479 X100

0° 4763 = 10-06
0:0487 X100 _ .

0- 4872 | = 9-992
0:0398 X 100 _ .

0+4715 8-441

0- 4153
|

p/N  RT log p/N

2,129 4,543
2,130 4,543
3,035 4,918
3,029

4,916




Table VIII.

Solvent - Ethyl Alcohol Solute - Ammonia
Wt. of Wt. of NHgy Correction True conc. (c%)
condensate g
Expt. I 0-4071 g. 0-0171 g. 0-0012 g. L:3188.% 100 - 4.8
250 |
" 1T 03104 g. 040126 g. 0+00ll g. o-g}gllgllo = 4.397
" I 0-5064 g. 0-0174 g. 0-0008 g. -ILB2X 100 - 5.5g8
359
W II 0-4675 g. 0-0162 g. 0+0006 g. °'8}2§8§ 100 - z.589
| 3 1
N X 10 c% pmms. p/N RT log p/N
Experiment I ~ 4-053  4-482 7.471 1,844 4,460
250 |
" II 3:983 4-397 7-325 1,839 4,458
" I  3-940 3+588 10-42 2,644  4;833
| 350 C iz
" II 3-896 3-589 10-42 2,674 4,840
AFas = 4,459 cals. *
AFss = 4,837 cals.
-NSgo = 37-8 cals./deg. |
|
-TAS = 1l+27 k-cals. :

-AH,s = 6+81 k-cals.
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Table IX
Solvent - Ethyl Alcohol Solute - Carbon Disulphide
Calibrations O.riginq.l Condensate
Diluted
Condensate W s TR c% ek |
o : ; 12543 X 45649 _ 1.0 Wl
25 744 0+6388 g. 4+649 g. 0- 6388 11 25.:
350 752 0+5214 g. 3:084 g. 710 °l.aro 1-260.2.5:004 - q.25 |
° b .5: w64 Le63L X 268555 _ oo
25 785 0+3960 g. 2+555 g. 790 1-642 0- 3960 10+ 53 |
768 1594 |
o 3 1475 X 32632 - a.nax Ml
35 712 0-6028 g. 3:632 g. el 8-886 I
NX 10" e pmms. p/N RT log p/N
257 1123 4+ 505 1,712 4,415
Experiment I 2632 - x
35° 9231 6364 2,419 4,779
25° ' 10+ 53 4+192 1,682 4,405
Experiment II 2492 -
35° 8-886 6°+104 2,449 4,787
AFgs = 4,410 cals.
AFgs = 4,783 cals.
-ASgo = 37+3 cals./deg.
-TAS = 1l-12 k-cals.
-AH, = 6+71 k-cals.
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Table X
Solvent - Ethyl Alcohol Solute - Carbon Tetrachloride
Calibrations Condenssates
Condensates I.R. c% 4

_25° 820 5-654
Experiment I 705 4+875

35° 722 760 5+ 253 4-991
| 25° 857 817 5e 632 5-905
Experiment II 861 5+ 936
| 35° 754 5-210

N X l(;‘a c% pmms. p/N RT log p/N

25° 5+654 1+057 502:2 3,689
Experiment I 2+105

35¢ 4991 1-628 T 4,080

25° 5905 1+107 501-7 3,688
Experiment II 2+ 204

35¢ 5+210 1-703 7721 4,078

AFgs = 3,689 cals.

AFgs = 4,079 cals.

-ASso = 39+0 cals./deg.

~-TAS = 11l+63 k-cals.

-AHgs = 7+94 k-cals.
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Table XTI

Solvent - Ethyl Alcohol

Solute - Benzene

Calibrations

Condensates I.R.

Condensates
c? c%
5-217!
2802 |
2965 2-890‘
3+114 3+114 |
3+ 206 ‘
2+ 781

cf pmms, p/N
3+217 1154  415-5

2890 1-816 653+ 9

5114 1-113 419-4

2+781 1+745 6577

= 8+3l

259 1,220
Experiment I 1,061
a5° 1,095 Il 124
2509 1,181 1,181
Experiment II 1,216
35 150583
3
N X 10
259 :
Experiment I 2777
| 550
25°
| Experiment II 2+653
J5°
-Asaq = 59.9 Cals '/deg.
-TAS = 11+89 k-cals.

k=-cals.



