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ACTIVITIES AND ACTIVITY COEFFICIENTS

OFlORGANIC BINARY MIXTURES
CHAPTER 1
INTRODUCTION

Knowledge of the activities of componentsmin volatile -
mixtures.i; of great importance for a number of reasons.
From fhe practical side, it is esseqtial in the design and
construction of distillation eéuipment for fhe separation
of mixtures. " In addition, the activity data are a valuable»
contribution to the thefmodynamic data on solutions. 1In
theorétical calcuiations, the acfivity data are a prime
necessity in the formulation of.a general solution theory
capable of explaining the behavior of components when mixed
togéther to form a solution.

The activity of a component in solution is defined
as the ratio of the fugacity of the component in solution
fo the fugacity of the pure component at the same fempera-
ture. In many.systehs, the fugacities may be feglaced by
the partial pressures of the components without appreciéble
error in the subsequent calculations. Once the activities
have been determined for a binary system, it is‘then possible

1
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to calculate other thermodynamic quantities of interest.
These quantities include, for example, heats of mixing and
free energies of mixing. The values of the quantities can
be comparéd_with those for the same 5ystem at different
'téﬁperaturesAbr.analogous systems in an attempt to explain
the magnifude of these quantities and their deviations from
.thé-expeéted values if the solutions behaved in an ideal
manner; The se déyiations may bevinterpreted as due to molec-
ular interactions in the solution and preferred orientation
of the species in solution. Ultimately, the.activity data
and the thermodyhamic quaﬁtities calculated from them can be
used as é basis for the presentation of a molecular picture
of the liquid phase in terms of a statistical model. The
model can finally be applied in a general manner in an
attempt to include all liquids.

Most vépor pressure methods for determining activi-
ties and activity coefficients of components of volatile
’binary organic mixtures have made use of the following
equations:

yiP = pPy; (1 - yq)p = pp (1)

and -
pI/(xlp?).= ti Pz/(l - Xl)pg = \(é (2)

where x; and y; are the mole fractions of component 1 in the
liquid énd vapor phase, respectively; Py and p, are the par-
tial pressures of components 1 and 2 above the equilibrium

mixtures p? and pg are the vapor preésures of pure 1 and
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pure 2; p is the total vapor pressure and Xl andJZ are
the activity coefficients of component 1 and 2. Equations
(1) and (2) assume ideality of the vapor phase. A common
procedure is to determine p, x; and yi experimentally and
then calculate Dll andxz from equations (1) and (2).

The determination of activities of volatile binary
mixtures has been the object of many investigators using a
variety of methods. An excellent summary of these methoﬁs
is given by Hala et al.l One of the most accurate,methods
in use has been the equilibrium still as developed by
Scatchard and his associates.2 It is a still with the pro-
vision for the circulation of both liquid and vapor ph#ses.
In the direct eiperimental determination of vapor-liquid
equilibrium, the samples of liquid and vapor musf be separ-
ated at true equilibrium and the concentration of both phaseS
determined analytically. The method of Scatchard allows the
precise determination'of the boiling point of the solutioﬁ.
It is applicable'to'low and medium pressufes and only for
homogeneous systems, but has the added advantage of using a
small sample in'the still.

Many more stills are available for the investigation
of solutions, and these differ essentiall& in certain design
featﬁres that were incorporated to eliminate drawbacks of
previous stills or were necessitated by the peculiar proper-
ties of fhe system to be studied. The determination of the

equilibrium curves can be carried out at constant temperature
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or constant pressufe. The design and construction of the
stills may be a source of error in some cases, while in
others, the nature of the system will contributé to the
error. In all the stills in use, the time-consuming factor
is the establishing of true equilibrium before sampling can
take place.

In addition to the dynamic method as in the equilib-
rium still, static methods are available. In these methods,
the solution is put into a closed container which is immersed
in a thermostated bath and agitated until equilibrium is
established in the system. Samples are then removed from
both phases for analysis. Although the method is extremely
simple, at low pressures the amount of vapor necessary for
sampling is almcst the same as the total amount of vapor
abpve the soiution. The removal of this vapor may theﬁ
greatly affect the equilibrium. .Consequently, this method
is not too widely used, especially at low or moderate pres-
sures. At higher pressures it does find more applications.

In the distillation method a small amount of liquid
is distilled from a flask which contains a large charge.:
The method is very simple,. but it has the disadvantage that
a large liquid charge is needed in the flask and it allows
only a sﬁall amount of the distiilate to be reméved, since
the composition of the liquid must essentially remain con-
stant. Furthermore, errors arise due to condensation on

the walls of the vessel so that for practical purposes, the
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method is no longer in use for accurate determinations.
Another method that has been used is the one developed by
Hansen and Miller.3 This method allows the sampling of the
vapor phase by céndensing it out in small finger tubes cooled
by a suitable freezing mixture. The amount of vapor that is
condensed at one time is controlled by a magnetically oper-
ated ground glass valve so that the equilibrium is not dis-
turbed by the sampling.

Although the_methods involving the equilibrium still
are qapablé of extreme accuracy, they are time consuming in
their operation. In some of the stills, equilibfium may be’
attained in aboﬁt half an hour, but in others, it may take
a whole day to obtain one concentration point for the system.
It may be more profitable in some systems to sacrifice some
of the.accuraéy in order to be able to make rapid determina-
tions. In this manner, many more systems may be investigated
over shorter periéds of time.

The equilibrium.still must alsd provide for the ac-
curate meésurement of the boiling point of the solution.

For true equilibrium, concentration gradients must not occur
in the liquid phase and the equilibrium vapors must not par-
tially condense. Superheating must also be avoided. 1In
addition, the cold condensate returned to the flask must be
mixed perfgctly with fhe liquid in order to prevent non--
equilibrium vaporization due to its lower boiling point.

The vapor which leaves the liquid should not entrain drops
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of liquid and carry them over into the condenser. The still
should be simple to operate, and it should require only a
small amount of solution. It should be applicable.to a
large number of systems without significant modification.

Despite the inherent drawbacks of the equilibrium
still; many working models have been made which are.capable
of extreme precision and for accurate work the equilibrium
still is one of the best methods available.. Bﬁt.in many
cases, it is evident that the accuracy of the instrument 1is —
made at a sacrifice to the time ﬁecessary for experimental
determinations.

Along with the technidues already described for the
determination of activities; total pressure methods are also
finding wiaé} applicatién. The knowledge of the total pres-
sure'of a binary mixture as a function of the liquid compo-
sition at constant temperature is sufficient for a complete
description of the liquid-vapor equilibrium. In theory, the
activity and activify coefficients can pe derived from the
total vapor pressure without the use of the vapor composi-
tion. The application to the_totai pressure data of an
independent rélation, the Gibbs-Duhem equdtidn, perﬁits the
calculation of the partial pressures p; and p, and hence,
the activity coefficients, )’1 and )’2. Thus one may . write:

Py *Pp =p; x;d1lnp  +x,d1np, =0 (3)

" and these two equations involve only the two unknown pres-

sures py; and pp. In these equations; we assume ideality of
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the vapor phase and neglect the effect of the total pressure
on the activities. Experimentally, only the total pressure
and liquid composition need be determined.

Although the experimental method is very simple, it
has not found widespread use due to the difficulty in the
calculations and the fact that small errors in the vapor
pressure measurement lead to larger ones in the calculated

activity coefficients.

There have been several discussions of the total
'pres;ﬁre method by various authors in the last tén years or
so. Redlich and Kisteru’5’6 have made a number of important
contributions‘to this method in a series of articles in which
they discuss the total pressure method and the methods used
to calculate theAaqtivify céefficients from the total pres-
sure-and composition data. They point out the applicability
of this method to a number of sysfems and menti;n the errors
involved in these.determinations.

Leyyz in an excellent article, discusses a semi-
empirical expreSsion which closely approximates the experi-
mental fesults for a variety of mixtures. The calculation
of liquid-vapor equilibria can be done by a numbér of equa-
tions, mostly émpirical,-from a relatively small amount of
exp;rimental data. These methods are limited in their use-
fulness,since cumbersome graphical 6r analytical computations

are involved in most cases. - The author gives two simplified

methods of calculating the relation between partial vapor
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pressure and liquid composition of binary mixtures. Using
the Gibbs-Duhem equation expre;sgdr;n terms of the partial
pressures and the total pressure‘ag the sum of the partial
pressures, the author solves for the partial pressures. BHe
further expresses the activity coefficients as power series
of the liquid mole fractions. For many systems; the devia-
tions from ideality are such that the coefficients beyond
the first in the expansion can be neglected. bnce the ac-
tivify coefficient expression is found for one qf the com-
ponents, that for the other follows directly. For many
other systems, such an approximation is invalid; and more
coefficients must be used to give an adequate representation.
of the systeﬁ. A moré detailed description of the power

series expansion of the activity coefficient is given by

Hildebrand and Scott.8

In recent years, additional attention has been
‘focused on the total pressure technique due to its simplicity
experimentally. The main object of current research is the
simplification of the mathematical ,analysis. Scatchard’
gives a review of‘the methods now in use. Barkerl!©O considers
the problems involved in this method also. He considers in
some detail the deviations of the vapors from ideality and

uses the method of least squares to fit the data.
As mentioned by the previous authors, the mathemati-
cal analysis of the total pressure data is complicated in

most cases. Recently, a number of important advances have
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been ﬁade in the mathematical analysis of total pressure
data. Christianll hés developed a method for curve fitting
total pressure data using an IBM 650 digital computer.
Myers and Séott,12 using the faster IBM 709 digital com-,
puter, h;ve developed a program to yield parameters in an
equation fér the excess free energy from isothermal pressure-
liquid composition data.

