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I. INTRODUCTION

Puring the development of classical thermodynamies
and subsequent applications of this theoretical tool to
chemistry, one of the most perplexing and misunderstcod con-
cepts was the calculation of the difference in partial molal
free energy pt a dissolved substance at two concentrations,
This misunderstanding led G. N. Lewis (1,2) to define a
quantity which he called the activity,

In any multiphase equilibrium, the chemical potential
of any component must be the ssme in each phase. For the
special case of a two-phase equilibrium, in this case liquid
and vapor phases,

Ay = A s (1)

80 that a measurement of the chemical potential in one phase
determines it in the other. The chemical potential is de-
pendent on the pertial pressure py in the vapor phase by
the relation

,/‘Zi(v) :/lzz(v) + RI 1n pq , (2)

1

- .

If the vapors deviate from ideality, the fugacity of
the i th component should be substituted for the partial
pressure (3).



)

vherf/zli(v) is the chemical potential of the pure com-
ponent 1 in the vapor state at the temperature of interest.
By combining Equations 1 and 2, the resulting equation be-

cones

]
Pat(s) " A1) ¢ B Ln (2%) ' (3)
| n,

wh‘r.'
o o 0
A1) = Aav) + BT Inpy

is the chemical potential of pure component 1 in the liquid
state, Standard states other than the pure liquid state

can be choseny this being the standard state usually chosen
for volatile components in binary non-electrolytic solutions.
The ratlo of the partial pressures of Equation 3, or more
accurately the ratio of the fugacities, is what Lewis de-
fined as the activity, that is,

ay = g% . (W)
Pi

Since this research was performed with volatile non-electro-
lytes, only the theory and previous work performed on these
systems will be considered. Tﬁe activities of electrolytes
have been treated fairly extensively and comprise quite a
study of their own.



For the 1deal solution, the activity and mole fraction
of a constituent in solution are identical. Equation 3

then becomes

. |
4 = A1) = BT I Xy (5)

Just as the ideal gas 1s of theoretical interest and never
realized in practice, the ideal solution is never actually
found, Thus the activity coefficient y4 was introduced so

as to make
14
) - A = B vk

or from Equations 3 and b,

A . .
Xi(1)
The activity coefficient reflects the amount to which a
constituent deviates from ideal behavior, since the coef-
ficient is unity in an ideal solution.

Equation 5 is s thermodynamic statement of the well
known Raoult's law of solutions (4,5), From his significant
work, he concluded that the vapor pressure lovering was
proportional to the concentration of the solution, Thus the
vapor pressure of the solvent in & solution obeying Raoult's
law is direectly proportional to the mole fraction of the

solvent, or as commonly expressed,

0
Py = xi Pi . (6)



For a solution to obey Raoult's law, it 1s generally
believed that the interaction energy between two types of
molecules, say A and B, is no different from the interaction
energy in A-A and B-B contacts., Guggenheim (6) has shown
that the interaction energy of an A-B pair must be equal to
the arithmetic mean of the interaction energies of A-A and
B-B palirs. Thus the assumption of equal interaction energies
i3 a speclal case of the Guggenheim conditions.

Most systems which have been found to agree quite
closely with Raoult's law involve pairs of ligquids of nearly
equal molar volumes and chemical construction, such as the
system benzene - toluene, Seversl peairs of liquids of un-
equal properties, such as chlorobenzene - napthalene and
chlorine - carbon tetrachloride, are also known to behave
nearly ideally.

Another fundamental law of solution, of which Raocult's
law 1s a special case, is Henry's law. This law in practice
1s applicable mainly to the solute in dilute solution, In
sufficlently dilute solution, the solute molecules are sur-
rounded dy solvent molecules only, thus producing a constant
effect upon the solute molecules, although the effect may
differ markedly from that produced when the soclute molecule
is surrounded by its own species, Their tendency to escape

1s thus proportional to thelr concentration, or more

briefly, Py = KyXg o



By setting py equal to p:, the vapor pressure of the pure
liquid 1 vhen X4 1s unity, the proportionality constant
becomes p:, and one obtains Equation 6. It can be shown
(7) that if one component obeys Raoult's law over a portion
of the concentration range, the other must of necessity obey
Henry's lav.

Again 1dealized empirical relations are found to agree
with experiment in only a few cases. As a consequence, in
order to obtain reliable data for a system it 1is necessary
to determine the activity from a colligative property of
the solution. 1In the past, much work has besn done in
studying various binary systems., However, there are so
many possible combinations of systems to be studied, and
all of these at varied temperatures, that as yet relatively
few have been extensively investigated.

The activity coefficients are important because they
shed some light on the conditions within a solution. Of
all the binary systems studied, most deviate positively
from ideal behavior, a few deviate negatively, and still
fewer approach an ideal behavior. The classic example of
a system which deviates negatively is acetone -~ chloroform
at 35,17°C. which was discovered in the pioneering work of
Zawidzki (8), From the same work an example of a system
which deviates positively is carbon disulfide ~ acetone.

at the same temperature, The activity coefficlient is a



measure of what has been commonly called the "escaping
tendency®, If the components of a binary system deviate
positively from Resoult's law the conclusion can be drawn
that the two types of molecules are not mutually compatible.
Thus, the molecules will be in an environment in solution
which 1s not as satisfactory as that found when surrounded
only by molecules of its own kind, The result is that the
syster will attempt to readjust itself to a more favorable
situation. This readjustment can take place in a number of
different ways. The composition and amcunt of vapors may
be altered from the expected behavior, this forming a basis
for fractional distillation, In addition, the component
present in the least amount on a mole fraction basis, which
will be referred to as the solute, will tend to concentrate
at the air - liquid interface thus altering the surface
tension abnormally, Along a similer line, the principle of
selective adsorption iz based somewhat upon the activities,
although not wholly, because the nature of the adsorbent
alters the selectivity alse. As in the case of the surface
tension alteration, the solute molecules will tend to con~
centrate at the liquid - solid interface, It hss been
demonstrated (9), that the adsorption of aqueous solutions
of the normal fatty scids on a number of non-porous carbon

blacks are congruent functions of the activity of the acids,



The same was found to be nearly true for aqueous solutions
of the normal alcohols on the same carbon blacks.

The extraction of a solute by an immiscible solvent
is based upon the difference in the activity coefficients
of the solute in the two solvents, 8ince the chemical po-
tential of the solute must be the same in each phase, it
follows that the activities of the solute in each phase
nust be equal at equilibrium. This requires for two phases,

Yé XIA = YIBIAB .

If the activity coefficient of the solute in the original
solution 1s higher than that in the extracting solution,
the extraseting solution will become richer in solute than
the extracted solution.

The use of activities places equilibrium constants on
& sound thermodynamic basis, Consider the resction,

aA+dDB=——"—cC+4D .

The true equilibrium eonstant becomes,

C & 4

xaa chc ﬁ .
a I’ b b ¢
Ya %2 Y8 X3

To determine all the activity coefficients in a case like

this would be very difficult, as one would have at best a



four-component system., However, by knowing the activities
in a binary system, an intelligent estimate could be made
of the activity of a component in a2 multi-component system.

The entire subject of solubllity is related to the
activity coefficient and vice versa. This topic 1s so
excellently discussed by Hildebrand and Scott (10) that a
review of the subject would be redundant,

Many attempts have been made to account both qualita-
tively and quantitatively for the devistions of solutions
from ideal hehavior. Studies of gases are simplified by
the fact that very little of the total volume occupied by
a gas 1s actually occupled by the molecules, meaning that
inter-molecular interactions are due mainly to collisions,
In most solids, the molecules or ions are in close proximity
but in an ordered array. Liquid structure is still more
complicated since besides having the molecules separated
only be molecular distances, they are free to move almost
at will, leaving the "instantanecus structure®” somevhere
between a completely rendom distribution of molecules and
a completely ordered array.

The forces existing between molecules in solution are
nunmerous and become more complicated as the complexities
of the molecules sre increased. The van der Waals or short
range fofees betwesn molecules fall into three general

classest



l. The interaction between permanent dipoles with the
-7
resulting force varying as r .
2., The interaction between a permanent dipole and an
-7
induced dipole, this force varying as r .
3. The London dispersion forces between neutral molecules
arising from instantaneous changes of charge, giving
-? -1
rise tor tor 3 forces,

In some instances, when two components are mixed there
is a chemical combination to form an addition compound.
This being true, the number of uncombined molecules of each
species will be greatly reduced and the resulting escaping
tendencies diminished., This model was successfully used by
Dolezalek (11) to explain the negative deviations of the
acetone - chloroform system, Hildebrand and Scott (10, p.183)
st&t.’

We may feel reasonably certain that the inter-

molecular attraction which ylelds solid t'addition

compounds ' operates also in the liquid state to

cause negative deviations from Raoult's law, so

that the abundant existing evidence of the sort

above cited justifies the statement that negative

deviations from Raoult's law and abnormally great

solubilities occur most frequently when the com-
ponents are highly polar.

A particular type of association which is limited to
compounds in which hydrogen 1s linked to the highly electro-
negative elementsy nitrogen, oxygen, and fluorine, is com=-
monly called hydrogen bonding., The small size of the

hydrogen atom 1s believed responsible for the close approach
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to form the bond, Common examples of substances highly
polymerized by this type of bonding are water, the alecchols,
carboxylic acids, ketones, aldehydes, ethers, and amines,

A theoretical treatment of a solution in whiech either
one or both of the components polymerizes 1s a difficult
chores The actual liquids consist of an equilibrium mix-
ture of polymers of all degrees of polymerization. In
addition, the type of polymer formed depends upon the
nunber of hydrogen bonds which a molecule is able to form,
Water, which can form four tetrahedral bonds per molecule
{ice structure) forms a three dimensional polymer network,
Molecules which can form only two bonds, such as alecohols
and amines, exist in linear or cyclic polymers. Two note~-
worthy attempts to treat solutions of a non-assceiated
liguid in an associated liquid by means of high polymer
equations have been made (12,13). Redlich and Kister (1h)
have alsc obtained an expression for the activity coeffi-
clent of the non-associating component and have fitted the
data in several systems in which methanol is the associating
comnponent. The more exact theoretical treatment of so-
lutions which polymerize, awaits & determination of the
structure and number of polymers in solution.

It should not be assumed that association always leads
to negative deviations, Actually the introduction of solute
molecules into an assoclated liquid tends to dreak up the
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assoclation, producing more and smaller polymers and thus
increasing the escaping tendency. 1In a like manner, the
solute will be effectively "squeezed out" of sclution by
the associating liquid as it tries to attain its polymerized
structure, This 1s the cause of positive deviation in many
systens,

- The determination of the activities, as previcusly
stated, depends upon the measurement of a colligative
property of the solution. The more common methods employ
vapor pressure or freeeing point depression measurements,
although oamotiec pressure and boiling point elevation
measurements can also be used.