Table XII

Solvent - Ethyl Alcohol

Solute - Chloroform

Calibrations Condensaﬁea

"ﬁH35

= 8+91 k=-cals.

Condensates I.R. c% c%
25° 542 44175
| Experiment I
35¢ 504 463 3+ 551 3+ 883
25° 531 503 5+ 875 4+088 |
| Bxperiment II 552 4251
35° 492 3+783 |
2 |
' N x 10 c% pms. p/N RT l&g p/N
25° 4175 09880 2765 3,%36
Experiment I 3573 &
35° 3883 1-610 450-5 3,748
|
| 25° 4+088 0-9672 278:0 3,338
' Experiment II 3+480 !
! 35° 3783 1+567 450-3 3,748
|
|
. AFgs = 3,337 cals.
i AFSS = 5,748 cals. |
E -ASSO = 4l-1 cals ./deg. |
-TAS = 12+25 k-cals.
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Table XIII

Solvent - Ethyl Alcohol Solute - Chlorobenzene

TExperiment I

252

Experiment II

| Experiment I

35¢

Calibrations Con
Condensates I.R. c%
965
951 965 2+606
962 926 2492
942

_25°
35°

25°

' Experiment II

35°

2
N X 10 c% p mms. p/N

2°606 0°-6399 61-83
1-035
2¢565 1-106 106°9

2+597 0°+6376 61+65
1034
2+539 1-094 105-9

= 2,446 cals.

= 2,863 cals.

= 41-7 cals./deg.
= 1243 k-cals.

]

9. 98 k-cals.

densates

2+ 565 |

20 597 |

2539 |
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The experimental results are collected and sum- |

marised in Tables XIV and XV.

Tzble XIV

Solvent - Acetone

| 25°C 35°C |

Solute p/N Do /-"//&.N /N DFpes  AFp, "Agfm TASp  ~AHpss
Carbon Di- 1,268 359°0 353 1,741 4,239 4,577 53;8 10-08 5-84
sulphide

Benzene 120-2 94-4 1-27 184-3 2,841 3,200 55%9 10-70 7-86
bhloroform 7371 199-1 0-37 1185 2,551 2,928 57j7 11-24 8-69

Chloro- 17-43 Ti63 1+50

benzene

29+51 1,695 2,076

3841 1136 9-66

Table XV

i Solvent - Ethyl Alcohol

| 25°C 35°C : 0

it PN B PN DN My B A%y, TG D
Sulphur 2,130 - - 3,032 4,543 4,917 374 1115 6+61
fdioxide

Ammonia 1,832 - - 2,659 4,459 4,837 37-8 1127 6+81
Carbon Di- 1,697 3590 4s73 2,434 4,410 4,783 37+3 1112 6-71
sulphide 5

Carbon :

Tetrgchlor- 502:0 114-5 438 772-9 3,689 4,079 39-0 11-63 7-94
ide 1

| |

Benzene 417-5 944 4:55  655:8 3,579 3,978 399 11.89 8-31
Chloroform 277+3 199+1 1-39 450+4 3,337 3,748 41-} 12:25 8+9]
Chloro- 6174 11-63 5-31 1064 2,446 2,863 41-7 12-43 998
benzene ) j

AFy in cals./mole

=AHpin k.cals./mole.

-ASp in cals./deg./mole

e

. e e
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|

! The solubility of a gas is usually expressed in
| terms of the Ostwald coefficient,
f A = c,/ca ,

where ¢, , ¢, are the concentrations of the solute in

d
the liquid and vapour in mols./c.c.