In the present ;esearch, it was decided to use the
total pfessure @ethod because it presented a very simple and
rapid experimental technique. It was proposed that a number
of binary.systems be investigated, fitting the data with the
method of Chfigtian.;l The computer program makes use of
only three experimentally detgrmined pressures and concen-
trations as well as the pressures of the pure éomponents.
Fbr syhmetric systems, the experimental points are usually
chosen at equal mole fractions to secure é good fit of the
data. ‘For systems which show unsymmetric behavior, the
points may have to be chosen at irregular concentration
points to get a good fit over the whole concentratioh range.
The symmetrical curves can usually be fitted in about five
to ten minutes of operating time, but for thghunsymmetrical
cases, édmputing time may run as long as half an hour. Al-
though sampling and analysis of the liquid phase is needed,
it is possible to investiggte a binary system over the whole
concentration range in about a day or léss, and in addition,

pressure values may be recorded at various temperatures for
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a given concentration point. Equilibrium is established
very rapidly and the fact that no Qapor samplés.are neces-
sary allows the readings to be recorded almost as rapidly
as the nécessary manipulations can beAperformed.

The methods outlined up to the present have all
been used successfully in many investigations. All these
methods, however, require sampliﬁg of the 1iquia or vapor
‘phases or both for the determination of £he composition.
There is also the added disadvantage in the equilibrium
stills of the time‘consumed in reaching true equilibrium.
It would béldesirable to devise_a.newvméthod for the deter-
'minat;on of activities which would combine speed with accur-
acy. To achieve the goal of speed, cOmpositiéns should be
evaluated in a manner ofher than by.direct sampling and
analysis. The buoyancy bulb has long been. used in the |
méaéurement of vapor dénsities for the calculation‘of associ-
ation contants in ;he vapor phase. It seemed logical that
such a method could be extended to the determination of
acéivities of binﬁry mixtures. Thus, a sensitive silica
vapor density balance could be used to find the composition
of the vapof phase. Tﬁis knowledge coupled with the total
pressure of the system would be sufficient for the calcula-
tions of activities. The application of the Gibbs-Duhem
equation to these data would allow the calculation of the

composition and the activity coefficients of the liquid

phase.



CHAPTER II
OBJECTIVES

The primary objectives of this research were:

1. To refine the total pressure technique for the
determination of activities‘and activity coefficients of
‘binary mixtures and analyse the data so obtained by meéné
of a high speed digital computef.' The simplicity and aceur-
acy of thé experimental method coupled with the speed of the
data analysis should make this an attractive method for the
study-of binafy systems;

2. To develop a new metﬁod for_the measurement of
“activities of binary mixtures based on the vapor density
bélapce. The application of thé vapor density balance to
.fhé determination of activities appears quite feasible. ’The
advantage of éuch a method is that there would be no neces-
sity of sampling the liquid or vapor phases for concentration
analysis. The composition of the vapor phase would be deter-
mined-directly from the vapor density and total pressure
values; and the activities, liquid phase composition and
activity coefficients could be calculated by means of the

Gibbs-Duhem equation. A number of binary systems, done

11
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previously by other authors, were to be investigated to
allow comparison between the vapor density balance method

and other methods for accuracy, speed and precision.



CHAPTER III
EXPERIMENTAL

A, ACTIVITY FROM TOTAL PRESSURE
I. APPARATUS
The apparatus, shown in Figure 1, consists of a
solution vessel (A) which may be opened.to vacuum or atmos-
phere  through the two way stopcock (C); The‘pressure of
the system 1is read on the closed end manometer (G). The
solution is stirred by tﬁe stirrer bar (D) which is con-
trolléd by a magnetic stirrer (E) placed beneath both ‘the
solution ves$e1 (A) and fhe thermostated bath (F). The
‘solution may beAsampled or increments of a component added
at (B)~which can be blown open or closed by heating yith a
torch.
II. PROCEDURE
The total pressure of a binary mixture is investi-
gated in the following manner. Component 1 is introduced
into the solution.vessel (A) through the opening made at
(B) by heating with a torch. The opening is sealed, the
system is thoroughly evacuated and the pressure is read for

component 1. Dry nitrogen is then bled into the system and

13
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: Fig._l.--Total Pressure Appafatus
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a small amount of component 2 is added through the opening
at (B). This is then closed with a torch, the system is
evacuated and the pressure is recorded. ﬁztfogen is again
bled into the system and the‘liquid phase is sampled through
the opening at (B)'with a long, fine pipette made from 8 mm.
Pvrex tubing by heating and dréwing to a suitable length and
diameter. Thg liquid is sealed into.a glass.tube for later
analysis. Another increment of componrent 2 is added, the
opeﬁing at (B) is closed and the préssure determined as be-
fore. This is repeated until about half the concentration
range is covered. The other half of the concentration is
covered in an entirely analogous maﬁner. No vapor sampies
wefe ever“collected. Provision can be made to do 56 by ‘a
slight-modificati;n of the existing system.3 One of the
important advantages of this method is that two or more
temperatures can be covered at the same time simply by ad-
justing the thermoregulator and waiting for thermal equilib-
rium to be established in the s&stem. With this technique,
only one liquid sample is required for the series of tem-
peratures.

The samples obtained in the above manner were ana-
lysed whefever possible by compéring the refractive index
of the sample with the values of a standard curve prepared
for thebparticularly binary pair. In the case where re-
fractive index could not be used and one of the components

was an acid, composition was determined by titration with a
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standard base.

B. ACTIVITY FROM VAPOR DENSITY
I. APPARATUS

The gpparatus? shown ‘in Figure 2, consists of a gas
density balance (A) supported on two fine horizontal silica
fibers attached to a silica support (B). The entire balance
is mounted on a Pyrex glass platform which may be easily re-
moved from the Pyrex glass balance case for adjustment and
repair. A large bore glass tube (about 80 mm. in diamefer)
connects the balance case to the solution vessel (E). It ig
necessary to use a tube of this size to ensure rapid equi-
libration between the liquid and vapor phase. The height of
the pointer (C) is observed through the window (D) with a
precision cathetometer. The solution (E) is stirfed by a
stirrer bar (f), which is controlled by a magnetic stirrer
placed below the thermostated bath'(G) and the soldtion
vessel. 'The pressure of the.system is measured by means of
a closed manometer. One of the pure components is added to
the solution vessel (E) through one of the openings of a Y-
tube connecting at (J). The other arm of the Y-tube connects
to a sample tube containing a second component, which can be
added in incremental amounts by means of a magnétically—
operated ground glass valve. The water level in tﬁe thermo -
sﬁated bath is kept above the solution vessel (E) but below
the balance in order to prevent vapor condensation on the

buoyancy bulb.
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H ﬂ TO MANOMETRIC SYSTEM

Fig. 2.--Vapor Density Balance Apparatus
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II. PROCEDURE

The apparatus is calibrated in the following manner.
The system is evacuated to its lowest pressure,and both the
pressure and pointer position are recorded. A small amount
of vapor of known molecular weight is bled into the system
and the pressure,and pointer positions are recorded. This
is repeated in intervals up to a total of about 100 mm. A
plot of scale deflection vs. pressure vields a straight line
passing through the origin and from the slope of this line, .
the force constant of the balance is calculated. Two
liquids, benzene and carbon tetrachloride, were used in the
calibration of th% balgnce. These were chosén because they
are ideal in ‘the vapor phése and because of the wide differ-.
ence in molecular weights which ailows a good éheck of the
operating range of the balancé.

A binary mixture is investigated by introducing.
component 1 into the sample tube and degassing by a number
of freezing-thawing cycles. The ground glass valve is closed
and component 1 is frozen with liquid air or a dry ice-acetone
mixture. The system is swept out a number of times with dry
air to eliminate vapors of component 1. To prevent the pos-
sibility of an explosion from residual vapors, dry nitrégen
is bled into the system, component 2 is introduced.into the
vessel (E) through one arm of the Y-tube which can be blown
open of closed by heating with a torch. The system is

thoroughly degassed and the pressure and pointer deflection
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for pure component 2 are recorded. The temperature of the
vapor is recorded from a thermometer resting against the
side of the balance case. An increment of component 1 is
added by removing the freezing mixture and heating gently
with a torch until the iiquid‘boils vigorously; the magnetic
valve being held open by a permanent magnet supporfed out -
side the tube. Component ! is frozen again, the system is
brieflvy evacuated and the pointer and pressure readings are
recorded. Increments of component 1 are added iﬁ this manner
until an entire run, covering half thé concentration range,
is covered. The oéher half of the concentration range is
covered in an anaiogous manner,

In early runs, it was found that in time the glass
sample tube would crack due to the severe temper;ture range
imposed on the cell. This was remedied By making the cell
of Kovar metal. This method of addition was then satisfac-
tory for components of 10Q boiling, but when components of
higher boiling point were used,lsevere bumping would occur
upon heating causing the balance to oscillate for a period
of time befére coming to its equilibrium positien. In addi-
tion, the vapor would condense on the bulb and the balance'
case adding to the time necessary for the system to reach
equilibrium.