The freezing point depression method suffers from the
fact that much work and care is required to get good re-
sults, 7The direct measurement gives the activity of the
solvent at the freezing point., If the activity is desired
at one temperature, the activities must be corrected from
the freezing point to the temperature of interest., This
procedure requires a knowledge of the partial molal heat
capacities of the components as functions of temperature.
The activity of the solute i3 inferred from that of the
solvent by use of the Gibbs - Duhem equation (3), this pro-
cess usually involving a graphical integration. A very
small portion of solvent must be frogen or else the concen-

tration of the solution will be changed considerably.
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In addition, great care must be exerted to prevent super-
cooling. Some of the apparatuses used for freezing point
depression measurements are outlined by Glasstone (7) and
by 8kau and Wakeham (15)., The freezing point depressions
of aqueous solutions of various organic solutes have been
measured by Abegg (16), Loomis (17), and Jones and Bury (18).
The methods of measuring the partial pressures of a
solution can be divided roughly into two classes, the static
and dynamic methods, An interesting review of many of the
early methods of measurement has been outlined by Pearce
and Snow (19). A review of the various apparatuses used
is given by Thompson and Partington (21),
By the static method, a mixture of known composition
1s vaporized into an evacuated space, the total pressure
measured, and a portion of the vapors removed and analysed,
The calculations are straightforward (7). The greatest
sources of error are the dissolved air in the solution whieh
causes the total pressure to be too high, and the inability
to attain an equilibrium composition of vapors over the so~
lution, A4ll isotenoscopes use this prineliple of measurement.
With one type of dynamle method, the external pressure
above a solution is adjusted until the solution just boils.
At this point the vapor pressure and external pressure are

equal., A portion of the vapors is collected, analyzed,
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and this together with the total pressure enables the par~
tial pressures to be readily calculated, This method was
used by Zawidzki (8) and Wrewsky (22) in their work on bi-
nery sclutions, and by Young (23) on the vapor pressures of
pure liquids, Superheating of the liquid is the biggest
source of error, This method is little used at present,
The transpiration or gas saturation method has been
used frequently of late years, By it, a measured volume of
an inert gas is passed through or over the solution of
interest until saturated with mixed vapor. The vapors are
condensed from the gas stream, weighed, and analyzed, By
simple calculations, assuming ldeal gaseous behavior, the
partial pressure of each component can be found (20),
This experimental procedure was used for agueous methsanol
solutions at 0°C. by Brown (24), for aqueous ethanol at
25°C. by Dobson (25), for aqueous methancl, propanol-l, and
butanol-l at 25°C, by Butler, Thomsen, and Maclennan (26),
and for aqueous butanol-l at 30°C. by Randall and Weber (27).
The method 1s simple in principle but very time consuming.
It 4s difficult to attain a gas stream saturated with vapor,
If the flow rate is too rapid, the gas stream may not be
completely saturated or else a spray may be carried along.
If too slow, it takes a very long time to collect enough

sample for analysis ,
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The method of Hill (28) is based on the principle of
the wet bulb thermometer. At each thermometer site is
located a sensitive thermoelectric couple for temperature
measurements, The entire assembly is placed in a thermo~-
statted tube containing soaked filter paper vwhich serves
&8 a moisture chamber. On one thermoelement 1s placed a
reference liquid, usually the pure liquid sclvent, and on
the other the solution of interest., The difference in
temperature due to the distillation of solvent into the so-
lution, causes a galvanometer deflection. By calibrating
this arrangement with a solution of known partial vapor
pressure for the solvent, the galvanuneycr scale readings
canbe used directly as a measure of the partial pressure
of the solvent in the unknown solution. Gilacalone,
Accascina, and Carnesi (29) used the method for aqueous
solutions of formie, acetie, proponie, and n- butyriec acids
at 34.45°C, This method is of limited value because such
a small quantity of solutlon 1s used. Consequently, the
concentration is continually changing because of the dis-
tillation of solvent into the solution,



15
II. OBJECIIVES

The primary objective . underlying this research vas
to develop a method for determining the activities of
volatile components in solution in a convenient and rapid
manner, The various methods as outlined in the above
section require either extensive calculations (freezing
point depression method) or are time consuming.

Activity coefflclents of the three lower straight
ehain'aliphatie alcohols in agueous solution were determined
previously at 25°C. (25,26), but the activity coefficients
of aqueous solutions of acetic, proploniec, and n- butyric
acids have never been reported at this temperature.

The systems chosen were known to be non-ideal so a
knowledge of the deviations from ideality (activity coeffi-
cients) provides a key to the interaction energy between
components in solution. The theoretical formulae derived
for the behavior of components in solution can be compared
with experimental results.

The properties in solution of members in a homologous
serles can be compared, Differences in solution behavicr

between the aleohols and acids can be determined.
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III. MATERIALS

A, WVWater

All vater was redistilled from alkaline permanganate
solution through sn all glass system and stored in glass
stoppered bottles.

B. Methanol

Baker and Adamson reagent grade methancl was distilled
directly through an 0Oldershaw column at a 10 - 1 reflux
ratio. No separate precautions were taken to remove water
from the alcohol as the two do not ageotrope at atmospheric
pressures. About half the originsl sample, the niddle
fraction, was retained. The bolling point range corrected
to 760 mm. pressure was 64,51 ~ 64,59° 4 0.02°G.t

C. Ethanol

Absolute ethanol obtained from Commercial Solvents
Corp. was purified by a modification of the method of Lupnd

%

The boiling points vere all corrected to 760 mm, pres-
sure by use of the Sydney Young equation, known as the
A.8,T.M, method (30). By this equation, the corrections C,
to be made to the observed temperatures t, at a barometric
pressure Pare; for the alcohols

Ce = 0.000100 (780 - P)(273 + t¢),

and for the acids,
Ce = 0,00012 (760 - P)(273 + t,),
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and Bjerrum (31). In order to remove acetaldehyde, which
boils at about the same temperature as the alecohol, a col=-
loidal suspension of Agy0 was prepared by mixing 10 grams
of AgNO3 and 3 grams of NaOH per liter of alcohol, and
refluxing this mixture for 12 hours., This resulted in the
depositicn of a silver mirror which indicated the presence
of easily oxidazable materials, as aleohols are not affected
by this procedure, This mixture was then filtered and the
method of Lund and Bjerrum applied to the filtrate to re -
move water, After refluxing for &4 hours with the magnesium
ethylate formed, the alcohol was distilled through the
Oldershaw column at a 10 - 1 reflux ratio. The corrected

- boiling point range was 78.50 - 78.52° + 0.02°C, for the
middle fraction collected.

D. Propanol-l

Fisher Scientific Co. propancl-l was chosen for puri-
fication; as a rough test involving the decoloration of
bromine showed it to contain less unsaturated compounds.
To fzclilitate the removal of allyl alcohol, a common im=-
purity of propanol~l, the stock alcohol was first treated
with bromine until a discoloration resulted, The excess
bromine was removed by adding enough Na,;50; to decolor and
then & small excess. The method of Lund a Bjerrum was

again used to remove water, A subsequent distillation at
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a 10 - 1 reflux ratic in the 0Oldershaw column resulted in
a boiling range of 97.43 - 97.51° + 0.02°C., for the central

fraction.
E. Acetic Acid

Baker and Adamson reagent grade acetic acid was dis~-
tilled directly in the Oldershaw column at a 10 - 1 reflux
ratio., Acetic acid does not azeotrope with water so no
special precautions vere taken for its removal. The re-
tained fraction boiled over the range 118.20 - 118.33° ¢
0.02°C,

F. Proplonic Acid

Since water and propioniec acid agzeotrope, but at a
concentration of 17.7 weight per cent acid, a straight
distillation through the Oldershaw column was sufficient
to remove the water. Eastman Kodak white label acid was
used, the corrected boiling range being 1hl.44 « 1k1.61 4
0.02°C, |

G, n~- Butyric Aecid

The n- butyrie acid used was derived from two sources,
Two-thirds was Eastman Kodak white label, the remainder
being Matheson c.p, grade. The Matheson acid was partially
purified by fractional melting in an apparatus similar to
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that described by Aston and Mastrangelo (32). This treat-
ment lowered the mole per cent impurity to less than one
per cent, This fraction was then mixed with the Eastman
Kodak acid and distilled in the Oldershaw column at a reflux
ratio of 10 - 1, This produced an acceptable product boil~
ing at 164.,0 - 164,2 ¢+ 0,05°C, when corrected to standard
conditions,

All the organic liquids were s tored in glass stoppered
flasks and were only allowed to be opened to dry air when
liquid was being removed.
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IV, EXPERIMENTAL INVESTIGATION

A., General Method

As stated previocusly, when activities are determined
from vapor pressure measurements 1t is necessary to know
the partial pressures, or more exactly the fugacitles, of
at least one of the components over the solution of Iinterest.
In addition, for the ehoice of standard states as made in
this research, the vapor pressures of the pure liquid com=-
ponents must be lknown at the same temperature, To calecu~
late the activity coefficient, the composition of the so~
lution of interest must be known.

The method employed in this research was different
from any previously reported. An equilibrium composition
of vapors was taken from above the solution and stored in
a previously evacuated flask, When total pressure equi-
1ibrium was cstablishod,'the pressure was read, the vapors
vere removed by a liquid nitrogen trap, and the original
solution a8 well as the condensed vapors vere analyzed

interferometrically.

B, Apparatus

The column was the D-1 model manufactured by Glass
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Engineering Laboratories. It contained 30 plates, was
vacuum jacketed, and was fitted with a liquid dividing
head. The performance of this column has been studied and
reported in detail by Collins and Lantz (33).

2. Refractometer

An Abbe - 56 refractometer was used, being operated
at 25“60

3. Interfercmeter

A Rayleigh Interference Refractometer for liquids
manufactured by Adam Hilger, Ltd. of London was used, The
entire apparatus wes enclosed in an uninsulated masonite
box where it was air thermostatted by means of a Precision
Scientific Co, "Merc-to-Merc" thermoregulator to 25.0 +
0.1°C,

%, JInterferopeter cells

One centimeter path length cells were used throughout
this researchs The cells were precision made of pure
quartz by the Hilger Laboratories. Cell covers were made
of sheet teflon to prevent evaporation from the solutions
to be analyzed, All the covers were sealed to the top of
the cells by mercury seals. A small hole was drilled in
the cover above the liquid wells of the cell for insertion
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of solution, After the well was filled, the hole was cover-
ed by mercury.
5. Activity spparatus

The apparatus designed and used in this research is
1llustrated in Figure 1 (front view) and Figure 2 (the
central portion of the apparatus from side view), In these
figures, A is a 1-liter pyrex flask fitted with a $ 29/42
‘top joint and a $10/30 side joint. A flat bottomed flask
was used to enable the use of a teflon covered stirring
bar H, activated by a Precision Scientific Co. "Mag-Mix"
megnetie stirrer H', Flask A is immersed in s water bath
B thermostatted to 25,00 ¢ 0.02°C, by a Precision Seientific
Co. "tungsten-to-mercury" thermoregulator, D is a 22-liter
flask connected directly to the generating flask A by a §
71/60 joint, through stopcock 82 (10 mm, bore), and alse
through the stopcock 86 (2 mm. bore) and the intermittent
bleeder Cy Flask D is also connected to a mercury mano-
meter B, through stopcock 84 to a liquid nitrogen trap
(F, G), and through stopcock 83 (two-way) to both atmosphere
and vacuum line. 89 is a stopcock (two-way) which connects
to vacuum line and to the atmosphere, BStopcock 81 leads to
the atmosphere.