The free energy of solution in terms of these units
' is then

AF; = RT log cy/ce = =~ RT log A .
, The relatiocn between the two expressions at absol-
|ute temperature T is
| p/N=l"?032X107 XT X @y / 2731 X My X A,
 where 1 is the molecular weight of the solvent and d;

| its density. So that

|

| 7

| n 17032 X 10 X T X dl)
I AFp - AF, = RT 10g( R

|
|
|

By finding this scale difference at 20°C and 30°CQ
|68 Thus, Fiads b onrhiubtnd e entrony datforeuse ato |
| 25°C, from the relation d(AF)/d4T = - AS.

These scale differences have been calculated for
 the solvents acetone and ethyl alcohol. The results
iare given in Tables XVI(a) and XVI(b) and have been
used in the calculations of the heat and entropy of
solution of the rare gases in ethyl alcohol and for the
reduction to the pressure scale of a number of results |
for gases in acetone, given by Bell (Trans. Far. Soc.,

33, 496, 1937). The densities in Table XVI(a) were |
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| obtained from the I.C.T. (Vol. III, p. 27).

Table XVI(a)

Solvent Density Density Density
(20°¢) (25°C) (30°¢C)

Acetone 0-7902 0+7845 0-7787
| Ethyl Alcohol 0-7893 0-7851 0-7808

| Table XVI (b)

| Solvent (05 -27),. (8% -28),. (BR-AR), (a%-4%),. T(8%-08).
- |1

 Acetone 7,250 7,376 7,505 255 | 7,600

| l,

| Ethyl Alcohol 7,383 75617 7,647 26-4 | 7,869

Accurate solubility data for gases in the solvent
ethyl alcohol is not obtainable, with the exception of |
the work of Lannung (J. Amer. Chem. Soc., 1930, 52, 68)
on the solubility of the rare gases in that solvent. i

| From his data, the free energy, heat and entropy of soi-

ution have been calculated, the results being contained

in Table XVII.



Table XVII

Solvent - Ethyl Alcohol

Solute T°C A AF, AR, 08, TTAS,  AH,
20 00302 2,042 9,425 |

Helium 25 00321 2,042 9,559 263 7+84 1472
30 0-0340 2,041 9,688

| 20 0-0431 1,835 9,218

| Neon 25 0+0455 1,833 9,350 26+0 7-75 -1+60
30 0-0481 1,831 9,478

| 20 0258 791 8,174

| Argon 25 - 0258 803 8,320 286 8+53 +0+21

! 30 0+260 813 8,460 |

i |

| OF, in cals./mole -ASp in cals./deg./mole

|

| -AH in k.cals./mole.

Table XVIII gives the

of the heat and entropy of

in acetone.

|
values on the pressure scalq
solution of a number of gases

They are taken from Bell's paper (Trans.

Far. Soc., 33, 496, 1937) and have been reduced to the |

pressure scale by adding to his values of TAS, the con-

stant T(AS¢ - ASp), which at 25°C is 7-60 k-cals.
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Table XVIII
Solvent - Acetone (T = 25°C)

Solute ~TASc --TASp -AHy

Helium -1.28 632 -3+ 24
Neon -0-23 7-37 ~-1+96
Argon -0-04 7+56 -0 74
Hydrogen 012 712 ~122
Nitrogen 0-37 797 -0-62
Oxygen 0-44 8«04 -0-30
Carbon lonoxide Q- 47 8+07 -0+ 31
Nitrous Oxide 1.81 9-41 2+ 87
liethane 0-70 8+ 30 0-42
Acetylene 1+93 9+ 53 375
Ethylene 1.12 8+72 1+89
Ethane 127 8- 87 1-97
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DISCUBSION

The experimental results contained in Tables XIV
and XV of the previous section are shown in graphical
form in Figure 1, where -TAS, is plotted against-ﬂHP.
The values for gases contained in Tables XVII and XVIII
are also shown and it can be seen that in acetone the
new results extend the linear relation given by gaseous
solutes from heats of solution of four to ten k-cals.,
the solutes being purposely chosen to represent a wide
range of behaviour. The values of p/poN, the activity
coefficients, at 25°C are also given and an examinationm
of them shows that ﬁenzene, chlorobenzene and carbon
disulphide give positive deviations from Racult's law,
while chloroform has a large positive heat of solution
and exhibits a large negative deviation from Raoult's
law, owing to compound formation with the acetone.