These defects were eliminated by the use of the fol-
lowing addition.system. A Pyrex glass cell having a mag-

netically operated ground glass valve is connected to one

L
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arm of the Y—tubelby means of small‘bore polvethylene tubing
which allows almost unrestricted flexibility of the glass
cell during the addition of a component. The tubing is
sealed to the glass portion of the apparatus by heating the
glass sections and then pressing the polyethylene'tubing
ovér it and hplding until the polyethylene tubing is solidi-
fied. In addition, molten polyethylene is run over the
joints and in:each case, vacuum tight joints can be obtained.
'The 9omponent to be added is degassed by a number of freez-
ing-thawing cycles as before, but in adding it to the vessel,
it is.melted by immersing the cell in warm water and the
liquid is run into the solution vessel with the magnetic
valve being held open'by a permanent magnet outside the cell.
This method of addition proved to be quite reliable without
the drawbacks of the first method.

It should be noted that once the pure cdmponents are
degassed and the system is evacuated, no air is admitted
~during the rest of the fun. Attainment of equilibrium is so
rapid that the readings can be taken almost as quickly as
the above manipulations can be performed. Furthefmore, the
only two places where the vapors of the system cén.come'in
contact with stopcqpk grease is the joint at the end of the
barrel and the two way stopcock controliing the vacuum or
admittance éf aif into the system. In no case does the

liquid come in contact with stopcock grease in the system.
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C. MATERIALS

The quartz rod used in the construction of the silica
balance was supplied by Thé Willoughby Quartz Plant of Wil-
loughby, Ohio. All the reagents were either A. R. or C. P.
grade and were further purified by distillation through a
30-plate Oldershaw column at a minimum reflux ratio of 10-1.
Only the middle.fractions were used and boiling points cor-
rected to 760 mm. pressure were:

Boiling Range (°C)

Acetic Acid o 117.6 - 117.8
Benzene . 79.5 - 79.8
Carbon Tetrachloride 76.2 - 76.5
Ethyl Acetate _ 76.5 - 76.8
Ethyl Alcohol | ' 78.3 - 8.4
Methyl Alcohol . 64.o - 64.3
N-Hexane © 68.6 - 68.8

Trifluoroacetic Acid 7101 - 7104



CHAPTER IV
METHODS OF CALCULATION

A, TOTAL PRESSURE DATA

The total pressure dafa were analysed using the
method developed by Cl;lris;tian.11 Accorqing to Hildebrand
and Scott,8 the logarithm of the activity coefficients of
components invbinary mixtures are expfessible in power
series of the liquid mole fraction. In this work, the ex-
pansion was limited to three terms. The toﬁal pressure may
be written as the sum of the partial pressures of the com-
ponents in the binary mixture. Furthermore, tﬁe partial
pfessure of each component may be expressed in terms of the
vapor pressure of the pure component, its mole fraction in
the liquid phase and its activity coefficient to yleld:
P = X4 p? exp (; - xl)2 (A + Bxy + Cx12) +

2
1 X

(1 - xl) pg exp xlz[(A - B/Z) + (B - 2¢/3) x, + CXI{] (4)

2 2 2
K .p? exp 2(1 - xl) (A + Bxy + Cxy ) +

where p? and pg are the vapor pressures of pure dimer of
component 1 and pure component 2 respectively and K; is the
dimerization constant of component 1 in the vapor phase.
The data were fitted according to equation (4). Thus,

22
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fitting total pressure as a funétion of x; in this fqrm, the
constanté A, B and C, énd hence, activity coefficients could
be determined. Because of the shape of the total pressure
curves of the systems investigated, equal mole fractions and
their corrésponding pressure values could not be used for J
the input data to obtain a satisfactory fit of the experi-
mental points. Consequently, points were choseﬁ so as to
give the best analytical fit over the whole concentration
range. ' The dimerization constants of trifluoroacetic acid
used here were those determined by Christian.13 The dimeri-
zation constants of acetic acid.wére taken‘from the work of
MacDougall.lu The dimer pressure of acetié at 10°C was found

by plotting log dimer pressure vs. l/T and extrapolating to

10°cC.

B. QAPbR DENSITY'BALANCE DATA

The vapor density, d, of the equilibrium vapors is
determined directly from fhe position of the pointer on the
silica b#lance. In cases of systems whose components obey
the ideal éas law, the activity of each component may be
calculated from the expressions:

dRT = Mp = p;My + (p - py)Mp (5)

and o
p;/p}; 2 = (p - py)/pP3 | (6)

ay
where M is the average molecular weight of the vapors, My

and Mé are the molecular weights of the pure components 1

and 2, and a; and a; are the activities of components 1 and. 2.
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In the case of systems in which one of the components
dimerizes (e. g. the system CCl,-CH3COOH) expressions corres-
ponding to (5) and (6) may be written in terms of the dimeri-
zation constant KD and the partial pressure of the monomer
of the associating compound, Py- Thus:

2 2
dRT = p;M, + 2Kpp M, + (p - Py - KDPI)MZ (7)
and o .
al = pl/pl.; a2 = (p - p1 = KDP?)/pg (8)

where fhe assumption is made that the monomers and:dimers
obey the ideal gas.laws. Similar expressions may be devel-
- oped for systems in which both components associate ih‘the
vapor phase.

The caléulation of the liquid phase composition can
be made in the following manner. The constant temperéturé,
constant pressure form of the Gibbs-Duhem equatidn may be
rearranged to give:

-d 1n a, / (d 1n a,

-d 1ln a2) = x4 (9)
The determination of 1In as and In a; as functions of any

*
arbitrary variable, x; would allow the calculation of X4

according to the equation

-(4a 1n az/dx;) :
= Xy (i0)

(d 1n aI/dx;) - (d 1n a2/dx;)

It can be shown that for systems deviating but slightly from

ideality



Xy = (- m2) (11)
(1 - ag) + (1 - ay)

For this reason, the function x? = (1 -a,) [/ (2 - ay - ap)
was chosen in equation (11) as the independent variable.

Defining
y’;=a1/x’; andxg=a2/(1 -x;) (12)

one can determine expressions of the type

ln,,T

* 2:- *1
(1 - x1) RA].X].

and

2 ; . |
SIS (13)

*
1n’{2
directly from experimental values of a; and aé.

Actually, only one of the expressions in (13) need
be used, since it is obvioué that once either‘l’iI ory;_ is
fit as a functionl of x;, the otherx* is determined'bly
equations (12).

Equations (12) can be differentiated to give

d 1n a;/ax} = d 1n¥}/ax] + 1/x]

and

d 1n a,/dx} = d 1n)Y3/ax} - 1/(1 - x}) (14)

From equations (12) and (13), expressions for d lnzft/dx;

and d 1n_x;/dx‘;‘ can be calculated and substituted into equa-
tions (14). Hence, application of equation (10) will yield
xy as a function of xT and the activity coefficients )’1 and

x% ‘may be calculated.
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The curve fitting technique involving the lnxT ex-
pansion was used only for the systems CgHg-CC1y, CgHg-n~-
hexane, CCly-n-hexane and CClp-ethylacetate. All these sys-
tems were readily fitted with a one constant equation. - A
consequence of fhis was that in every case, x; and x? were
identical.

For other systems,'such as those containing an alco-
hol ag one of the components, a different curve fitting
teéhnique'ﬁas used since a singlé constant expansion was
inadequate for these systems. "The data were curve fitted
" using the following equation: “

(a; + a5 - 1) /‘a2 = Aag + BaI? + Ca13 . (15)
whéfe ajy and #2 are experimentally determinéd activities
obtained directly from the output of a'computer prograh de -
veloped by Affsprung15 for the anaiysis of the vapor density
baiance data. The constants A, B and C are determined from
another computer program developed by Gibbard16 for curve
fitting the experimental activities. For simplicity in the
discussion, let f replace the left hand side of equation (15).
For an ideal solution, a; + a, = 1, so that a plot of f vs.
a; would give a straight line corresponding to f = 0 for all
values of aj;. In addition, each of the constants A, B and
C would'identically be zero. For a real solution with posi-
tive deviation from ideality, the limiting values of f can

be established as follows. In the case of a very dilute
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solution of component 2 in component 1, a; = x; and ap =
kz(l - xl) where k, is the Henry's Law constant for compon-
ent 2. Substituting these values of a; and ap into equation
(15) and reafranging gives the result:

f=1-1/k, (16)
As k5, becomes very 1arge; the limiting value of f will be 1.
On the other hand, fdr a very dilute solution of component 1
in component 2, a2.= x, and a; = k(1 - x,) where k; is the
Henry's Law constant for component 1. Substituting these
values of al‘and ap into equation (15) and rearranging gives

the result:

ky - 1)(1 - ) ,
L (- xa) ‘ - (17)
X2 .

In the limif with X = 1, the value'of f becomes equal to
zero.

The Henry's Law constants for both components can
”also be evaluated. For the case of component 2, equations
(15) and (16) may be combined to give: |

1 - 1/k, = Aay + Baf + Ca? (18)
But for a very dilute solution of component 2 in component f,
ay may be replaced by x; and in the limit as x4 1, equa-
tion (18) reduces to:

1 -1/k, =A+B+C (19)

For the Henry's Law constant for component i, df/dal can be

evaluated from equation (15) which will involve the ratio .
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da2/da1. Using the condition for a dilute solution of com-
ponent 1 in component 2, namely a, = (1 - xl) and ay; =
kyxy, dag/da; can be evaluated to give df/da; in terms of
ay and k; only. Applying the limiting condition on df‘/da1
as a0 gives the resnl.nlt:
1 - 1/ky = A (20)

For the calculation of the liquid phase composition,
equation (10) may be rearranged to yield:

(1 - azdal/aldaz) =1/ x (21)

1
This équation may be solved by direct differentiavtion of
equation (15) and substituting for the value of da,/da, 'so
obtained. An alternate method is to u.scla a computer program
to solve for xy by aAprocess. Choosi‘ng a value of a; al-
lows the calculation of the corresponding yalue of 'a2 from
equation (15). A new v-alue of a, corAresponding‘to ay + D aj
is éhosen and the above calculations are repeated to yield a
new value of a, equal to 52 +Aa2. For émall values of
Aa, and 4 ag, it is possiblé to replace da; by & a; and
das by a in equation (18) to give:

(1 - a,Aa;/a;Mday) =1/ x4 (22)
Hence, values of xy can be determined in this manner. Con-
sequently, the activity coefficients can also be calculated

for the system.