The intermittent bleeder C 1is a solenold cperated

valve, The outside portion was constructed from 15 mm.
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Figure 1. Apparatus for Determination of Activities of
Components of Volatile Binary Solutions
(Front View)
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Figure 2. Central Section of Apparatus for Determination
of Activities of Components of Volatile Binary
Solutions (Side View)
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inside diameter pyrex tubing. A constriction was turned
(on a glass lathe) near one end of the tube such that an
opening of about 4 mm, remained, The end of a piece of
8 mm., inside diameter tubing was seasled off in the shape
of a hemisphere. At this point, the hemispherical portion
was lapped into the constrietion with the aid of carborun=~-
dum grinding powder, the lapped surface being about 3 mm.
in length., Upon completion of the grinding operation, a
sof't iron core of 8 mm, diameter was sealed into the
smaller tube. This cartridge containing the iron core vas
floated on a pool of mercury of sufficient depth so the
lapped Joints would be closed tightly. Small indentations
vere made in the outer tube to gulde the cartridge into
position, one set near the top of the cartridge when in
position and the other near the bottom., The solenoid sur~
rounding the outer tube was activated through an BEagle
S8ignal Corp. Flexapulse timer. When the solenoid was acti-
vated, the Jjoint was broken as the cartridge was drawn into
the mercury pool. With the current off, the cartridge was
again buoyed into places The Joint formed was found to be
nearly vacuum tight to pressure differences of at least
200 mm, Hg.

The manometer E 1s of the differential type. Pyrex
tubing of 9 mm, inside dlameter was used for its construction,

It 1s connected to the central portion of the apparatus
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through a $19/38 joint. The closed end of the manometer
wves evacuated to less than 16" mm, Hg. with a mercury dif-
fusion pump and then sealed off, after degassing the mer-
cury by boiling.

The entire apparatus was enclosed in a masonite box
and air thermostatted to 27.0° & 0.1°C. to prevent conden-

sation in the reservoir flask D,

6. Cathetometer

A Gaertner M-901 cathetometer was used, permitting
pressure readings to 0,05 mm. Hg.

7.

All thermometers used with the distilling column were
of very good quality, although not calibrated. They were
purchased from Emil Greiner Co. The thermometer used in
the water bath B, was calibrated by the National Physical
Laboratory of Teddington, England. No correction was needed
at 25.00 + 0.02°C. ‘

Ce Method of Procedure

1.

The interferometer 13 a comparison instrument, dy
means of which the refractive index of a solution of known

composition may be compared with that of the unknown.
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For this reason, it is necessary to calibrate the instru-
nent for each system of interest. The interferometer scale
reading obtained with two different solutions in the cell,
minus the zero reading obtained with pure solvent in both
sides of the cell, gives a value AR which 1s proportional
to the difference in refractive index between the twe so-
Jutions. 7This quantity divided by the difference in concen-
tration between the solutions, gives AR/AC, which is pro-
portional to the change in refractive index per unit
difference of concentration. By plotting this quantity
against the mean conecentration of the solutions a call-
bration curve can be drawn for analytical use, Most of the
calibration curves used in this research vere taken from
the work of Dr. R. P. Craig (34). Some wers redetermined
wvhere point scattering was bad, and all were spot checked,
All solutions were transferred to the interferometer cells
with & hypodermiec syringe, to prevent any minor changes in

concentration due to evaporation,

The standard solutions were prepared directly on a
weight per cent basis. The calibration curves used were
also in weight per cent units, Weight per cent, because
it is a more linear function of the amount of solute added,

was chosen rather than mole per cent, ths two being quite
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readily interconvertible.

The number of standard solutions prepared depended
upon the shape of the calibration curve., Enough solutions
were made so the entire usable range of the calibration
curve could be covered without having interferometer readings
which were very large. A4ll solutions were stored in 2% ml,

lightly greased glass stoppered volumetriec flasks.

For each system, the refractive index of all standard
solutions was taken with the Abbe refractometer., A plot
wasvmade of the refractive index against weight per cent,
the resulting curve serving as a rough analytiecal curve for

the system,

The temperature of the water bath B and of the air
bath surrounding the entire apparatus were maintained con-
stant for at least 30 minutes before any vapors were col-
lected, At the same time the megnetic stirrer H was turned
on, (The stirrer generated quite a bit of heat, and unless
it was turned on for some time to warm up, the temperature
of the water bath could not readily be maintained constant.)
For high water concentraztions, about 300 ml. of watcr vas
introduced into the flask through the opening at 81.
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Sufficient solute was then added to make the solution of
desired concentration., After samples from one solution
had been taken, more solute was added to prepare the next
#olution. This process was continued untll a mole fraction
of about 0,20 was attained. At thisz point, things were
reversed, and vater was added to the organic solvents
8irilarly. The magnetic stirrer bar was set in motion to
stir the solution after the addition of solute. Before
each run, a small sample of solution was removed and rough-
ly analyzed in the refractometer, This measurement per-
mitted estimation of the concentration in the flask. If
the sclution was of the proper concentration, a hypodermie
syringe fitted with a long needle was used to remove about
3 ml., of the solution for later analysis. (Th@ long needles
were made by pulling glass tubing into long capillaries.
They were then cut off and cemented to a size 19 hypodermie
needle with glyptal., The assembled needles were baked in
an oven until dry. This made a needle of about 9 inches
total length.) All the collected samples were stored in
small tubes of about 6 ml, capacity. The tubes were closed
by £10/30 slightly greased joints.

With the solution prepared, stopeocks S1, 82, 8k, 85,
and 56 were closed and the reservoir flask D evacuated
through 83, (Actually, the evacuation was proceeding as the

solution was prepared.,) The magnetic stirrer was set in
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in rapid motion, S3 was closed and 82 was opened slightly;
the opsning was such that the solution boiled vigorously,
but not turbulently., When the solution stopped bolling,

S2 was closed, end the large flask evacuated through S3.
This procedure was believed sufficient to outgas the gener=-
ating flask, as consecutive readings of the vapor pressure
of pure liquids showed very little change from the first
to seeond readings, The boiling action appeared sufficient
to sweep the air into the reservoir flask.

All stopcoeks were now closed except 86, and the inter-
mittent bleeder was turned on through the timer until the
change in pressure per opening of the shut-off valve was
swall, 1.e., 0,05 mm, or less, usually requiring about 20
minutes, 8S2 was then opened for 10 minutes to permit total
pressure equilibration. The total pressure was read from
the manometer by means of the cathetometer.

During the eailection of vapors the céndcnler F was
evacuated through stopcock 85, Stopcocks 82, 85, and 86
vere closed and Sk was openedj the vapors eondonsing in
the trap. The condensing process was greatly accelerated,
without loss of material, by opening 85 to the vacuum line
very slightly. This procedure required about 3 minutes,
the total pressure in the reservoir flask was zero at the
completion of the operations After condensatien, S% and

8% were closed,
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If more than one vaporization was necessary in order
to obtain a large enough sample for analysis (at least 1.5
Bl.), as vas usually the case except for those systems where
the vapor pressure was quite high, the procedure as outlined
was repeated, When sufticiont sample was collected, the
liquid nitrogen bath was removed from the trap, the trap
sllowed to warm slightly, and 85 turned to the atmosphere
side where dry (anhydrone), CO, free (ascarite) air was ad~
mitteds The trap was allowed to warm to room temperature
as the melt flowed into the small well at the extreme
bottom of the condenser. It was necessary to have the con-
denser drain c¢lean in order to insure obtaining a homogene-
ous sample. One of the long needles previously described
vas used with a hypodermic syringe to remove the condensate
and to place it into a storage tube,

An aliquot of the solution in the generating flask wvas
removed by syringe after 81 wes opened tc the atmosphere.
Annlysis of this sample gave the final solution composition.

The crucial feature of this apparatus was the inter-
mittent bleeder C, In principle, it may appear that a
small-bore stopcoek would perform the same function as the
bleeder, but in practice it was found not te. With a small
bore stopcock opened very slightly so vapors were collected
slowly, the results were always characterized by high

partial pressures for water as compared to best literature
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values. Calculations by Dr. R. S. Hansen (35) showed that
equilibration between vapors and solution in the generating
flask should be made within 10 seconds, As a result of
this, the intermittent bleeder was opersated on a cycle of
1/2 second on - 15 seconds off, In this way, the vapors
would have time to equilibrate with the.solution between
sach valve openings The time of the opening was made as
short as possible., Under operating conditions, the initial
pressure increment in the reservoir flask per opening wvas
about 1,7 mm. in the case of methanol (vapor pressure =
125,77 um, Hg.) and 0,5 mm. in the case of vater (vapor
pressure ='23.65 mm. ).

At present, the author is unable to explain quanti-
tatively why the intermittent bleeder geve good results and
a small~bore stopcock poor results. From a qualitative
standpoint, with a small-bore stopsock an equilibrium con-
dition was never reached in the generating flask because
vapors were continually bled outs This led to vapors vwhich
were richer in the faster evaporating componentj this being
water because of its lower molecular weight., In the case
of the intermittent bleeder, 11qu1d¥vapor equilibrium wvas
established before esch opening of the valve.
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5. Analysis of ssmples

To select the proper standard for use in interfero-
metric analysis, the refractive index of each sample was
taken and compared with those of the standards, The stand-
ard with refractive index nearest to thaﬁ of the sample was
chosen for comparative purpcses., From the calibration
curve, previously described, the value of AR/AC could be
determined at the concentration of the standard solutien,
Thus by knowing the AR between the sample and the standard
the first concentration correction AC could be caleculated,
To be consistent with the construction of the calibration
curve, the AR/AC value of a concentration midway between
that of the standard and the first corrected concentration
was taken; the calculation process was repeated to give

the final eorrected concentration.
D. Method of Calculation

By knowing the mole fraction of each component in the
condensate and the total pressure of the vapors, the par-
tial pressure of each component was obtained; assuming no
vapor phase assoclation, The activiti of each component
was obtained &s the ratio of its partial pressure to its
vapor pressure in the pure liquid., The total pressures as

read on the menometer, were all increased by 0.25 mm. when
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It was found that the mancmeter readings were too low by
this amount, The meniscus heights in the arms of the mano-
meter were not equal, and in attempting to use a capillary
depression correction for each meniscus height, it became
apparent that this correction would lead to a vapor pres=-
sure much too low for water., The manometer was then checked
against another manometer whose meniscus heights were nearly
equal, thus cancelling any caplllary depression effects,
The standardizing manometer was found to give resdings which
were higher by about 0.25 mm., than the readings of the mano-
meter used in this researeh. As a result of this compare
ison, it was felt an additive correction was Jjustified,
The total pressure readings wers all corrected from 27°C,
to 0°C., by multiplying by the ratio of the density of
mercury at 27°C. to that at 0°C.j this factor being 0.9951.
The mole fraction used for calculation of the activity
coefficient was obtained from the analysis of the solutions
collected prior to the degassing operation and that col-

lected at the completion of the run., Since the concentration
changed slightly during the course of a rum, the concen-
tration chosen was that present at the middle of the actual
vapor c¢ollection run. Representing the initial mole fraection
by X4, and the final mole fraction by Xf, the middle mecle

fraction was caleulated from,

x = DX+ (n+2)Xe

2(n + 1) ’
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where n represents the number of vaporizations performed.
The method of calculation of partisl pressures, whiech

assumed a Daltonian vapor behavior, was not valid for

vapors of the carbeoxyliec acids which are known to associate

in the vapor state. MacDougall has studied the vapor phase

assoclation of acetlc acid (36) and propienic acid (37).