This does not seem to cause any great divergence from
the linear relation.

With the exception of Lannung's data for the rare
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Figure 1. Heats and Entropies of Solution
in Acetone (@) and Ethyl Alcohol (X).




gases in alcohol (J. Amer. Chem. Soc., 1930, 52, 68)

i
there are no sufficiently reliable gas solubilities, |
|
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those in acetone for the same heats of solution, and i
| taking into account the calculated values for the rare;
| gases, appear to be compatible with a linear relation 5f
Iaomewhat greater slope than the acetone line. All thﬁ
liquid solutes in alcohol exhibit positive deviations
from Raoult's law.

It was found that the entropies of vaporisation of

acetone*and ethyl alcohol lay on their respective solvent

lines and this result led to an examination of the en-

tropies of vaporisation of other liquids at 25°C. These
' are given, on the pressure scale, by

i TASp = AH + BRT log Db,

|where‘AH is the heat of vaporisation and p, the vapour

| pressure at the temperature T. Some values of these

quantities are given in Table I. In all cases (unless

|
otherwise indicated) AH is the value determined calori-

metrically at or near 25°, as given in Zanlgg_Agngggggg
'de Constantes etc., Vol. XI, Chap. 12 (Thermochimie).
‘Some values for associated liquids are added for com-

parison.
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Table I - Entropies of Vaporisation at 25°C.

| CHgCl

| CgHsC1
(CzHg )20

| CS3 |

| CHClg
CHg*CO-CHg

'e8ig

 Cellg

| CHg® COOC gH 5

| CgHg*CHg
|06H4(CHa)a (o=)
o ()
St ns)
iceﬁs(CHa)a

| C(CHs )

Hg0

CHgOH
CoHgOH
CsH,0H (n)
CsHy 0H (n)
CgHy gOH

AH p (mms) RT log p
4-7 4,250" 498
587 1,180* 4+22
6+ 43 527:0 3475
6+81 (21°) 359-0  3-51
775 1990 | Eeis
7. 80 229-2 324
7+ 95 1145  2.82
8+05 94-4 2470
867 93:0° 270
9+ 42 28+3  2:00
10-03 ° - -
10-23 ¢ - -
10-49 © = -
10- 93 ¢ - -

5044 (10°) T

X by interpolation.

Associated Liquids

10-47

8+:04
1012
1105
12+ 45
135+05

* by interpolation.

23«76 1-88
122.2  2.85
59+0  2-42
2001 1.78
2.50° 0-54

0-719 -0-20

TAS

9.68
10-09
10-18
10-32
10- 90
11-04
10-77
10-75
11-37
11-42
11l-12
11-40
11-62
11-78
9-64

The values in the last five cases were obtained
from vapour pressure relations: 3 Kassel, J.A.C.S.,

1936, 58, 670; | Aston and Messerly, 1936, 58, 2354;

1234

10-89
1254
1283
12- 99
1285
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The values for non-associated liquids are all ;
reasonably close, considering the possible error of thé
heats of vaporisation, to the relation shown by dilute
solutions.

Fig. 2 shows all the available data on one diagra%,
comprising entropies of solution of (1) gases in variods
non-associated solvents; (2) carbon disulphide, benzeée,
chloroform and chlorobenzene in acetone; (3) the four;

lower alcohols in benzene (Harrower and Butler, Trana.i
i

Far. Soc., 1937, 33, 171) and the entropies of vapor-

| isation of a number of non-zssociated liquids. The

| divergence from a unique relation between the entropy énd

the heat, represented by ASy = 00277 + 0-0011 AH, is in
|
no case very great, and while it cannot be claimed that

| 1f complete accuracy were obtained, all these points

would lie on a single straight line, as an approximation

| it cannot be doubted that up to heats of solution of

ca. 12 k-cals. such a general relation exists.