CHAPTER V
RESULTS

The experimental data for the total pressures, par-
tial pressures.and activity coefficients for the systems
acetic acid-CCly and trifiuoroaéetic acid-CClu at 10, 26 and
25,°C as determined by the totalvpréssure appafatus.are givén
in Tables 1-6. Table 7 lists the constants determined from
equation.(u) for each system in the curve fifting program.
Figures 3-8 represent the total and partial pressures plot-
téd.on the basis of the mole fraction of acid based on the
dimer moiecular weight of the acid for each system at each
temperature. Points are experimental) and the curves are
calculated from the best fit of the experimental data.
Figures 9-10 are the calculated activity coefficients for
each system.

Tables 8-11 1list the expefimental activities, the
calculated mole fraction of the liquid phase, the calculated
activity coefficients and the calculated activities for the.
systems CgHg-CCl,, CgHg-n-hexane, CCl),-n-hexane and CC1,-
etﬁylacetate at 20°. 1In addition, Table 8 lists the activ-

ities as calculated from the data of Scatchard.17 The

29
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activity coefficients expressed as a function of the mole
fraction of the liquid phase are also listed below the table
for each of the above systems. Figures 11-14 show a plot of
ay vs. ap for each system and Figures 15-18 show a plot of
"the activity coefficients of eacﬁ component vs. mole fr;c—
tion of the liquid phase for each system.

Tables 12-~15 1list the total pressures, the calculated
activities, the calculated mole fraction of the liquid phase
and the calculated activity coefficients for the systems
CClu;methanol, CC14-ethanol, C6H6-methanol and C6H6-ethanol
at 10°. Table 15 lists the constants determined from equa-
tion (15) for each system in the curve fitting of the
activities. Figures 19-22 show a plot of aj vs. a2 for each
system and Figures 23-26 show a plot of the activity coef-
ficients of each component vs. mole fraction of the liquid

phase for each system.



Table

1

System Acetic Acld-CCl; Dependence of Total Pressure,
and Activity Coefficients on Liquid Mole Fraction at 10°

Partial Pressures

1 al 1 _ 1
CTEE A S S £ Ve
.0000 56.76 0.000 0.000 56.76 56.76 3.810 1.000
L0976 54,70 0.451 1.557 52.65 54,66 2.925 1.020
.1678 52.57 0.533 2.220 49,85 52.60 2.632 1.050
.2928 L8.86 0.610 2,881 Ls,80 Lg.29 1.800 1.150
.3857 Ly,.32 0.647 3.240 43.50 h7.39 1.525 1.250
L4814 La3,64 0.675 3.548 40.35 Ly ,57 1.350 1.375
.5637 b1.11. 0.700 - 3.780 37.35 L1.83 1.238 1.495
.6233 39.57 0.715 3.975 34,90 39.59 1.175 1.613
L8136 Lh,ot 0.676 3.550 Lo.30 LL . 56 1.347 1.379
821 Lh2,97 0.675 3.545 Lho.15 b, 37 1.349 1.377
.6820 36,36 0.731 L,175 32,00 36.91 1.120 1.765
L7467 13.08 0.750 . 4oo 28.00 313,15 1,075 1,952
.826L4 27,06 ‘0.775 h,.700 22,00 27 .48 1.037 2,213
.8903 22,16 - 0.801 4,930 16.85 22.56 1.013 2,530
1.0000. 6.16 0.826 - 00.00 .6.16 1.000 3.605

©5.334

1€



Table 2

\

System Acetic Acid-CCl} Dependence of Total Pressure, Partial Pressures

|

and Activity Coefficients on Liquid Mole Fraction at 20°

I

e ——

xd P’I‘ Prc':alc Pcclalc Pc2:a1c P’%alc )/ ) Xz
.0000 90.97 0.000 0.000 90.97 90.97 5.400 1,000
.0576 90,23 0.883 2.200 86.85 89.93 3.875 1.008
L1074 87.78 1.063 3.320 84,00 88.38 3,025 1.032
L1614 87.00 1.168 3.945 81.45 86.46. 2.450 1.075
2L61t 84,44 1.260 Lh.590 78.65 84,60 1.875 1.158
.3131 82.013 1,305 &.900 76.55 82,76 1.613 1.215
.3831 79.23 1.350 5.225 73.75 80.23 1.420 1.305
L4684 76.11 1.412 5,700 69.20 76.30 1.250 1.415
.5515 70.38 1.473 6.200 63.54 71.21 1.150 1.560
.5748 69.49 1.485 6.340 61,65 69 .47 1.137 1.587
.6877 59.01 1.578 7.100 50,50 59.18 1.065 1.750
L7436 52,73 1.622 7.515 Lay.55 52.69 1.037 1.875
.814L48 Ly, 14 1.682 8.100 33.65 L3 ,43 1.017 2.000
.8832 13.79 1.740 8.655 21,20 31.60 1.009 2.150
.9588 20.15 1,788 9.300 9.00 20,09 1,001 2.330
1.000 11.50 1.810 9.690 0.00 1.000 2.380

11.50

4%



Table 3

System Acetic Acid-CCl), Dependence of Total Pressure, Partial Pressures

and Activity Coefficients on Liquid Mole Fraction at 25°

Xy P pgalc pﬁalc psalc p%alc )/1 )/2
.0000 114,58 0.000 0.000 114,58 114.58 3.835 1.000
.0576 111.99 1.068 2.225 108.90 112.19 3.100 1.007
.1074 109.55 1.421 3.785 104,90 110.11 2.625 1.022
L1614 107.13 1.615 4,700 100.85 107.17 2.300 1.050
2461 103.85 1.793 5.835 95.40 103.18 1.848 1.103
L3131 98.91 1.900 6.520 91,50 99.92 1.613 1.152
.3831 95.91 1,992 7.195 87.00 96.19 - t.413 1.213
.h68hL 89.86 2,080 7.900 80.85 90.83 1.313 1.335
5515 85.17 2.172 8.580 74,34 85.09 1.218 1. 444
.5748 82.45 2.192 8.800 72.00 82.99 1.195 1.475
.6877 71,96 2,305 9.725 60.45 72.48 1.110 1.690
7436 65.76 2.360 10.20 53.85 66 .41 1.074 1.840
.8148 56,72 2,490 10.79 43,20 56.48 1.036 [ 2.060
.8832 b6.61 2.513 11.46 31.30 Ly, 27 1,016 2,326
.9588 28.61 2.592 12.26 13.85 28.70 1.005 2.713

1.000 15.33 2,632 12,70 00.00 15.33 2.965

1.000

€e



Table 4

System Trifluoroacetic Acid-CCly Dependence . of Total Pressure, Partial Pressures
and Activity Coefficients on Liquid Mole Fraction at 10°

' : calc calc calc . pcalc
Xa PT Pm Pd : Pz PT )’1 3(2

.0000 57,30 0.000 0.00 57.34 57,34 13.020 1.000
.0585 85.64 L.,952 22,30 54,70 81.95 8.505 1.012
.1605 91.13 6.172 33.30 52,20 91.68 4.800 1.102
2549 f 92.16 ' 6.300 34,30 51.90 92.50 3.150 1.220
.2805 91.84 6.250 34,20 51.95 92.45 2.845° 1.280
. .3503 92.20 6.180 34.06 . 52,34 92.58 2.258 1.400
.3783 92,29 " 6.225 33.60 52.30 92.13 2.120 1.505
b3 92,34 6.220 33.50 52.60 92,32 1.735 1.670
5767 92,25 6.172 33.80 52.35 92,32 1.365 2.180
.7h32 89.51 6.190 15.35 47.30 88.84 1.110 37135
.9020 ?73.44 6.677 38.55 27.50 72.73 1.014 5.582
1.000 6.665

1.0000 50,64 7.035 43,60 00,00 50.63

fe



Table 5

System Trifluoroacetic Acid-CCl, Dependence of Total Pressure, Partial Pressures
and Activity Coefficients on Liquid Mole Fraction at 20°

al 1 1 1

Xy P porle  pgate  pgale  pgale g Yz
0000 90.90 00.00 00.00 '§o.9d 90.90 16.180 1.000
.0629 .138.33 9.690 Lbi1,80 87.00 137.49 8.950 1.015
1297 149,70 10,820 53,00 84.90 148,72 5.550 '1.090
1972 149,03 11,000 54,45 84,85 150,30 3.850 1.150
2592 1th9,.36 11.002 54,50 8L4.65 150.15 2.850 1.255
.3361 1&9.27 11,000 54,60 84,50 150.10 2,200 1.320
.3812 149,34 11,005 54,60 - 84,60 150.20 1.955 1.430
.5033 149.46 11.190° 56,60 82.08 149.79 1.520 1.815
5574 149 44 11.300 57.85 80.40 149.35 1.405 2,030
.6026 148,98 t1.430 59.35 77.70 148.35 1.325 2,145
.7oLL 1th6.07 11.710 62.00 71.00 thly .70 1.190 2,616
7067 146,21 11,720 62.10 71,00 144,82 1.190 2.615
8734 131,27 12,200 67.50 50,50 130.20 1.038 4,385
1,000 86.97 12.750 724,22 00,00 1.000 8.260