He reported equilibrium constants for the equilibria

2(Acid monomer) —/—— (Aeid dimer)
and

3(Acid monomer) ——= (Acid trimer)

at various temperatures and partial pressures. The constants

used in this research for acetic acid vere calculated from

his data by fitting a least squares straight line to the i
linear portion of his data at 25°C, and extrapolating to

zerc pressure, The results wvere:

-y -
Kz"pp.1¢63m. and Ks'pT'OQOQ]onaO

Py P
For proplonic acid, the constants were extrapolated from
his data at elevated temperatures by use of the vant Hoff
equation. Agaln, a least squares straight line was fitted
to the experimental points and the extrapolation to 25°C,
vas made from it., The results wveret

Ky = 3,92 nms* and Ky = 0,07% mml®
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The association constants for n~ butyric acid were not
aveilable in the literature, Vapor density data of suffi-
clent accuracy were not available, so the constants could
notbe calculated. The possibility of determining the equi-
1ibrium constants at 25°C. was investigated and it was cone
cluded that, because of the low vapor pressure of n- butyriec
acid at 25°C, satisfactory determination would require con-
struction of fairly involved apparatus, and probably extra-
polation of values obtained at temperatures above 60°C,

The constant used in this research was therefore estimated
from the constants for the fhrce lower acids, The assocei-
ation constant for formic acid was determined by Coolidge

(38)s He reported only a value for dimerization, that
beings

Ky = 0,429 mms .
Since it was believed that the free snergies of dimerization
should vary in e fairly uniform manner, a plot was made of
log K; against the number of carbon atoms in the molecule.
This curve iz shown in Figure 3, The value 7.5 mm:‘ chosen
was the mean between the two extremes of possible extra-
polated values, Only a dimerization constant was considered,
as the uncertainty in any trimerization constant would de
much too great for it to be of any practical value. The
effect of ignoring the trimer will be discussed with the

experimental results,
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The corrections to be applied to the acid vapors to
calculate activities are derived from the equilibrium
relations, Assuming ideal behavior of individual entities,
i.0., considering dimers and trimers as one entity, one
gets for the total pressure as measured,

P(total) ™ Pwater * Pmonomer + Pdimer + Ptrimers
or from the equilibrium constants,

P(total) ™ Pwater * Pmonomer * Kﬁpxmonomor + Kapsnmurnan

(7)
In a similar manner, the mole fraction of total acid
present in the vapor can be expressed in terms of partial

preasure, the resulting equation beingj;

« Pmonomer * 2 Paimer * 3 Pirimer (8)
XA F aven ?
(total) * Pdimer + 2 Ptrimer

since the dimer and trimer contribute two and three mole-
cules respectively, to the total number of molecules,
Substitution for the partial pressures of the dimer and
trimer in terms of the equillbrium constants and the par-
tiel pressure of the monomer in Equation 8, and rearranging,
the following cubic equation was obtained in terms of the

monomer partial pressure.

3 2
K3(3-2Xy)py + Kp(2-X3)pM + PM ~ X Ptotal = O &

Analysis of the condensed sample gave X,, the K's were
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known, and Py.i,] Was measured, so the monomer partial
pressure was readily calculated. This led directly to the
true partial pressure of water from Equation 7, snd the re-
sulting activity,

To calculate the activities of the acids, one must
first calculate the fugacitlies of the acid vapor., In the
case of the aleohols where no assoclation in the vapor
occurs, the partial pressures wira agssumed equal to the
fugacities, but because of association this assumption is
not valid for the acids, 7To determine the fugacity of a
gas at any presgsure and at any constant temperature, the
relation

RTd1Inf =V ar
or

Rfdinf -RTdInP=VdP -RT d1nP
can be written, This leads directly for the scid to

facig ,{fA -

The effective number of ™moles of acid entitlies" for each

actual mole of acid present is given by,

Te= DM *+DD¢ DT
ny +2np+ 3 nr

or by use of equilidrium constants,
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T » Mt Ko S+ K (10)
pn+2Kg "'3K3

s, Belt . ___Te
us,y ﬁ ‘fpacid Py + & PR+ K3 Pi *

Substitution for n, from Equation 10 and cancellation gives,

VA = lﬁ = L_ .
R Py + 2Kapy + 3K; Py ﬁx(d £§§§§g)

Therefore, letting £ p,qqq = P4y Substitution in Equation

9 gives

fa\ = Jd 1n 1
n(8) -]
or

fa
4 (§ =dlnpy-dlnP, ,

and by integration
1n .;A) = 1n (;g)
]
A A
Since as Py—> 0, £,—F, and py—> P, ,

the relation ;& = py must Jold , so that A o Py
A T
Py

Thus the true activity of the acid is the ratio of the
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monomer partial pressure over a solution to the monomer
partial pressure over the pure acid, assuming the monomer,

dimer, and trimer individuslly to behave 1deally,
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V. EXPERIMENTAL RESULTS

The experimental data for the agueous alecohol so-
lutions are given in Tables 1 - 3 and for the aqueous acid
solutions in Tables 4 - 6, The calculated activity coef-
ficients are based on a standard state of the pure liquid
component at 25.00 + 0.02°C,

All the results were measured directly except for the
partial pressure of the monomer and total vapor pressure
in pure n- butyric acid. The measured vapor pressurse
(2.3% mm. Hg.) and the resulting value of the monomer
partial pressure were too high to give a Raoult's law be-
havior for the acid at high acid concentrations, which was
characteristic of the other two acids. 8Since the total
vapor pressure of the aquecus n~ butyric acid systems
changed rapidly as the aeld vas diluted, a small amount of
water in the original acid could have been responsible
for the higher value measured, This point is atrengthdnod
because at high acid concentrations a small armount of water
changes the mole fraction of acid a great deal. To get a
Raoult's law behavior for the acid, a straight line was
drawn from the origin through the monomer partial pressure
points at the two highest acid concentrations measured and
extrapolated to pure acid. 7This gave the monomer pertial

pressure and total vapor pressure of the pure acid as shown
in Table éc
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Table 1
Experimental Data for Methancl - Water System at 25°C,

Mole Fraction Mole Fraction Total Activity Activity

MeOH in MelH in Pressure Coefficient Coefficient
Solution Vapqr mm. Hg. MeOH He O

. 060 a373 33.87 1.49 1.011
» 089 285 38 .69 1,47 1.027
.1210 5105 1.467 1.030
«1510 « 5666 L8.40 1. kely 1.0%2
<1926 «6216 53.67 1.377 » 06
«2236 +6609 57.84% 1.360 1,068
2737 «7110 62.?% 1.316 1.072
2999 » 7260 66.77 1.285 1.10%
o3 66 « 7496 70.05 1.240 1.118
a + 7613 73.08 1.196 1,170
4057 « 7781 75.61 1.153 1.19%
L4884 .818% 82.3 1,097 1.235
« 5382 8379 86.63 1.072 1.28%
« 5890 « 8607 90.11 1.047 1.291
6421 8789 %.%3 1.02% 1,847
«6933 .8989 98. 1,016 1.373
«7398 ,9136 102,32 1.005 1.

+ 7609 «927 105, 9% 1.000 1.486
8347 o8 110.80 1.002 1.%&
« 8905 « 9667 116.18 1,003 1.49%
9345 «9801 119.81 0.9991 1.5%

1.0000 1.0000 125.77 1,0000 S




By

Table 2
Experimental Data for Ethanol - Water System at 25°C,

Mole Fraction Mole Fraction Total Activity Activity

EtOH in EtOH in Pressure Coefficient Coefficient
Solution Vapor mm, Hge EtOH H, 0
0.0000 0.0000 23.69 s—m— 1.000
+ 0243 «175% 28.21 347 1,008
<082 « 2879 31.98 3.2% 1.011
.0709 «381% 35.92 3.29 1.011
.16%0 53 39.82 2.962 1,025
«1513 «5252 h2.96 2.599 1.040
«2020 <5679 46.75 2.238 1.070
«2986 6125 49.96 1. 748 1.167
.3237 6428 51.78 1.477 1.269
4691 .6680 53.20 1.290 1.406
« 5664 . 7057 5, 84 1.164% 1.57%
+6649 « 7546 56.18 1.086 1.740
7711 «8089 §7.38 1.02% 2.026
812 «8597 $7.89 1.008 2.16
9469 « 9509 58,42 0.990 2.28

1.0000 1.0000 58.71 1.000
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‘ Table 3
Experimental Data for Propanol-l - Water System at 25°C,

Mole Fraction Mole Fraction Total = Activity Activity

PpOH in -0H in  Pressure Coefficient Coefficlent
Soaution vapor nm, Hg. B OH Ha O
0. 0000 G, 0000 2%.65 s 1,000
0230 « 1904 28,66 11,2 1,004
« 0452 <2904 32.29 9.81 1,01k
0661 «3357 3&.96 8.15 1,021
0876 + 3498 34,50 6,51 1,039
.1216 +3596 34.79 I, 864 1,072
.1517 +3634% 34.86 3. 948 1.106
« 2406 +3728 34.90 2.957 1,219
«2958 377 35.04 2.113 1,310
J+0k9 +3909 35.11 1.602 1.520
4970 4070 34.93 14352 1,742
<5833 4290 34.60 1.20 2,00
+6812 749 33.56 1.1 2.33
«8581 .6328 29.01 3,012 3.178
. 9070 ’ . 7181 26' 67 00 998 3 . )"‘2
.9522 8322 24,11 0.9%6 2.58

1.0000 1.0000 21,15 1.000 e
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Table 4
Experimental Data for Acetic Acid - Water System at 25°C,

Mole Mole Total Partial yHOAo vHy O
Fraction Fraction Pressure FPressure
HOAg in HOA, in mm. Hg. HOAo

Solution Vapor monomer
mm, Hg.

0, 0000 0. 0000 23.6 0, 000 . 1.0000
0216 011 23.2 171 2.8 0,998
« 026 « 026 23.09 .aoé 2.5 0.999%
« 0645 « 0428 22.79 17 2.31 0.9984
« 0861 +0615% 22,71 « 524 2,17 1,006
«1196 «0910 22’23' «667 1.99 1,016
o 1564 «1187 22, » 782 1.78 1,033
01986 + 1543 22,21 . 914 1.64% 1.052
+2586 «201F5 22,00 1,07 1.48 1,087
«3060 o247 21.73 1.21 1.41 1.106
.Eséo «2889 21,50 1.32 1.32 1,138
RISTAY 3489 21.16 1.47 1.26 1,172
.5023 4305 20, 8% 1.69 1.20 1,23
o S 743 20.58 1.79 1.17 1.2
+ 5989 «5320 20,36 1.91 1.1% 1.317
6558 <5818 20,10 2,04 1.11 1.32#
«716% 6437 19.7% 2.18 1,09 1.
07739 06998 19.27 2,30 1.06 1. 5
;8"‘07 .7706 18077 2052 looh' 10 3
«891% +8284 18,00 2. 1.02 1.92
o S48k «9031 17.08 2,65 0.997 2,42

1,0000 1.0000 15,61 2,80 1.000 U
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Table 5
Bxperimental Data for Propionic Acid -~ Water System at 25°C,

Mole Mole Total Partial <yHOP, yH; 0

Fraction Fraetion Pressure Pressure

HOP, in  HOP mm, Hg, HOP,

Solution Va%ar Hononcr

mm, Hge

0.0000 0,0000 23.69 0,000 son— 1.,0000
« 0246 » 0205 23.41 v192 9eh3 1.001
« 0492 0396 23.39 «288 7.05 1.012
» 1008 0638 23.23 «381 +58 1.047
1423 « 0750 23.10 4158 3.51 1.08%
.181 .0830 22,9 39 2.92 1.12
21 «0916 22,6 o462 2.5% 1.1%
2826 «1111 22.39 513 2.19 1,228
«3499 «1266 21.82 « 545 1.88 1.307

- 1069 » 1418 21.34 + 576 1.71 1.386
« 508 1671 20,29 616 1.7 1¢553
. 565 «190 19.67 655 1.39 1.68%
.6182 2 18.8 671 1.31 1.81%
6948 2341 17.6 «698 1.21 2,081
. 762 .283% 16,4 721 1.1% 2,419
«831 3 14.88 748 1.08 2.983
«875 « 3479 13.18 . 761 1,0% %
« 953 +5010 9.10 . 798 1.01 236

1.0000 1.0000 3.58 .830 1.00
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, Table 6
Experimental Data for n- Butyric Acid - Water System at 25°C.