It will be remembered that Trouton showed that the
ientropy of vaporisation of non-associated liquids, de- |
' termined at the boiling point, is approximately constant,
ibut it has been recognised for a long time that this
quantity shows a tendency to increase with the boiling
point (ec¢.f. O. K. Rice, J. Chem. Physics, 1937, 8, 353f
?and it should therefore increase with the heat of vapor-

isation. An examination of the best established values

(vide Fig. 3) shows that the increase is most marked with
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Figure II . Heats and Entropies of Vaporisation

from Solutions and Pure Unassociated Liquids.

Key to Figure II .

Gases and Liquids in Acetone ....... @
Gases .in Carbon Tetrachloride ....... @
Gases in Chlorobenzene o aateiaie WD
Gases in Benzene o's weatee @
Gases in Methyl Acetate SRS, ]
Alcohols in Benzene saersie e D
Pure’ Liquids et o
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the simple gases and metals, the average variation

being of the order of AS = 16+4 + 6+5 X 1(_)4 AH. liore |
complicated molecules including those given in Table I,
show no clear regularity. |

It is obvious that if the entropy varies 1inear1y:

with the heat of vaporisation at a constant temperature,
the increase will be less marked at the boiling points |
|»letlj.ch also increase linearly with the heat of va;poris—;
ation. The following calculation indicates the magni-
tude of the change. i
If at a standard temperature Ty, the relation he-%
tween the heat and the entropy, be represented by I
AS; = a + BAH, , |

| the entropy of vaporisation at the boiling point will

| be given by

I

T&

a + BAH; + / (ACyp/T)aT
To

a + BAH; + ACy log (Tp/To)

| ASy,

| For boiling points not far different from Ty, this
| can be approximated to |
| AS; = a + DbAH, + ACL(T, - To)/To-
Taking the boiling point T, as AHy/a', where a' is
the conventional Trouton ratio, and writing _;

AHy, = AH; + ACP(T‘D - Tg), wWe obtain

ABn 1
AS; = a+ bAHn + AC( 5" - To)(g - B)-

The variation of AS; with AH; is thus represented
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Fig. 3. Trouton Ratios at the Boiling Point.

Key to Diagram given above.

;(1) Neon; (2) Nitrogen; (3) Argon; (4) Methane; (5) Carbon Monoxide
| (6) Oxygen; (7) Ethane; (8) Chlorine; (9) Hydrochloric acid
' (10) Nitrous oxide; (11) Hydrobromic acid; (12) Hydriodic acid;
(13) Methyl Chloride; (14) Ethyl Chloride; (15) Propyl Chloride (iso-)
(16) Propyl Chloride (n-); (17) Carbon Disulphide; (18) Aceto-
nitrile; (19) Hexane; (20) Amyl Chloride (t-); (21) Carbon
tetrachloride; (22) Benzene; (23) Chloroform; (24) Butyl Chloride()
(25) Silicon tetrachloride; (26) Acetone; (27) Amyl Bromide (iso-);
(28) Amyl Chloride (n-); (29) Toluene; (30) Stannic Chlorlde-

- (31) Chlorobenzene.
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A o
by hn—b-r;,ﬁ(To-h)-

Putting 1/Ty = 070033, b = 0001l and a' = 20,

c
We thus find that b, = b + 25 X 040022 i.e. for
| -4
IﬁcP = lO, b‘r. = O; fOI‘ﬂCP = = 6, b’rh == 4.4 x lo L

For the simple gases ACp is of the order of - 6

molecules

for more complic:ated,‘a’cP is equal to or greater than

- 10, so0 that little or no variation of the Trouton

variation observed z2bove is consistent with the kmown

variations of the conventional Trouton's ratios.

Since both pure liquids and solutions obey the

same constant temperature relation, it is thus clear

comparative temperatures, e.g. adopting Hildebrand's

peratures at which the vapour of equally concentrated
solutions has equal concentrations. There is thus nbd
important distinction between the behaviour of pure
liquids and their solutions.