86.97

¢t



Table 6

System Trtfluoroadetic'Acid-CC1u Dependence of Total Pressure, Partial Pressures
and Activity Coefficients on Liquid Mole Fraction at 25°

.0000
.0629
.1297

.1972
2592
.3361

.3812
.5033
5574

.6026
.70hLL
7067

.8734L
1.0000

00.00

12,20
14,40

1th,95
15.18

15.30
15.40
15.65
15.85

16.00

16,40
16.50

17.20
17.91

00.00
45,00
61.20

66.00
68.00
69.00

70.00
73.15

74.80

76.20
80.25
80.20

88.00 -

95.48

114,72
109.00
106.00

104,50
103,60

103.00

102,10

98.40

96.40

93.50
85.25
85.25

00.00

114,72
166,20
181.60

185.&5
186,78
187.30

187.50
187.20
187.05

185.70
182,20

181.95

164,20
112,49

12.172
7.450
L.935

3.555
2.740

2,150
1.950
1.504
1.390

1.310

1.150 "

1.150

1.030
1.000

1.000
1.01k4
1.045

1.125
1.250
1.350

1.44bo
1.728
1.875

2.0#5
2.500
2,500

L,o000
7.228

9¢



Table 7

Tabulation of the Constants Derived from the Curve Fitting
of the Total Pressure Curves

System | Temp. °C s A ' B} » c
Acetic Acid-CCly, _ 10 1.338 -1.165 0.995
Acetic Acid-CCly - 20 - 1.686 - -2.839 1.800
Acetic Acid-CCly | 25 1,344 -1.516 1.500
Trifluoroacetic Acid-CCly _10 v- . 2.570 -2.273 1.385
Trifluoroacetic Acid-CCly 20 : 2.783 -L ., 664 L.988

Trifluoroacetic Acid-CCly, 25 2.500 -3.633 3.893

A9
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Table 8
System CgH,-CCl,,

Dependence of Activities and Activity Coefficients on Liquid Mole Fraction at 20°

' . * ~ * . * *
: * 1 Ycal al al 1 S S
a az X} x{ Y12t XErtc aprlc agdle a (8)7 a,(s)
1.000 0.000 1,000 - 1,000 1,000 ' 1.000 0,000 1.000 0.000

0.937 0.069 0.937 0.937 1.000 1,131 0.937 0.071 0.937 0,071
0.878 0.133  0.877 0.877 1.002 1.114 0.879 0.137 0.879 0.136

0.797 0.214 0.795 0.795 1.006 1.092 0.800 0.223 0.799  0.224
0.759 0.266 0.753 0.?53 1.008 1.083 0.760 0.267 ~0.759 0.267
0.688 0.333 0.681 0.681 1.014 1,067 0.690 0,340 0.691 0.339

0.648 0.379 0.638 0.638 1.019 1.059 0,650 0.383 ~ 0.649  0.383
0.629 0.402 0.615 0.615 1.022 1.054  0.628 0.406 0.628  o.4ok
0.592 0.444 0.577 0.577 1.025 1.048 0.594 0.443  0.591 0.443

0.519 0.520 0.499 0.499 ~ 1.036 1.035 0.517 ~0.518 6.517 0.518
0.517 0.523 0.497 0.497 1.037 1.035 0.515 0.521 0.51h 0.520
0.469 0.570 o.uhL7 0.447 1.045 1.028 0.467 0.568 0.466 0.568

0.319 0.699 0.307 0.307 1.068 - 1.613 0.328 0.702 0.328 0.702
0.260 0.756 0.248 0.248 1.083 1.009 0.262 0.759 0.262 0.758
0.204 0.812 0,191 . 0.191 1.094 1.005 0.209 0.813 0.208 0.813

0.107 0.902 0.099 0.099 1.123 1,001 0o.111 0.902 0.109 0.903
0.000 1.000 0.000 0.000 A 1.000 0.000 1.000 0.000 1.000

' ' 2
lnxt = 0.14(1 - x:) and x; = xt

9n



Table 9
'System CgHg-n-Hexane

Dependence of Activities and Activity Coefficlents on Liquid Mole Fraction at 20°

: ¥ 1 ‘hlc gélc ‘calc calc
Ay A Xy X1 ¥ite Y3 ar az

1,000 - 0.000 1.000 1.000 1,000 ' 1.000 0,000
0.935 0.085 0.934 0.934 1.002  1.305 0.936 0.086
0.844 0.202 0.836 0.836 1,009 1.244 0.844 0.204
0.760 0.307 0.742 0.742 1,023 1.193 0.760 0.307
0.680 0.403 ©0.651 0.651 1.043 1.148 0.679 0.4o1
0.598 0.495 0.557 0.557 1.069 1.112 0.595 0.496
0.524 0.567 0.477 0.477 1.096 1.080 0.522 0.565
0.499 0.602 0.443 0.443 1.110 1.069 0.L492 0.596
0.51h 0.590 0.458 0.458 1.103 1.073 0.505 0.582
0.457 0.644 0.384 0.384 1,133 1.051 0.434 0.648
0.338 0.735 0.285 0.285 1.179 1.029 0.337 0.735
0.202 0.829 0.177 0.177 1.231 1.002 0.217 0.825
0.150 0.885 0.119 0.119 1.271 1.001 0.152 0.885

0.000 1.600 0.000 0.000 ' 1.000 0.000 1.000

3
lnafz = 0.35(1 - x:) and x; = xj

i



Table 10
System CCl; -n-Hexane

Dependence of Activities and Activity Coefficients on Liquid Mole Fraction at 20°

¥ t ‘alc ’alc cal calc
a ay Xy X Ys Y5 agh-e ag?

1,000 0,000 1.000 1,000 1.000 ' 1.000 0.000
0.963 0.0404 0.963 0.963 1,001 - 1.176 0.963 0.044
0.839 0.191 0.834 0.834 1,005 1.125 0.839 0.187
0.775 0.264 0.766 0.766 1.010 1.115 0.774 0.261
0.689 0.355 0.675 0.675 1,020 1.082 0.688 0.352
0.628 o.L21t 0.609 0.609 1.028 1.067 0.626 0.417
0.568 0.481 0.545 0.545 1,039 1.054 0.567 0.480
0.525 0.524 0.500 0.500 1.045 1t.0Lko 0.523 0.520
0.473 0.575 0.4l7 0.447 1.055 1.036 0.472 0.573
0.456 0.589 . 0.430 0.430 . 1,058 1.034 0.455 0.589
o.4bLo 0.596 o.424 0.424 1.060 1.032 0.449 0.595
0.420 0.621 0.395 0.395 1.066 1.028 0,421 0.622
0.350 - 0.687 0.325 0.325 1.080 1.019 0.351 0.688
0,241 0.792 0.215 0.215 1.111 1,008 0.239 0.791
0.137 0.886 0.117 0.117 1.145 1.002 0.134 . 0.885
0.071 0.940 0.061 0.061 1.160 1.001 0.070 0.940

. 0,000 1.000 0.000 0.000 1.000 0.000 1.000

8t

5 1nx: = 0,18(1 - x’:)2 and x - x’:



Table 11
System CCl; -Ethylacetate

Dependence of Activities and Activity Coefficients on Liquid Mole Fraction at 20°

-

»
»

a, : a X'y ‘ x{ J@alp - )%alc a?alc aSalc
1.000 0.000 1.000 1,000 1,000 - 1.000 0.000
0.969 0.042 0.969 . 0.969 1.000 1.375 0.969 0.0473
0.890 0.161 0.884 0.884 1,005 1.313 0.889 0.153
0.830 0.230 . 0.819 0.819 1.012 1.283 0.829 0.232
0.775 0.295 0.758 - 0.758 | 1,023 1,229 0.776 . 0.297
0.705 - 0.369 0.681 0.681 1.039 . 1.180 0.706 0.376
0,649 o.#zy 0.619 0.619 1.055 1,150 0.65%. o. 437
8.519 8.459 8,585 §.c8S §.0868 §.138 8.63%3 8.468
0.600 0,488 0.561 0.561 1,070 1,126 0.605 D.%9%
0.451 0.637 0.398 0.398 t.140 1.063 0.453 0.640
0.430 0.659 0.375 0.375 1.156 1.056 0.4373 0.660
0.431 0.662 0.373 0.373 1.157 1.056_ 0.L31 0.663
0.432 0.666 0.369 0.369 1.160 1.054  0.428 0.665
0.4os 0.690 0.342 0.342 1.173 1.048 0.402 0.690
0.357 0.729 0.296 0.296 . 1.198 1.035 0.355 0.728
0.131 0.905 0.099' 0.099 1.325 1,004 0.131 0.905
0.000 1,000 0,000 0.000 _ 1,000 0.000 1,000

InX’; = 0,40(1 - )c';‘)2 and x; = x';
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Table 12