¥ole Mole Total Partial u
Fraction Fraction Pressure Pressure vyjopy YH,0
HOBu in HOBu in mm, Hg. HOBu mono-

Solution Vapor mer mm, Hg.

0.0000 0,0000 23.65 0,000 S 1.000
o 2 0248 23.5 «168 b 1.026
«0703 + 0257 23.3 «171 9.65 1,046
« 0995 0263 23.38 173 6.90 1.079
2061 0276 23.40 «17% 3.37 1.22%
«281% «0287 23.30 «181 2.56 1.3%6
«3910 » 0307 22.78 «186 1.89 1.551
4791 .0340 22,44 «196 1,62 1.782
«5836 + 0385 21.20 204 1.39 1.998
.65%% « 0429 20.19 211 1.28 24397
« 7281 «O471 19.16 «216 1.17 2.891
821 0565 16.6% 222 1.07 a.BOk‘
«88 .0728 13.58 229 1.03 « 782
« 9387 «109% 9.90 o243 1.02 6.35

1.0000 1,0000 . 728 252 1,00 —_—t

— .
Partial pressure of monomer in pure acid and total
;;p:rxgressure obtained from extrapolation as explained
eXTs
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Figures 4 - 6 are the total pressure and partial
pressure curves for the aqueous alcohol systems while the
aqueous acid results are shown in Figures 7 - 9. For
comparison with best literature values, the data of
Dobson (25) on the aquecus ethanol system and Butler,
Thomson, and Maclennan (26) on the aqueous methanol and
propanol-1 systems are included on the respective figures,

The vapor pressures of the pure components as measured
in this research are compared in Table 7 with values ob-
tained by previous investigators. For the most part, the
agreement between the values obtained in this research and
those previously reported is excellent, except for the
measured vapor pressure. of n~ butyriec acid. The extra-
polated value, obtained as described above, agrees very
well with the reported values. The vapor pressures of the
acids, attributed to Schmidt and Kahlbaum, were obtained
by extrapolation from their data at temperatures above
25°C,

The activity data as collected can be checked for
self-consisteney by use of a form of the Duhem - Margules

equationj namely,

| dl - X 21
X1 (*'5'%&) L R "'5?%;‘&) z,p (1D

where the X's represent mole fractions and the y's,
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Table 7

Reported Vapor Pressures at 25°C,

Component Vapor Pressure

Literature Reference

Water 23-756 mite ch

23.729
23465

Methanol 126, 6
125.
1244
124,07
Ethanol 59.91
58.90
58.71
Propanol-l 21.76
21.1%
20.53
20,1
Acetlic Acid
15.64
1E.61
Propionic Aecld
&, 2
3.598
3.0
n- Butyrie Aecid

International Critical Tables (39)
Osborne and Meyers (40)
This Researeh

Butler, Thomson and Maclennan (26)
This Raaoarch
Pesce (klg

Young (23

Dobson (25)

Young (23)
This Research

Butler, Thomson and Maclennan (26)
This Research

Young (23) :
International Critical Tables (39)

Young (23)
This Research
Sehmidt (42)

Sehmidt (42)
This Research
Kahlbaum (43)

This Resaareh (Measured)
Kahlbaum ;) (Dynamie Method)
Schmidt (42

This Research (Extrapolated)
Kahlbaum (43) (static Method)
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activity coefficients of the respective components., This
equation can be used to check the data for consistency, and
can be used along with the experimental data to give the
best possible activity curves from the knowledge at hand.
When attempting to draw a curve through a set of experi~-
mental points which have some scatter, it is generally pos-
sible to draw quite a number of slightly different curves,
none of which 4s unique, With the Duhem - Margules equa=-
tion, it is possible to draw curves through the points which
will at the same time be self-consistent and thus be the
best curves fitting the data. The Duhem - Margules equa=-
tion relates the slopes of the two experimental curves of

a binary system. Matching slopes at points along two
curves leads to much uncertainty, so it is best to have
analytic expressions for the activity coefficients in terns
of mole fractions to represent the experimental data. This
enables the slopes to be calculated directly.

The Margules equation 1s an empirieal equation which
purports to represent the variation of vapor pressure with
composition of liquid mixtures. To an approximation in
wvhiech only leading terms are considered, it can be shown
(3) that plots of log y,; versus x: and log yp; versus I:
should lead to straight lines of equal slopes. For most

systems, these straight lines are never
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found., However, the plots generally lead to quite smooth
curves which suggested trying to fit these curves with

empiriecal equations. The equations can be represented by,

log vy = X3 £(X;)  and
2
log va = (1 - X;) glX3),

where £(X;) and g(X;) represent functions which are inter-
related through the Duhem - Margules equation, Since in

a binary system, X; + Xz = 1, it follows that, 4X; = - 4X,,
so the Duhem-Margules equation, Equation 1ll, can be put

in the form,

(1 - X;) %.n*-xa Lﬁf_n .

From this it follows that
(1-Xz) 3%y £(X;) + X3 £1(Xz)7= = Xo/=2(1~X5)g(Xs)
+ (1X)" g (X) 7
from which by cancellation,
20(X3) + X £%(X;) = 2g(X3) - (1-Xp)g'(X;) = G(X3). (12)

If one lets the function g(X;) be represented by a quad=-

ratic egquation of the form,

g(Xy) = a + bXy + oX3
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it follows from Equation 12 that,

G(Xz) = 2a + 2bX; + acx: - (1-X,)b - 2¢(1-X;)X; » (13)
Since,

a/Es £(Xa)] = 2%, £(X;) + X3 £'(Xa)
aX;

if follows from Equation 12 and 13 that,

a/%s (%) 7 = (2a-b)X; + (3b-2¢)X; + WeXs
dX,

from which by integration and cancellation

£(Xy) = (a-g) + (b-%e)xg + eX: + i% .

From the curves to be fitted, it was apparent that £(0)
was finite, so the integration constant I was necessarily
zero to avoid an infinite term, Thus the two equations

which are related through the constants are,
2
g(Xg) = g + bX; + ¢X; and (14)

£(Xg) = (a-§) + b-Bo)xy + X (15)

If g(X;) is chosen as a linear function it can be seen that
the lines muét be parallel, and the intercepts related
through the slope, This treatment can be extended to higher
powers in X; and to analytic function other than poly=-

nomials,
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When plots were made with the experimental data of
the functions, log Y;/X: and log Y,/xi, sgainst the mole
fraction of the organie component X;, the alcohol systems
were found to give near straight lines or else paraboliec
segnents which had a small curvature. Each acid system
gave two curves vhich were nearly parabolic in shape, In
Figure 10 is shown the above mentioned plot for the aqueous
ethanol system and Figure 11 the same for the aqueous ace~
tic acid system, The straight lines drawn through the
points in the ethanol system are believed to be the bhest
fit to the date with the constraint required by the Duhem-
Margules equation, thus making the lines self-consistent.
For the acetic acid system, two sets of parabolic egqua-
tions vere fitted to the dataj one set for the range 0 to
0.65 mole fraction acid the other set for the remainder of
the range. (Two sets were used because it was found to
be impossible to fit the data with one set of quadratie
equations for the entire range.) An estimation of the
expected experimental error is shown in each graph, In
all cases, the experimental scatter was less for the
solute, (component present in amount less than 0.5 mole
fraction) so the constants of the functions were determined
from these regions,

Table 8§ shows the constants obtained for the various

systems, where the subscript A refers to either alechol or
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Table 8

Constants of Analytic Expressions for
The Activity Coefficlents

(log yo = (1 - Xa)z (a + DXy + cx:)

Agqueous Range of
System a b e Concentration
(Mole Fraction)

Methanol 0,180 0.360 0.737 0.0 - 1.00
Ethanol 0,646 -0.521 0 0.0 - 1,00
Propanol-l 1.200 -2+ 50 0 0,0 - 0,15
1&669 ‘ln76 1.23 0115 - 0055

00980 "00860 0 0- 55 - 1000

Acetie 0.492 -1.06 1.27 0.0 - 0,65
Acid 0.680 2.1k 2.64 0.65 - 1.00
Propionic 1007 "2:81 lfol“6 0.0 - 0.‘+0
Aeid 009"’8 "1.75 2.32 0.*0-0 - 1,00
n- Butyriec 1.57 ~7.33 18.3 0.00 - 0,22
Aecild 1.30 -2+ 79 3. 0.22 - 0,50

1026 ‘2.20 2. l 0.50 had 1.00
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or acids All the equations have been made self-consistent
over the range of concentration indicated in the table.

Of course, by knowing the constants for the activity coef-
ficients of the aclds or alechols, those for the water can
be readily calculated from Equation 15.