On the assumption that the rotational states are

ratio with AH; is to be expected at the boiling point.1

Some of the divergences may be caused by the variation#

of\Acp, but it is obvious that the constant temperaturé

|

and the calculated variation is similar to that observed;

that Trouton's rule will also be valid for solutions to
the same extent as for pure liquids, i.e. the entropy of

vaporisation from solutions will be constant at suitable

formulation as that giving the best constancy, at tem-

the same in the liquid as in the gas, Newton and Eyring




: (Trems. Far. Soc., 1937, 33, 73) and Lennard-Jones and
iDevonshlre (Proc. Roy. Soc., 1937, A 163, 53; 1938,
iA 1695, 1) express the entropy of vaporisation as, apnrox-
imately,
AS = R log (Vg /V¢),
where Vg is the volume of the vapour and Vg, the free
| volume of the liquid. The function, free volume, has

. been defined for equal spherical molecules by Lennard-'
' Jones and Devonshire, / DAL , where ¥ (r 1s|
| the potential energy of the molecule, expressed as a i
function of its distance from the centre of its cavity.
This certainly indicates a relation between Vy and the
heat of solution; numerical calculations are however
extremely complicated and as yet have only been made for
' monatomic liquids. ;

| Such equations as have been mentioned above apply
!only to atomic liquids i.e. liquids in which the rot-
iational terms are fully excited. It is well known |
!that the entropy of vaporisation of associated liquidsﬂ
iauch as water, alcohols etc., is greater than that of |
|normal liquids. In these cases, the entropy of the
liquid compared with the vapour is abnormally small,

|wh:i.ch is easily accounted for on the consideration thaﬂ
| .
' the molecular rotations are incompletely developed in

the liquid owing to hydrogen links between molecule and

molecule. It is now necessary to account for the fact|
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that not only have associated liquids abnormally low
entropies, but also that non-polar solutes dissolved in
them have low partial entropies. It was suggested, iﬂ
discussing the entropies of solution in water (Butler
and Read, J. Chem. Soc., 1936, 1171) that this is con-
nected with the entropy of cavity formation in the
associated liquid. One of the early tests of assoc-

jation in liquids was provided by the Ramsay-Eo0tvos rule,

according to which the temperature coefficient of the i
|

molecular surface free energy is a constant for norma.li

liquids (except near the critical temperature), and for

associated liquids has lower values. This means that |

the molecular surface entropy, which is the excess en-
tropy of a molecule in the surface layer over that of
molecules in the interior, is a constant for normal
liquids and lower for associated liquids. This may be
interpreted as indicating that the rotations of mole-

cules of associated liquids are more hindered in the

surface layer than in the interior of the liquid, a
result which is quite feasible,for intermolecular links
may be expected to produce a greater degree of orient-
ation at the surface than in the interior of an assoc-:
iated liquid. :
To introduce a non-polar molecule into an associaﬁed
liquid, it is necessary to form a cavity in the 1atter4

This cavity will be associated with a low surface entrﬁpy,
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and thus when the solute molecule is removed from the
liquid, in addition to the normal entropy of vapor-

isation, it will be necessary to restore the loss of
entropy in the formation of the cavity, hence the en-

tropy of vaporisation will be exceptionally great.
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SUMMKARY.

(L) The entropies of solution of four solutes in é
acetone and seven solutes in ethyl alcochol have been ‘
determined at 25°C. |
(2) The values in acetone extend the linear relatiom
between the entropy and heat of solution from AH = 4 td

10 k~-cals. The values in alcohol are appreciably higﬁer

| than those in acetone for the same heats of solutionm.
' (8) It is pointed out that 2ll the entropies of vap- |
!oriaation of solutes from non-associated solvents now

available, as well as those of pure non-associated
liquids themselves, eapproximate to a single linear re-i
lation between the entropy and heat of vaporisation. |
This relation is shown to be equivalent to the kmowm fact
that the Trouton ratio (entropy of vaporisation at th&:
boiling point) increases slightly with the boiling poin?.
Dilute solutions and pure liquids thus obey the same |
relation. ]
(4) The abnormally high entropies of vaporisation of |
solutes from associated liguids are connected with the
abnormal surface entropies of cavities in those liquids,

indicated by deviations from the Ramsay-Edotvos relation.
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