System CCl; -methanol

Dependence of Total Pressure, Activities and Activity

Coefficients on Liquid Mole Fraction at 10°

Pr 2y a, xgale X1 )’2
57.04 1.000 0.000 1.000 1.000 3.953
96.46 0.927 0.769 0.663 1.398 2.282
96.44 0.921 0.778 0.629 1.464 2.097
oL .48 0.860 0.805 0.424 2.028 1.398
93.54 0.841 .0.807 0.448 1.877 1.462
91.43 0.740 0.845 0.231 3.186 1.099
89.65 0.736  0.871 0.195  3.795 1.082
88.80 0.680 0.886 0.152 4474 1.045
87.16 0.644 0.894 0.136 4.735 1.035

. 83.90 0.582 0.899 0.118 4.932 1.019
74.75 0.369 0.951 0.068 5.426 1.020
56.45 0.000 1.000 0.000 23.810 1.000




. - Table 13

System CCl;-ethanol

Dependence of Total Pressure, Activities and Activity

Coefficients omr Liquid Mole Fraction at 100

<cal
Pr 2y a2 xqase 51 fz
57.00 1.000  0.000 1.000 1.000 20.041
68.72 0.946 0.644 0.861 1.099 4L.633
67.59 0.889 0.731 0.674 1.319 2.242
65.73 0.856 0.733 0.610 1.403 1.879
61.79 0.735 0.855 0.302 2.4308 1.225
59.13 0.662 0.915 . 0.184 3.598 1.121
57.69 0.638 - 0.912 . 0.177 3.604 1.108
L48.45 0.454 0.961 0.073 6.219 1.037
35.60 0.216 ¢.988 0.020 10.80 1.008
29.43 0.107 0.987 0.007 15.29 1.003
23.58 0.000 0.000 27.03 1.000

1.000°
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Table 14

System 06H6—methanol

Dependence of Total Pressure, Activities and Activity

Coefficients on Liquid Mole Fraction at 100

Pr 24 2z xgale Xr Xz

u5.65' 1.000 0.006 1.000 ' 1.00

84.86 - 0.993 - 0.703 0.920 1.079 8.788
8L4.65 0.955 0.722 0.635 1.504 1.978
84.08 0.902 0.762 0.402 2.244 1.274
84.01 0.886 0.768 0.378 2.344 1.235
83.28 0.827 0.810 0.210 3.938 1.026
81.57 0.772 0.824 0.203 3.803 1.073
79.83 0.717 0.837 0.187 3.834 1.030
75.10 0.568 0.869 0.151 3.761 1.024
65.80 0.270 0.949- 0.060 " 4.500 1.009
56.25 0.000 1.000 0.000 5.845 1.000




61

Table 15

System CgHg-ethanol

Dependence of Total Pressure, Activities and Activity

Coefficients on Liquid Mole Fraction at 10°

Pr ay 2, Xy A’i V&
Ls5.68 1.000 " 0.000 1.000 1.00 7.575
58.35 0.960 0.609 0.889 1.080 5.486
58.21 0.88L 0.750 0.600 1.473 1.875
56.45 0.813 0.813 0.387 2.101 1.326
55.92 0.795 0.826 0.382 2.080 1.336
55.89 0.771 0.872 0.240 3.212 1.147
47.35 0.539 0.920 - 0.065 8.292 1.027
36.00 0.290 0.964 0.040 7.250 1.005
23.55 0.000 1.000 0.000 40.0 1.000
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Table 16

Tabulation of the Constants Derived from the

" Curve Fitting of the Activity Curves

System T °C A B
CgHg-Methanol - 10 0.829 0.021 0.147
CgHg-Ethanol 10 0.868 0.082 0.025
CCly-Methanol 10 0.747 0.264 -0.053

10 0.951 -0.057 0.069

CClu-Ethanol
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CHAPTER VI
DISCUSSION

A. TOTAL PRESSURE METHOD

The systems, acetic acid-CCl; and trifluoroacetic
acid-CClb, both show positive deviation from ideality, witﬁ
the latter showing the more non-ideal behaviof. Both acids
associ;te in the liquid and vapor phases so that their solu-
tions with components like CCly would be expected to show
positive deviation. Since the association in the liquid
phase is quite pronounced, tﬁe curve fitt;ng technique was
applied using the mole fraction of the acid calculated q;
the basis of dimer molecular weight. The curve fitting
technique using mole fraction of acid calculated on the acid
monomer molecular weight proved:- to be unsatisfactory, par-
ticularly in the region of low acid concent;ation. Itvap-
pears that both acids exist almost exclusively in the dimer
fbrm, even in relatively dilute solutions in CClj,. Vapor
phase asgociation is also quite pronounced as is evident
from the small values of the partial pressures of the monomer

compared to the total pressure.

71
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The case of the trifluorocacetic acid-CCl; system is
of particular interest due to the length of the flat portion
of the total pfessure curve, indicating the formation of an
azeotrope. The conditions are favorable for the formation
of an a?eotrope,éince both components have closely related
boiling péints and the acid associates very strongiy. Even
at thellowest temperature used in this work (10°c), no phase
separation was ever bbserved. Although no detailed study
was carried out on the critical.solution tgmperature, phase

separation was observed at about 0°C. The peculiar solution

properties of the fluofocarbons have been discussed by
Scot£.17- The majority of the perfluorinated hydrocarbons
are only partiallf miscible with their hydrocarbon'counter-
parts and this is attributed to the fact that the perfluor-
inated hydrocarbons have very low values of the solubility
parameters. From the difference between the'th values of
the solubility parameters for two components, it can be pre-
dicted whether the two components will be miscible.8 Assum-
ing that trifluorocacetic acid has a low value of the solubil-
ity parameter by analogy with the other fluorinated materials,
then it is possible to see why trifluoroacetic acid and CCly
do shoﬁ such extreme deviation f?om ideality..

The limiting values for the activity coefficients
for both components in both systems were calculated from the
values of the constants determined by the computer program.

.In neither system was there any regular decrease of the
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limiting values with increase in temperature. In addition,

-
,

‘there was no order of arrangement of the limiting values
with regard to the temperature of the system. Apparently,
neither system exhibits a large heat effect on mixing.

In additién to the total curve fitting of the data,
each of the pressure curves was fitted cseparately at each.
concentratioﬁ end. In this method, data points were read
from the plots and subsequent curve fits would not extend
beyond about 0.25 mole fraction at either end before the
calculated values of the total pressure would diverge very
greatly from the experimentai‘ones. In effect, each total
pressure curve wogid have two sets of constants, one for
each end of the pressure curve. The constants determined in
this manner were then used to calculate the limiting activ-
'ity coefficients for the components. The agreement between
these values of the activity coefficients and those calcu-
lated from fitting the curve with only one set of constants
was reasonably good. The numerical values were close to
those determined f%om the curves fitted with only one set of
coﬁsﬁants and again, there was no order of the values with
regard to the increase.of temperature. To get a better
correlation of the activity coefficients with temperature,
it would be necessary to study the systems over a wider
temperature range.

The total pressure method is an extremely useful aﬁd

accurate means of determining the partial pressures and
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hence, the activity coefficients of the components of a bi-
nary mixturei The method is straightforward and simple and
is applicable to a wide variety of binary systems in which
at least one component is volatile. The mefhod'is compar -
able in accuracy to methods based on the measurement of
partial pressureéi Measﬁrements can be made over a range
of temperatures so that the data can be used in the calcula-
tion of various thermodynamic quantities. Althcough it is
necessary to sample and analyse the liquid phase for composi-
tion, the time involved in the determinations is short com-
pared to @ethods where the vapor phase must be collected and
analysed.

The curve fitting'teqhnique has been shown to be
applicable to systems which differ only m§derate1y from
ideality as well as those which differ greatly from ideal-
ity. The calculated and experimental pressures agree to
within experimental error in almost all cases. However,
where the total pressure curve shows a very steep slope,
calcuiated points deviate from experimental values by more
than the experimeﬁtal error. Since the curve fitting is
'done with a three constant equation, some discrepancy can
be expected between calculated and experimental values, par-
ticularly in the region of the curve where the slope is‘very
steep. A better fit of fhe data could be achieved using an

equation with additional constants.
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In most instances, 20 minutes is sufficient to curvé
fit a system completely, but for systems wbere the deviation
from ideality is more pronounced, 30 minutes or more may be
required. The flexibility of the curve fitting program is
shown in that the three inpu points for the calculations
may be so chosen as to weight a curve in a givén direction
for system5 showing large devidtions from ideality. "In a
number of instances, actual data points were chosen as the
input instead of values nead off the total pressure qurvé.
The versatility.of the program is demonstrated by the fact
that associating-componénts can also be treated in this man-
ner provided that the necessaryvassociatioﬁ cénstants are
available. |

Thé total pressure method is a .quick and accurate
means of gathering data for'binary'systemsf' Coupled with
the curve fitting technique used here, it presents a new
and more useful method for the evaluation of activity coef-
ficients from total pressure and liquid composition daﬁa.-
It is an. improvement over the usual total pressure-partial
methods in both the time necessary for the combilation of

the data and its mathematical analysis.

B. VAPOﬁ DENSITY BALANCE

The systems C6H6'C01h’ 06H6-n-hexane, CCl) -n-hexane
and CClu-ethylacetate all show positive deviation from ide-
ality. Using the theory of solubility parameters, the dif-

ferences in the solubility parameters for each pair of
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components is sufficient to indicate that positive deviation
will occur. For all the systems, it was possible to fit the
activity coefficient as a function of the liquid mole frac-
tion of a component in tefms of a one constant equation.