By using these equations, activities can be obtained.
Flgures 12 and 13 are plots of the activities of the com-
ponents against the mole fractlion of either alcohol or
acld. The smoothed curves have been calculated from the
equations for the self-consistent curves and the points
are experimental from this research, In the case of aque-
ous methanol soclutions, the experimental points of Butler,
Thomson, and Maclennan (26) have been included for com~
parison. The data of Jones and Bury (18) on the activities
of the acids in aqueous solution at 0°C. are included for
conparison on Figure 13, Thelr data were obtained by a
freezing point depression technigue. Thelr standard state
was taken such that the activity of the acid and wvater wvere
unity in a one molar solution of the acid, Their activities
are readily reduced to the standard state used in this
researchs. The chemical potential of a component must be
the same at any one concentration, regardless of the

standard state chosen, Thus

A+ BT Inay = u§*+ BT 1n af
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where the asterisk represents a different cholce of stan-
dard state., This can be cleared of logarithms and re-

written as, ou
-}
a=a* exp. ‘,zfia_.gngfi. . (16)

Equation 16 shows that the activities differ by a multi-
plicative constant at any one temperature. By knowing
the activity at any one concentration under both choices
of standard state, the multiplicative constant can be
readily determined, Actually for the comparison of the
acids, the difference in temperature at which the two
investigations were conducted is ignored, This would
tend to make the comparison not strietly justified, but
it was the best work available for comparative purposes.
The final results as reported for the aqueous n-
butyric acid system would not be altered significantly 1f
the trimer of the acid were included in the calculation
of partial pressures, In the first place, its contribution
to the total vapor pressure would be immeasurably small
under the experimental arrangement. Its inclusion would
alter the water partial pressﬁrcs insignificantly which
would leave the water activities unchanged from the values

reported in Table 6. By using the trimor; the monomer
partial pressure would be less than the values reported.
However, both the partial pressure of the monomer above
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the solution and above the pure acid would be decreased so
the ratio in the activity ealculation would not be greatly
changed,

The data reported for the aqueous methanol system
were not consistent under the treatment given, Since it
was the first system run, it 1s possible that the tech-
nique was not too well mastered at that time. The
| methanol - water system is the poorest of the systems run
from an analytical standpoint, as the refractive index

changes quite slowly with concentration changes.
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VI, DISCUSSION

A, Bpecific Interactions at Infinite Dilution

An ideal solution is one in which all components obey

Raoult's law at all concentrations, temperatures, and
pressures, i.e., the activity of each component referred
to a standard state of pure liguid component, is equal to
1ts mole fraction and its activity coefficient is alwvays
one, It follows from straightforward thermodynamle argu-
. ments (see, for example, Hildebrand and Scott (10)), that
the enthalpy and volume changes in the formation of an
ideal solution from its coftponents must be gero. The con=-
verse cannot be proven thermodynamieslly, although it is
readily shown that if the enthalpy and volume changes in
the formation of an ideal solution from its components
are zero, then the activity coefficlents are functions of
concentrations only and are independent of pressure and
temperature if standard states are selected at the same
temperature and pressure as the solution of interest.,
It 43 also an experimental fact that negligible enthalpy
and volume changes on mixing are usually associated with
negligible deviations from Raoult's law, and in the case
of solutions vhose molecules are all of the same size

this observation can be explained statistically (6).
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Modern statistical theories of solutions are pre-
dominately based on lattice models of the liquid state.
If 1; a binary solution component molecules are inter-
eﬁhhgcablo in the lattice, then for the purposes of these
gﬁaogi;s the molecules are of the same sige and the theory
-fsimplifias very considerably, Such solutions are called
wregular® (6). For the present, it need only be noted
that except for specific interaction entroples (Guggenheim
formally neglects these, but this neglect is not necessary
to his argument), the entropy change in the formation of
such a solution from its components is ideal, This permits
a straightforward identification of terms in the expression
for the chemical potential of component i1 as follows:

/is/a§+m1nxi+m1nyi N

vhere

o
//73_- chemical potential of pure liquid 1 at the
temperature and pressure of the sclution,

RT 1n X; = contribution to the chemical potential
srising from the free energy of mixing
of non-interacting components,

and

RT 1n y; = contribution to the chemical potential
arising from specific interactions,

In Guggenheim's treatment, the last term is attributed
entirely to specifie interaction energies.
No rigorous usable statistical treatment of binary

solutions has been achieved for the case where component
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molecules are not interchangeable in the lattice model,
as is the case when the molecules differ ;ppreciahlf in
size, It may be expected that the gntropy of mixing is
not ideal, Expressions for this quantity have been de-
rived in very special cases by Guggenheim (6) but rele~
vance of model and validity of approximations are question~-
able., Notwithstanding, an identification of terms in the
chemical potentisl can be made which is identical to that
made in the case of regular solutions, except that the
term RT 1ln y4 pust now include a contribution arising from
non-ideality in entropy of mixing of molecules differing
in size.

In particular, the gquantity

%im—-*o (R 1n vy

represents the difference per mole in specific free energy
of interaction between a molecule of component i and
neighbors consisting wholly of the second component of

the binary solution on the one handj and between a mole~
cule of component 1 and neighbors consisting wholly of
component i on the other hand, plus a contribution due to
abnormai partial molar entropy resulting from unequal
rolecular sizes, This treatment has been followed by
Butler, Thomson and Maclennan (26) who tabulated their
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results for aqueous alecohol solutiocns in the form

(MD3 = Ay =B In yi - (16)
in which °
Yy = %i{;{;o '
and

}Aﬁ): = chemical potential of
i in a hypothetical state in which component i has mole
fraction of unity, but activity coefficient is the same
as at infinite dilution, This form‘is suggested by treat-
ments of activity coefficlents in standard texts on thermo-
dynamies, for example Klotz (Lh),

From the constants to the equations given in Table
8, these extrapclations are easily made for systems which
have been determined, Butler, Thomson, and Maclennan have
already reported values for the limiting acti&ity coefl -
ficient at infinite dilution and for the specific free
energy effect, They determined these quantities for the
aqucous‘system: of methanol, ethanol, propenol-l, and
butanol-1l by direct measurement, and for the other normal
alcohols through octanol-l by solubility determinations,
They then assumed that the activity coefficient of the
immiscible alcohols at infinite dilution was equal to the

following ratiog
Y;'t,

where 11 is the solubility of the alecchol in the water
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rich phase. This assumption 1s not valid when one of the
components is appreciably soluble in the other., Most of
the imnmiscible alcohols and acids are soluble in water to
a very small extent on & mole fraction basis, However,
the reverse is not true, as water is quite soluble on a
mole fraction basis in many of the organic sclvents. The
assumption above requires that the activity of the solute
be unity in the saeturated solution, and this 1s insuffi-
eciently accurate unless both regions of miscibility are
very limited.

The activities of a givenveomponont in two phases
coexisting in equilibrium must be the same. Let Xy and
xg be the mole fractions of, for example, & slightly
soluble alcohol in the water rich and alecohol rieh phases,
respectively, and y; and Yi the corrcsp&nding agtivity
ecoefficients, Then

= s ¥
Yy X =Yg X

How if X; is sufficlently small, Yy = vi; data obtained
in this work indicate that with the systems studled this
approximation is valid to within 2 per cent if X; < 0.02.
If X] & 1, then by definition Yy = l, and so

Y; ~ in .

This is the treatment adopted by Butler, Thomson and
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Maclennan, For the aqueous solutions of aliphatic alco-
hols and acids 1if X{ < 1, then Yi > 1, 80 that Yi Ii will
more nearly approximate unity than Xi alone.

There appears, however, to be a more straightforward
way of approximating vi x; than Butler, Thomson, and Mace-
lennan used. Based on plots of activity as function of
mole fraction available for the scluble homologues, it is
possible to estimate activities at given mole fractions
for the higher homologues, and in particular to estimate
the activity at the mole fraction Xi. For example, in
the case of n- valeric acid, X; = 0,505, At this mole
fraction, asctivities of acetlie acid, propionic acid, and
n- butyric acid in aqueocus solution are 0,60, 0,72, and
0.78 respectively., The activity of n- valeric acid vas
estimeted as 0.82 by graphical extrapolation, which ap~
peared reliable to within 2 per cent.

Estimation of the activity cocefficient of water in
the 1limit as its mole fraction approached zero, in the
slightly soluble systems, was rendered difficult by the
fact that in none of the systems vas X} sufficiently small
to permit the assumption that Y& ~ Y;. On the other hand,
the approximation y;‘ X "‘ <~ 1 was satisfactory to within 2
per cent for all o: the slightly soluble systens, Know~
ledge of Xﬁ therefore sufficed to establish y& and aﬁ at

one mole fraction, namely I&. A curve through this point
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gimilar to the activity diagrams of the lower homologues
could then be drawn and Y§ estimated from this curve.

The objectivity of this method was rather unsatisfactory,
and comparison with results obtained by other extrapo-
lation methods indicates that values of y§ tabulated for
slightly aolublo systems should be considered uncertain to
about 20 per cent., The value of Y§ in the butanol-l -
vater system, however, is available from data of Butler,
Thomson and Maclennan, and is considerably more certain,

Table 9 shows the solubilities of the various organie
solutes in water and of water in the organic solvents as
determined by Craig (9) and Hansen (45), The solubilities
shown in the table agree very well with those determined
.by Butler, Thomson and Msclennan,

Table 10 shovws the extrapolated values of the activity
cosfficients of the various components at infinite dilution,
the difference in specific free energy effect as calcu-
lated from Equation 16, and the increase in this specific
free energy effect A between successive members of each
homologous series,

The increase A 1s a measure of the change an addition-
2l methylene group makes on the specific free energy effect,
The average value of the quantity A for the alcohols in
water is 760 calories and for the acids in water 790

calories, This would tend to show a relatively constant
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contribution for each methylene group in each system, as
the estimation error for the activities of the higher
homologues could account for the slight difference in

average values,

Table 9

Solubilities of Alcohols and Acids in Water
and Water in Alcohols and Acids at 25°C,

Organic Component Mole Fraction Organic Mole Fraction
Component in Water~ Water in Organic-

Rich Phase Rich Phase
Butanol-l 0.0188 0.513
Hexanol-1l 0,00107 0.311
Heptanol-l 0.000268 0.263
n- Valerie Acid 0,00691%5 0. 495
n~- Caproiec Acid 0.00159 0,282

n- Heptylie Acid 0.0003899 | 0.171

The value of A for water is much higher between
methanol and ethanol than between ethanol and propanol-l,
S8imilarly, the value of 4 is much higher between acetic
acid and propionic acid than between propioniec acid and
n- butyriec acid. Values of A between higher successive
homologues appear to be about 200 in both acid and aleochol
systems, but as previously explained, uncertainties in v§

for the immiscible systems are such that inference of a
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Table 10

Activity Coefficients and Standard Free Energies of Alcohols
and Acids in Water, and of Water in Aleohols and
Acids, at Infinite Dilution

° 0Y4. u«®

System 1 (/“1” - 43 A
Methanol in Water 1.48 232 cal. s
Ethanol in Water L3 8 692 cal.
Propanol-l in Water 15.9 1640 756
Butenol-l in Water 42 2200 560
Pentanol-l in Water 161 3020 820
Hexanol-l in Water 795 960 940
Heptanol~l in Water 3260 00 840
Water in Methanol l.ao 156 S
Water in Ethanol 2+%3 526 370
Water in Propanol~l 3.55 752 226
Water in Butanol-l «80 930 178
Water in Pentanol-l 6,60 1120 210
Water in Hexanol-l 2.20 1320 200
Water in Heptanol-l 13,00 1540 220
Acetic Acid in Water 3.11 672 e
Propionic Acid in Water 11.8 1460 790
n~- Butyric Acid in Water 37.2 2150 690
n~ Valeric Acid in Water 120 2840 700
n- Caproie Acid 569 760 920
n- Heptylie Acid 2400 20 860
Water in Acetiec Acid «09 670 B
Water in Propionic Acid «93 1150 480
Water in n- Butyrie Acid 9.13 1310 160
Water in n-~ Valeric Acld 12.2 1480 170
Water in n- Caproic Acid 17.0 1680 200

Water in n- Heptylie Acid 24,0 1890 210
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limiting increment 1is not Jjustified.

The specific free energy effect tabulated in Table 10
as ( E)Jf,/“i is a measure of change in free energy of
contacts vwhen a molecule of 1 is removed from neighbors
of its own kind and surrounded with molecules of the second
component in the binary solution. The progression of this
quantity along a homologous series has already been dis-
cussed., Comparison of values for aclds and aleohols may
be of some interest.

The specifie free energy effect for an acid was in
general approximately 200 calories less than for the alco¥
hol econtaining the same numbexr of carbon atoms, This
appears most simply explained by assuming a stronger inter~
action between water and the ~-COOH group than between
water and the -CH,OH group, which 1s consistent with resson-
able hydrogen bonding. The nearly constant difference in
interaction energy would then be expected.

The specific free energy effect for water is consider-
ably larger in aclids than in the corresponding alcohols,
The effect in acetic acid is 14k cal greater than in
ethanol, and in higher acids the effect is 350 - 400 e¢al
greater than in the corresponding alecohols. It is probabdle
that these differences reflect the different manners of
association of alcohols and acids. Work on the structure

of alechols has been summarized by Glasstone (7); each
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alecohol molecule tends to coordinate through hydrogen
bonding to two neighboring alcohol molecules to form a
net (distorted two dimensional lattice), On the other
hsnd, the fatty acids are extensively dimerized (7), and
the dimers tend to cluster in approximately parallel
chains. In evaluating the specific free energy effect
for water in systems of this sort, factors to be considered
are 1) the extent to which the water tends to break up the
structure |
2) the extent to which water is compelled to coordinate
methylene (low interaction energy) rather than care
boxyl or hydroxyl groups (higher interaetion energy).
The specific free energy effects for water suggest
that the carboxyl groups in the dimerigzed fatty acid "log
plles” are less available than the hydroxyl groups in the
more open alecohol structure, In the lowest homologoues
the hydrocarbon chain is insufficient in length to lead to
strong %log piling" through van der Hhais roreés, and thé
difference between acid and aleohol is therefore less

pronounced,
B. Concentration Dependence of Activity Coefficients

No useable theory of concentration dependence of
activity coefficients in binary solution exists for the

general case of associating molecules of different sizes.
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An understanding of some of the factors involved however,
can be galned from an approximate treatment of bilnary
solutions of non-associating molecules of the same size
(so-called regular solutions), The following treatment
parallels that of Guggenheim (6).

Consider a solution of A and B moleculesj let Z be
the coordination number of A molecules and B molecules
(assumed identical), let &,;, &,py and 533 be the stan-
dard molecular free energies of A4, AB, and BB contacts,
and assume that AA, AB, and BB contacts are formed abso-
lutely at random. Let Nj and Ry be the number of A and B
molecules and X; the mole fraction of A molecules, Then the
number of contacts of each type will bde:

AA v 1/2 ZNyXp
AB 1 ZNaXp = ZNpXy
BB 3 1/2 ZNpXp .

The excess free energy of mixing, 1l.e., the free energy in
excess of the ideal free energy of mixing, is therefore,
AFg = Z {I/ZNAXA €, + aXp €aB + 1/2 NpXp 533}

-2 {:1/2 Na éﬁA_+ 1/2 Np egngj} .

Setting N = Ny + Np, Ny = XjN, Ng = XgN, and

Xp =1 -XA 3

oFg = 1/28 2Xa(1-Xa) (2 €43 = Epa - Emp)
NZXp(1~Xa) w, (17)
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3 €
inwhieh w= &5 RAZ BB
or
NN
&g = 2w
¢ [ AT B)] )
Then g
Fo o= (2e) - {mﬁnv‘mﬁggv}
Ae 58, /| Np a+VE A+¥B
- 2uig HMNB-HA}
an+NB)

2
= Zw (1~xA) y

A d

where‘EA. 1s the partial molecular excess free energy of A
-]

at mole fraction X, and F, 1s the chemical potential of

pure liquid A, Hence,

RT 1n v, = No Zw(1-Xs)
- (1-xa)'w

in whiech W = NyoZw and Ng¢ 1s Avogadro's number. By similar
reasoning or by application of the Duhem ~ Margules equs-
tion, it is easily shown that

2
RI lnyp=X W,

the values of W being identical, The conditlon for ideality
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of such regular solutions 1s evidently
W= 0,

3 3
1.0., €AB = Ab ; BB ,

for which it is sufficient that ¢,, = <Spp= <,
but not necessary as 1is sometimes assumed.

Refinements of the treatment outlined above have
been carried out, and are summarized by Guggenheim (6),
Basically, refined treatments of regular solutions invoive
approximations to account for the fact that neighbors of
an & molecule are not selected completely at random but
reflect preference for those contacts with strongest
interaction energy. The refined theories approach that
presented for small values of W, and since solutions in-
vestigated in this work are not regular, no useful purpose
is served by further discussion of refined theories of
regular solutions,

Superlattice treatments of solutions of molecules
differing markedly in size, but in which the larger mole-
cule can be considered composed of elements each of whieh
is interchangeable in the superlattice with the smaller
molecules, have been carried out by Guggenheim and others,
and are reviewed by Guggenheim (6). The treatments used
lead to marked deviations from ideality in entropy of
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mixing, reflecting mixing elements rather than molecules
in combinatory formulae. Experimental data suitable for
treatment according to these theories are limited, but
results have not been encouraging: In particular, Hilde-
brand and Sweny (46) found that solutions of n- hexane
and n- hexadecane were virtuslly ideal, the abnormal
entropy predicted failing to sppear. Hildebrand snd Sweny
suggested that the hydrocarbons tend to form linear chain
arrangements, and Hildebrgnd (47) comments that for sube
stances not too diftarent in molar volume the entropy of
mixing appears to be nearly ideal in general,

Further evidence as to the inapplicadbility of formulae
developed by Guggenheim and others is furnished by the
regularity of plots of (log YA)/(I-IA)a. With the possible
exception of the n- butyrie acid ~ water system, these plots
showed no singularities in the range 0 ¢ X; € 1., The
activity coefficient can be obtained from Formula 11.08.5
of Guggenheim (6) expanded to first order terms in the
parameter W, and its logarithm can be shown to have a
first order zero at X3 = O. The quantity (log YA)/(I—IA)z
should therefore have a first order pole at X, = 0,
contrary to the observed regularity of this plot,

The nature of the log TA/(l*XA)‘ plots suggests a
treatment of concentration dependence of activity coeffi-

cient which appears qualitatively reasonable.
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Data herein observed can be represented by,
2
log vy = (1-X3) g(Xp)

2
log vy = X\ £(X,) 3
leading to an excess free energy of mixing of the form

OFg = RT X3(1-Xp) [1-X3)e(Xy) + X3 £(Xa).7

The ecorresponding expression for regular solutions from

Bquation 17 1s,
AFg = NoZ Xp(1-X3) W

= Xa(1-Xy) W

in vhieh W= NoZw
If Wegre is defined by,
Ware = BT { (1-X) g (X)) + X £(X) ¢, (18)
then for actual solutions
4Fg = Xp(1-Xp) Werr ,
and the deviation of actual solutions from regularity can
be discussed in terms of the variation of Wgre.

In general, g(X,) was of the form
2
(X)) = a + bXy + cXp
the Duhem - Margules egquation then requiring that

£(X3) = (a = b/2) + (b - 2/3e)X, + X3 o
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Substitution in Equation 18 then leads to

%ua+be/2.+cXZ/3 .

The variation of Weeg/RT with concentration for the

aqueous -~ alcohol and aqueous acid systems is presented

graphically in Figure 1%. The following observations are

immediately apparentt

1.

2.

3.

At low mole fractions of organic ecomponent, values of
Werr decrease with increasing mole fraction of organie
compcnent, The system methanol - water is a possible
exception, The slope is more negative the higher the
position in the homologous series.

Initial slopes in alecohol - water systems are nearly
the same as those of fatty acid-water systems with a
corresponding number of carbon atoms. Intercepts at
Xp, = 0 in aleohol ~ water systems are higher by nearly
eonstant amounts than those of acid ~ water systems

of corresponding numbers of carbon atoms,

Werr /RT is a monotonically decreasing function of X
over the entire concentration range in alcohol - water
systems, but 1ncraaso§ with X; at higher values of X,
in the acid - water systens.

The following explanations for these observations are

advanceds
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1: Liguid water may be assumed to have a structure some-
vhat similar to that of 1ice, with each water molecule
tetrahedrally coordinated to four nearest neighbors
through hydrogen bonds, While of course the long range
order 1s less than that of ice, assumption of a con~
siderable degree of long range order in liquid water
is reasonable. |

A secondary effect of addition of comparatively
large organic molecules is to break up the long range
water structure, so that in addition to replacing
water-water contacts with lower energy water-hydrocarbon
contacts there is a small but uncompensated loss in
energy through hydrogen bond ruptures in the de-~
struction of long-range order. This effect should be
greater, the greater the degree of long range order
(i.e., the lower the mole fraction of organie com-
ponent) and the longer the hydrocarbon chain,

2. The effect of destruction of long range order in acid-
water systems should be nearly the same as in alcohol-
vater systems of the same number of carbon atoms, but
at low values of Xp, Were/RT for the acid should lie
below Wgpe/RT for the corresponding alcohol because
the bonding of water to a carboxyl group is stronger
than that of water to a hydroxyl group. The difference

should therefore be nearly constant, reflecting a
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econstant difference in the interaction energy between
vater and carboxyl groups on the cne hand and between
water and hydroxyl groups on the other hand, The
initial slopes of alcohol -~ water and scid - water
systems of the same mmber of carbon atoms should be
nearly the sape, reflecting sinilar secondary effects

of the hydrocarbon chains in destroying long-range
vater structure,

At high mole fractions of organile component, veriation
in Wepe will reflect the effect of water on long range
structure, if any, in the organiec component, Structures
of 1iquid slecohols and fatty acids have alresdy been
discussed, In the alcohol systems, the structure is
predominately deterzined by hydrogen bonding, each
aleohel molecule being coordinsted to two neighbors

to forx tvo dimensional nets. At lesst for lower
homologues, it can be expected that cohesien detween
hydrocarbon chains will not bde optimum, since packing

of these chains must be secondsry to hydrogen bonding
requirenents, The structure can be therefore considered
somevhat open, and the water presurably could replace
hydroxyl groups in the structure without extensive
dissrrangement of order or hydrocarbon chain cchesion,
Fallure of Wyep to inerease with X, at high X; in aleohol
water systems follows reasonably from the above discussion.
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On the other hand, the tendency of fatty acids to
dimerize and of the dimers to "log-pile", has already been
mentioned. Cohesion of hydrocarbon chains 1s expected to
be much stronger, therefore, in the acid - water systems,
Increase in Wepre/RT at high X3 can therefore be explained
either by assuming water to be effectch in destroying
long range ordering of hydrocarbon chains, or, more simply,
by assuming that coordination of water to carboxyl groups
and consequent dimer rupture leads also to & small number
of uncompensated ruptures of hydrocarbon—h&drocarbon
contacts. ‘

It would be interesting to examine the qualitative
explanation of varlation of excess free energy of mixing
herein presented, in the light of enthalpy, entropy, and
molar volume data. Reasonably accurste enthalpy and par-
tial molar volume data are avallable for the ethanol - water
system. However, reasonably accurate enthalpy data and
rather poor molar volume data are available for the acetie
acid - water system, In both systems, mixing is asccom-
panied by a dimunition of volume over the sntire concen-
tration range., Mixing of ethanol and water is exothermic
over the entire concentration range; mixing of acetic acid
and vater 1s exothermie if the mole fraction of acetic acid
1s less than 0.111 and endothermiec otherwise, In both

systems, the excess entropy of mixing is negative over the
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entire concentration range.