The one system for which it was possible to make
detailed comparison of results obtained here with previously
reported values was the system CgHg-CCl) . TFrom Table 8 it
can be seen that the activity values calculated from the.
present data by the curve fitting technique described, and
those calculated from the data of Scatchard, Wood and
Mochel18 agree in general to within 0.001. The directly
measured values of the activity appear to be in general
agreement with those of Scatchardvet al. to within 0.60&.
While the activity values obtained by fhis method are by no
means as precise aS those of Scatchard and co-workers, the
agreement between those data and‘the data‘reported here are
satisfadt&ry. Hildebrand and Scott8‘point out that the sys-~
‘tem should show but slight positive deviation from ideality
since the two components are similar in internal pressure
and there is no tendency to form a minimum bolling mixture.

The system 06H6—n—hexane_has beén studied by Myer519
and Tongberg and Johnston,20 but mainly from the view of
elucidating the vapor-liquid equilibrium curve at atmospheric
”pressﬁre. Both authors found pésitive qeviatién from ideality
with no evidence of azeotrope formation and commented upon

the fact that the boiling point curve shows a very flat
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portion for solutions containing more than 80 mole % n-
"Hexane, indicating that the vapor enriches very slowly in
n-Hexane for these low concentrations of C6H6' Myers gives
limiting activity coefficients for n-Hexane of 1.45 and
C6H6 of 1.65. In this work, the iiﬁiting values.for both
components was 1.42. The difference between-the two limit-
ing values may be due in part to the fact that the acfivity
coefficients were fitted as a function of the liquid mole
fraction in terms of a one constant equation in this work,
while Myers uéed a graphical integration of the Gibbs-Duhem
equation over a temperature range of almoét.20°1 He further
points out that at loQ mole fractions of a component, a
small error in the composition leads to a large error in
the activity coefficient, and it is difficult to evaluate
the limiting values of the activity coefficient accurately.

The system CCl)-ethylacetate has been investigated
by Schutz,21 who determined the change in the‘compositioﬁ.
of the azeotrope with pressure. The present work also shows
the presence of en azeotrope since the total pressure re-
mains constant over a short range of the concentration.
Hildebrand and Séott8 indicate that both components differ
sufficiently in internal pressure te form an azeotrope.
In addition, ethylacetate differs in polarity frem CCly,; an-
other factor contributing to the formation of the azeotrope.
Since the syste@ deviates positively from ideality, the

azeotrope will have a minimum boiling point.



78

Alcohols in solution with non-polar components show
large positive deviations from ideality, sufficient in some
cases to give phase separation. Solutions of alcohols with
non-polar components have been the objecf of a large number
of inveétigations. Scatchard, Wood ‘and Mochei?? made an
intensive study of methaﬁol with CgHg and CCly in which
they determined the total pressure and partial pressure
curves as a function of the concentration. From these déta,
they calculated the various thermodynamic quantities 1like
excess heat; of mixing. From the behavior of these thermo-
dynamic quantities, the authors concluded that there was a
strong interaction between molecules of the two components
corresponding to association of the alcohol molecules.‘
Redlich and Kister?3 considered the influence of continu-
ous associat%on of one component on the free energy of a
hon-electrolyte solution. On the basis of a number of as-
sumptions about the associating species, they were able to
calculate the thermodynamic properties of a series of
alcohol -hydrocarbon mixtures and found their results in
accordance with experimental data for these syvstems. They
also discuss briefly systems of two ~ssociating components
and give a general interpretation of the free energy of
non-electrolyte solutions.

The system CgHg-methanol has also been extensively
investigated. Williams, Rosenberg and Rothenbergzu deter-

mined the liquid-vapor equilibrium curve at atmospheric
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pressure along with the excess thermodynamic gquantities.
The system forms an azeotrope at about 40 mole % CgHg with
a boiling point of 57 °C. In the present work, a maximum
wés found in the total pressure indicating the:existence of
an azeotrope. 1In éddition, the system C6ﬁs-ethanol also
shows an azeotrope as was determined by Brown and Smith?23
in their study of thé system at 45 °C. They also determined
the liquid-vapor equilibrium curve for this system. A maxi-
mum in the vapor pressure for this system was found in this
work also.

CCl, and the alcohols have als§ been the subject of
a number of important investigations. HayQood,zs as early
as 1899, determined the liquid-vapor equilibrium curve for
the systemr CClpy-ethanol at atmospheric pressure and noted
the existence of an azeotrope. A more recent investigation
of the system has been carried out by Barker, Brown and
Smith.27 The authors determined the liquid-vapor equilib-
rium curve af 45 and 65 °C using an‘equilibrium still. In
'additibn, they also investigated the system CCl,-methanol
at these same two temperaturgs. The authors chose values
for the interaction energies of each pair of components and
used these energies to calculate the excess thermodynamic
functions. Comparison is méde with the values determined
experimentally and agreement is reasonably good over the

entire concentration range. In view of the very complicated

unsymmetrical behavior of the thermodynamic functions for
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these systems, the agreebent is very‘satisfactory. However,
they point out that both élcohol systems cannot be fitted
well with a single set of interactionvenergies and consider
that the geometrical models used for the solutions or the
insufficient details in the interaction energies may account
for this deficiency. They further add that the interaction
energies may indeed be different for the two alcohols.

Hipkin and Myer528 have studied the system CCl, -
methanol to determine the 1iquid-fapor equilibrium curve at

atmospheric pressure. The system formed an azeotrope at

'55;1 mole % methanol boiling at 55.7 °C. They also calculated -
the limiting values of the activity coefficients. For methan-
ol, the value was 23 while for CClu.it was 7.25. The authors
attempted to fit the activity coefficients as a function of
the liquid cbmpbsition with a numbér of equations, but were
unable to get satisfactory agreement over the entire con-
centrétion range.

Barker?9 has recently undertaken a study of alcohol
solutions in which he considers the general theoretical
method involving the ﬁolecular interaction of the species
in solution. The model is based on the assumption that the
interaction energies of neighbouring molecules depend upon
the relative orientation of the molecules. The interaction
energies are supposed to depend upon which'parts of the
molecule are in contact with another. He gives a method

for calculating the configurational contribution to the
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thermodynamic functions of solutions of associated liquids
provided that the molecules.of the liquids can be considered
to be represented by certain models. The appro;cﬁ will be
useful if the configurafional contribution to the thermo-
-dynamic functions is important. The author sets up a series
of models for the system; C6H6-methanol and CC;#-methanol
and finds that there is good agreement between experimental
thermédynamic quantities and those calculated from the model,
for for the system CHCl3-ethanol, the agreement is only |
qualitative. The author further points out #hét the models
.set up in some cases are certainly artificial, but they do
give some representation of the volume and surface relation-
ships of the molecules. Since this is the oniy model for
which simple and general theoretical results can be fodnd,
it is a good choice for the preliminary investigations.iﬁ
the field.

The systems C6H6-methanql, 06H6—etﬁanol, CCiu-
methanol and CClp-ethanol all show marked'positive deviation
from ideality. All systems show maxima in the total pres-
sures indicating azeotrope formation. XNo attempt was made
to determine the composition of the azeotrope for each sys-
tem. The plots of the experimental activities a; vs. aj
show that the majority of the data points fall within the
imiddle portion of the curve with few points at either end.
During the experimental work, it was not fully realized that

the points would fall so closely together in one region of
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the plot. The addition of even a small amount of one
component to the other in the solution vessel caused a sharp
rise in the total pressure. In future investigations, it
would be necessary to addlsmaller increments at the begin-
ning 6f the run to evaluate more precisely the limiting
regions of the activity curve. In théjérééent work, the
behavior of the activity curve at either end cannot be de-
termined too aécurately due to the lack of experimental
points in these regions.

For the system CClpy-methanol, comparison of the
activity data with values calculated from a smooth extra-
polation of the data of Scatchérd et al.?? taken at temper-
atures from 25 to 55 °C shows reasonable agreement. The
data of Scatchard are more p;ecise and aré taken over a
regular concentration interval, whereas the data in this
work are clustéred in one region of the curve. Thus é
r.-orous comparison of the data over the entire concentra-

28

tion could not be made. Hipkin and Myers report limiting
values of the activity coefficients for methanol of 23 and
for CCl) of 7.25 for the liquid-vapor equilibrium at atmos- - -
pheric pressure. 1In this‘work, the values found were 23.8
and 3.95 respectively. The agreement is quite close for
methanol, but for CCly, there is a difference of a factor
of two. The data of Barker et al.27 on the system CCly-

‘ethanol, taken at 45 and 55 °C were extrapolated and com-

pared with the activities obtained here. Again, agreement
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is reasonablz, but.-a true comparison between the two sets of
data cannot be made because of the lack of data points in
the limiting regions of the activity curves in this work.

For the systems investigated here, the activity data
.were groupedAiﬁ the central portion'ﬁﬁ the abtivity'curve.
The curve fitting program used experimental points as fhe
input and because the data lie so closely togethef, the
calculated curve would be'weighted in this direction. This
would show uﬁ in the values of the constants used in equa-
tion (15). The limiting ?alues of the activity coefficients,
evaluated from.the constants, would show the effect of the
data being so clésely grouped. The fact that one of the
limiting values.of the activity coefficients does not agree
with that of Hipkin and Myer528 may be partially explained
by this. For a more exact curve fit, data points'would be
needed over the entire conéentrafion range. The limitiﬁg
values of the activity coefficients could then be calculated
more precisely and a better com;arison could be made with
existing data. )

The vapor density method for the determination of
activity coefficients has a number of important adyantages.
It is an extremely rapid method making it possible to deter-
mine activities and activity coefficieﬁts of both components
in a binary mixture over the entire concentration range in

a period of a day. The analysis of the vapor is accomplished

directly by the buoyancy bulb and there is no need of
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removing vapor samples for.analysis. Equilibrium is attained
rapidly in the system. About five minutes were required
for the system to achieve equilibrium after the addition
of ar increment of one component to the solution. Any shift
in the equilibrium could be detected by a chaqge in the posi-
tion of the pointer on the buoyancy bulb.