The existence of negative excess entroples of mixing
with positive excess free energies of mixing is puzzling,
and leads one to seek an explanation of the former in an
effect which would have little influence on the latter,

It can be predicted, confidently, that a quantitative ex-
planation when found will not be simple, but it seems
reasonable to correlate the negative excess entropy with
the volume contraction,

The mixing of two components to form & solution can
be imagined as a two-step process: first, the mixing of
the components of solution without any shrinkage of total
volume, and second, a volume contraction. Let it be as-
sumed that the free energy of the system at the end of step
1 is substantially the equilibrium free energyvand that the
entropy change 1n step 1 is the ideal entropy of mixing,

It is entirely possible that step 2 could occur with
negligible free energy change but with marked enthalpy and
entropy changes.

The possibility of this occurence is perhaps most
simply illustrated by the van der Waals liquid, For step 2

AF = AU + A(PV) - TaS
= Al ~ TAS

neglecting the A(PV) term in the condensed system., Where
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V4 and Vp are initial and final volumes in the concentration

process,

_Mi.,,,a(\'fr 1V) _mm;_i_}g .
The first term on the right is A (¢ , the second (-Ta8);
evidently AU and TAS are both negative if Ve ( Vi3 if
they were nearly equal the free energy change could be
negligible even if both entropy and enthalpy changes were
appreciable,

In general, the equilibrium configuration of a system
corresponds to a minimum free energy, and not necessarily
to a minimum enthalpy or a maximum entropy. This point
is 1llustrated in Figure 15.

r

Figure 15, Free Energy and Enthalpy Potential Curves.
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With regard to the systems of interest, volume con~
traction will certainly be accompanied by negative enthalpy
and entropy changes of the order of magnitude observedj these
changes will not, however, be well represented in general by

van der Waals or similar equations of state,

C. Evaluation of Measurement Procedure Developed

l. Discussion of errors

The author believes the method desecribed herein could be
made quite free of errors without too much additional work or
care, One of the greatest sources of error was the impurity
of the materials used for preparing samples and standard so-
lutions, Minor impurities were not troublesome 1f the so-
Jution had a high vapor pressure so that the impurity would
contribute only to a small portion to the total vapor pressure.
If the impurity should have a refractive index much different
from that of either of the solution components, interfero-
metric analyses could be incorrect by a significant amount.
In aqueous solutions, the organic component is most likely to
carry the impurity with it, All organie components must be
purified, stored and handled with the greatest care,

To measure small pressures accurately by a mercury mano=-
meter is a very difficult task, Manometry 1s actually a very
complex fleld, amounting to much more than just reading the

top of a meniscus. Cawood and Patterson (48) have a very
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excellent discussion of the caplllary depressions of mercury
in cylindrieal tubes and some of the errors of glass mano-
meters, They measured the difference of the mercury level in
cylindriesl tubes of wide and narrow diameters, since the ca-~-
pillary depression in a wide tube (about 38 mm. diameter) is
negligible compared with that in a narrow, They present
tables of the capillary depression as a function of meniscus
height for a number of different tubes from about 10,5 to
18.5 mm. inside diameter. The capillary correction for a
tube of 10,52 mm. and a meniscus height of l.41 mm. amounts

- to 0,415 mmj by no means a negligible correction. The cor-
rection range from the above value down to 0,015 mm, for a
meniscus height of Q.45 mm. in a 18,43 mm. tube. At the same
time they studies the refraction error due to irregularities
in the manometer tube and concluded that for ordinary tubes
of 15 mm, or so diameter, the errors due to refraction in the
glass may be as great as the capillary depressions themselves.
Thin-walled glass tubes of about test tube thickness (0,3 mm,
wall) were found necessary in order to cut the refraction
error to less than 0,01 mm,

A theoreticsl claculation of the capillary depression is
difficult because two of the gquantities necessary in the calcu-
lation, namely the surface tension of mercury and the angle of
contact of mercury with the glass tube, are not easily deter-
mined, The surface tension of mercury is changed extensively

by small traces of impurities, this having a greater effeet on
the capillary depression in small tubes.
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Analytic errors are thought to be quite small except
in some cases where the solution concentration was at an
insensitive part of the interferometric calibration curve.
This made it necessary to dilute out of this region,
usually with water, to get to a concentration where the
refractive index was sensitive to concentration changes,
Any error made in the analysis of the diluted sample was
multiplied by the dilution factor in the final corrected
concentration, The accuraey of the interferometric
method varied from system to system and varied within the
individual systems., The aqueous methanol system was the
most difficult from an analytical standpoint since the
refractive index changes slowly with concentration changes,
All the interferometric calibratlion curves vere sensitive
at the ends of the concentration ranges, In the case of
ethanol there was good analytical sensitivity except in
the region from O.4 to 0.75 mole fraction ethanol. The
analytic error in this system should not have exceeded
0.0008 mole fraction except when dilutions were necessary,
where the error would be slightly greater. The n- butyrie
acld - water system had good analytical sensitivity except
in the range from 0.7 to 0.85 mole fraction acid. Errors
of about 0,0005 would be maximum in this system except

in the small range mentioned., In general, the acid
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sensitivity was better than the corresponding alecochol
except in narrow regions. The aleohol sensitivity was
adequate, the maximum expected error renging from about
0.001% in methanol to about 00,0006 in the case of
propanol-~l, |

Evaporation losses while solutions were stored should
not have been serious, The volume of the sample flasks
was small so not much vapor was distilled from the so-
Jution to alter the composition appreciably. Transfer
operations by hypodermic syringe cut down any evaporation
errors to a minimum,

Residual air in the apparatus and in the solution to
be determined was a minor factor which would increase the
total pressure to a small extent. This error was un-
important if several vaporizations were needed to collect
a vapor sample, It was found that the total pressure of
the first and second collected vaporigzations differed by
not more than 0.15 mm, Hg., indicating an almost complete
removal of air after the initial air removal vaporization.
If three vaporizations vwere needed, the total pressure was
taken as the average of the last two pressure readings.

A small error was introduced by assuming the alecohol
and water vapors to behave a8 ideal vapors. By using the
van der Waals equation and constants for the vapors to

calculate the fugacities, it was found that the fugacities
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and the ideal pressures differed by less than 0.1 per cent
under the least favorable circumstances.

The problem of solution concentration changes in the
generating flask of the apparatus during e determinastion,
leaves one to choose between two evils, If the amount of
solution is too small, the concentration changes too
much, If the amount of solution is too great, the amount
of purified liquids needed is great and stirring becomes
a problem. In most ceses, the concentration of the liquid
at the close of a determination differed from that at the
beginning by about 0.004 mole fraction and very rarely was
this difference greater than 0.010 mole fraction.

The apparatus as constructed in this research would
be applicable to any system in which the total vapor
pressure veries from near 0 mm, to about 300 mm., Hg.

About the only limiting factor in this region would be if
either one or both of the components would react with mer-~
cury or with the stopcock grease used. In this researech,
Aplezon-N was used as the stopcoeck lubricant. It was the
best vacuum-tight grease tried and fortunately it was in-
soluble in the organie components used in thils research.

A high vacuum silicone stopcock grease was tried in the
apparatus but it was not vacuum-tight and channeled badly.
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To determine the future applicabllity of the method
to other systems, a quantity of n~ heptane was put into
the generating flask and allowed to vaporize into the
reservoir flask, The system was then left this way for s
period of one day., During this time the heptane had dis-
solved the Apiezon-N stopcock grease from one of the stop-
cocks and the system leaked badly. This demonstrated that
the apparatus as constructed could not be used for systems
which eontained paraffin hydrocarbons as one component,
Since Aplezon-N dissolves readily in acetone, benzene,
carbon tetrachloride, and related compounds, it is improb-
able that systems of these components could dbe investi-
gated under the present procedurse.

A sample of a perfluoro-stopcock grease has been ob-
tained from Minnesota Mining and Manufacturing Co. which
may make 1t possible to investigate the Aplezon+<K grease
dissolving components with the present apparatus, Most
likely the perfluoro grease will be insoluble in most
organic solvents, but it remains to be seen if the grease
will be vacuum-tight.

If all ordinary type greases fall, it may be possible.
to eliminate as many standard taper joints as possible,
cement the others in with a vacuum-tight cement, and use
graphite lubricated-mercury sealed stopcocks instead of the

conventional type.
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One of the crucial features of the apparatus which
should be changed is the manometer. The manometer used
was found to give low readings by 0.25 mm. when compared
to & manometer which had equal capillary effects in both
arms, To eliminate all capillary effects, a mancmeter
with bore size of at least 15 mm. should be useds In
addition, the bore should be perfectly uniform, perhaps
precision bore, To prevent refraction errors when sighting
through the manometer tube with the cathetometer telescope,
thin«walled tubing should be used. As the manometer stands
in contaet with vapors in the apparatus, the mercury be-
comes saturated with these vapors,. It would be best to
design the manometer so it could be degassed by boiling
the mercury at reduced pressure at regulsar intervals,

In conclusion, the author believes the basic procedure
is sound, but small changes will have to be made to adapt
the apparatus to the system of interest, Further refine-

ments in manometry as suggested would improve accuracy.

The general methods of investigation used by previous

workers in the field of solution thermodynamics have been
outlined in the first section of this dissertation along
with some of the limitations inherent in each method. The

method as herein described depends on the direct measurement
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of the totel pressure and vapor composition at the temper~
ature of interest and does not necessitate the intro-
duction of & third component as in the gas-saturation
method. |

The chief adventage of the method as described is in
the rapidity with which a determination can be made, For
the sYStems determined, not more than three vaporizations,
and in general only two, were needed to collect a suffi-
clent sample for analysis, The time required for two
collected vaporizations was about 1 1/2 hours, inecluding
the preparation of the solution to be determined and the
degassing vaporization. The method is about six times as
rapid as the gas-saturation method and 1s of comparable

accuracy.
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ViI, SUMMARY

A new method for measuring activity coefficlents of
both components in binary sclutions of volatile com=
ponents has been developed which appears to have im~
portant advantages in speed and accuracy over existing
methods applicable to similar systems, The method
involves transfer of equilidbrium vapors from a gener-
ator flask containing binary solution through an
intermittent bleeder valve to an evacuated reservoir.
flask, measurement of total pressure in the reservoir
flask, and trapping and analyzing reservoir flask
vapors.

The method developed has been used to measure activities
over the entire concentration range of both components
in methanol ~ water, ethanol - water, and propanol-l -
water systems at 25°C, for which reasocnably good
literature data exist., Results are in excellent agree-
ment with, and in general appear to be superior to
best existing literature values for these systems, and
show excellent Duhem - Margules consistenecy.
Activities of both components of acetic acid ~ water,
propionic acid - water, and n- butyric scid - water
systems have bheen measured over the entire concen-
tration range at 25°C.,, and constitute original data

for these systems.
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Results for both alecohol - water and acid - water
systems have been interpreted comparatively and in
progression in homologous series; first in terms of
specific free energy effects calculated from aotivity
coefficients at infinite dilution, and second, in
terms of secondary structure effects affecting vari-

ation in activity coefficient with concentration,
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