The vapor density balance can also be used for‘the
study of components which mayAreact with water vapor or air.
Once the components are introduced into the system, no air.
is admitted until the completion of the run. Contamination
of the components is reduced to a minimum and the problem
of analysis of the vapor is considerably simplified. The
apparatus could also be used to determine vapor densities
and henée, association constants. Corrections could then
be applied to the associated'species to account for their
deviation froni ideality.

The accuracy of the method will depend upon the
sénsitivity of the balance. In theory, a balance cbuld be
constructed with almost any desired sensitivity, but such
a balance would be applicable to a few systems onl&. A
very sensitive balance would give accurate results, but
would be limited in its application to systems falling
within a narrow range of pressure and molecular weight. In
actual practiée, a balance is constructed that can be used
for a number of systems and still give the desired accuracy.

Thus it is of value to decide beforehand what systems are
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to be studied and the range of pressure to be investigated.
From this knowledge, a suitable balance can be constructed
with the desired sensitivity.

There are a few limitations on the types of compon-
ents that can be pfofitably studied by the vapor density
balance. Both components sﬁould be quite volatile. If one
component is relatively involatile compared to the other,
then the method is not accurate. It is desirable to choose
components‘which differ widely in their molecular weights
since'tﬁis will give a wide scale spread between the pointer
readings‘of the two pure components. In addition, the error
in the partial pressure calculation will be reduced since it
- involves the difference in the average moleeulér weight of
the vapors and that of one of the pure components. The
vapor density balance can also be used for sysfems in which
oné of the componeﬁtg associates in the vapor phase, pro-
vided ﬁhat the necessary associatiqﬁ data are available and
that the associated species has a comparabie vapor pressure
to the second cémponent. 'Similarly, two components associ-
ating 'in the vapor phase can be treated in an analogous
manner.

There are a number of improvements that could be
made to the present apparatus. To prevent diffusion from
controlling the equilibrium vapor reaching the balance case,
it would be desirgblé to suspend the 5uoyancy bulb more

directly over the solution itself. In this way, the problem
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of diffusionlof the vapor into the balance case would be
avoided entirely or at least, reduced to a minimum. Conse-
quently, the time interval between‘additions of a component
could be reduced even more. The.two way stopcock could be
moved from its present position above the balance case to a
position on the vacuum rack itself. In this way, there would
be even less éhénée for the vapors to be abéorbed by the
stopcock lubricant. " The temperature of the vapor could be
followed more-rapidly by incorporating a thermometer well
into the balance case itself. This would allow a more di-
rect contact of the Vapor with the.thermometer enabling the

temperature of the vapor to be registered more accurately.

C. DISCUSSION OF ERRORS
i. Total Pressure Method

There are a number of errors in the total.pressure
technique for the determination of activity coefficients.
It was assumed that all species in the vapor phase obeyed
the ideal gas laws. Furthermore, in all the calculations,
the partial pressures Qere used in place of the fugacities.
The error involved in this assumption should be insignifi-
cant, because the total pressure.waS‘always Qell below one
atmosphere. Concentration errors will also be quite small,
since all the weighings in the analyses were made with as
large samples as convenient to minimize weighing errors.

Concentration errors shcoculd not have been greater than 0.001
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mole fraction. The variations in the temperature df'the
thermostated bath should not have been greater than ¥ 0.05
degrees, which would not have an important effect on the
total préssure. The manometer was read with a cathetometer
accurate to within ¥ 0.01 mm. It is estimated that the
overall error in the experimental determination of the total
pressure should not have exceeded one half per cent.

The data were fitted with a three constant equation
and agreement between calculated and experimental points
was good in almost all cases. The‘onlé places wﬁere signif-
icant differences occurred in the calculated and experimental
values was for the systems which showed extreme deviatiqn
from ideality. Even in these cases, the dﬁly discrepancy
occurred at the places where the total pressure curve had =«
very steep slope. Otherwise, the agreement was well within
experimental errof. The curve fitting could be improved b&
using additional constants in the equations cf the program.
This would then allow the data to_be.fitted even more closely
over the entire concentration range. The error in the curve
fitting program is estimated to be not more than 2 % at the
maximum.

2. Vapor Density Balance Method Erro?s

In the determination of activity coefficients by the
vapor density balance, there are a number of sources of
error. In all the balculations, the vapor was assumed to

behave ideally and the partial pressures were used in place
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of the fugacities. These assumptions should lead to a small
error over the range of temperature and pressure used in
this work. The variations in the temperature of the thermo-
stated bath should not have exceeded 0.05 degrees. Such a
variation in the temperature would affect the pressure to a
very small extent as can be verified by a simple calcula-
tion. The temperature of the vapor, read by a thermometer
suspended directly to one side and in contact with the bal-
ance case, did not vary by more than 0.05 degrees also.
Sucﬁ a variatioﬁ wouldﬂnot affect the average molecular
weight significantly. The position of the pointer on the
balance was read with a precision cathetometer accurate to
'within 0.005 mm. The manometer was read with alcathetometer
accurate to 0.01 mm.

The precision of the méthod will be a fuuction of the
sensitivity of the balance. It is.possible t¢ construct a
balance capable of detecting a change in thé vapor density
of 10'6 to 1077 gm. cm'3, but such a balanceAwouid be thrown
cpmpletely off scale during a run iﬁvolving components dif-
fering widely in molecular weights and vapor pressures. A
balance is constructed to be usable in the range bf the sys-
tems to be studied. The balance used in these determinations
was capable of determining‘molecular weights in the range
50 to 200 at total pressures between 25 and 150 mm. It is
estimated that the total error in the pressure determination

should not have exceeded 1 %.
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For the alcohol systems, plots of the experimental
values of aj; vs. ap show some scatter. Solving equation (5)

for p; gives the result:

' (M - M
Py = 2) P : (23)
(My - My) .

If M, refers to the molecular weight of CyHg (78.11) and ¥,
of ethanol (46.02), then an error of only 1 in the value of
M would give an error of 3% in the value of Pys assuming
no error in p. Consequently, the accuracy in the activities
will be dependent upon the accuracy with which the average
molecular weight ﬁ'cén be evaluated. It is thus essential
that the error in reading the scale for the pointer deflec-
tion be reduced to‘a minimum, since any error in this read-
ing would be direcfly reflectad in the calculation of M.
Choosing components of widély differing molecular wéights
would increase the value of the .quantity (M1 - M2) and so
decrease the ‘error in the partial pressures and hence, tﬁe
activities. Any error incurred in the determination of the
activity will be reflected in the calculation of the liquid

composition and activity coefficient.



CHAPTER VII
SUMMARY

Two new methods have been developed for the deter-
mination of activities and activity coefficients of volatile
binary mixtures. The first technique consists of measuring
the total pressure above the solution and determining the
composition of the liquid phase. By mz2ans of a.suitable

computer program, the partial pressures and activity coef-

" ficients can be evaluated for the components. 7In the second

method, the total pressure and vapor density are determined,

allowing the calculation of.the partial pressures, activi-
ties, liquid composition and activity coefficients.

The total pressure method has been used in‘the study
of two éystem<, acetic acid-CCly and trifluoroacetic acid-

CCly at 10, 20 and 25 °

C. Both systems show positive devi-
ation from ideality, with the latter system forming an

azeotrope. The total pressure curves for the systems were

curve fitted using an IBM 650 computer. From these curves

-the partial pressures and activity coefficients were calcu-

-

lated for the components by means of the Gibbs-Duhem equa-

tion. From the values of the activity coefficients at the

90
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different temperatures, it appears that the heats of mixing
.are small for these Systeﬁs.

The vapor density baiance method has been appliéd
to systems showing moderate positive deviation from ideality
as in the case CgHg-CCl), as well as to systems showing ex-
treme positive deviation as in the cases CgHg-methanol and
CClu-ethanol. For systems which deviate oﬁly moderately
from ideality, comparison of the data obtained by the vapor
density balance method gives c;mparable accuracy. The ac-
tivities were cufve fitted by a computer program using a
three ewnstant equation involving a power series in tﬁe ac-
tivity of one component, ag. The liquid phase composition
and the activity coefficients were calculated as part of
the same program uéing the Gibbs-Duhem equation.

Both the total pressure method and the vapor density
balance method have been shown to be applicable to a wide
vériety of systems. The determinétion of partial pressures
and ence, the activity coefficients from total pressure-
liquid composition data is a very useful and accurate means
'of studying binary systems. Although sgmpling and analysis
of the liquid phase is necessary, a system can be investi-
gated over the whoie concentration range in a day. The
vapor density balance method has also been successfully ap-
plied to a number of systems and proved to be a simple and
rapid method for defermining activity coefficients of binary

mixtures. A system can be studied in a day or less and

Al
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there is no need for analysing the liquid phase. The avail-
ability of these tw§ fechniques'should prove to be impoftant
to the field of solution chemistry, since they provide ac-
curate and rapia methods for gatheriﬁg data on binary mix-
‘tures. At the present time, more data are needéd on a
variety of systems to further the development of a general

theory of solutions.
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