Prediction of Vapor-Liquid Equilibrium for

Polar-Nonpolar Binary Systems

R. N. FINCH and MATTHEW VAN WINKLE

This paper presents a method of calculating the van Laar constants for binary vapor-liquid
systems. The basis of the method is the van Arkel modification of the van Laar (Scatchard-
Hildebrand) equations which utilize the concept of internal pressure. A generalized method
of predicting the apparent internal pressure was developed and described. The experimental van
Laar constants and those calculated by the proposed method are compared for twelve polar-

nonpolar binary systems.

The Scatchard-Hildebrand (9, 12,
19) theory of binary solutions has
been reasonably successful as a basis in
predicting the vapor-liquid equilibria
for nonpolar binary systems from the
properties of the pure components.
However this basis has proved to be
unsatisfactory in predicting quantita-
tively vapor-liquid equilibria for either
polar-polar or polar-nonpolar binary
systems. Van Arkel (22, 23) proposed
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a model which includes consideration
of the effect of polar properties of
molecules upon binary vapor-liquid
equilibrium data. Hildebrand and Scott
(9), and more recently Prausnitz and
Anderson (I4), have pointed out that
van Arkel's theory has never been
tested for binary liquid solutions.

It is the purpose of this paper to
present a test of the van Arkel theory
for polar-nonpolar binary liquid solu-
tions and to extend this theory empiri-
cally where necessary to enable pre-
diction of vapor-liquid equilibrium data
from pure component properties.

THEORY

The van Laar Equation (24) for
binary liquid solutions serves as a basis
for the method of calculation. Origi-
nally van Laar used the van der Waal
equation of state in the development of
his equations. Later he and Lorentz
(25) replaced the van der Waal's co-
volume b with the actual saturated
liquid volume Vi, Scatchard and
Hildebrand (9) subsequently showed
that the concept of internal pressure or
cohesive energy density could be in-
corporated into the van Laar type of
equation, and this effectively eliminated
the necessity to use van der Waal's
assumptions. The theoretical equations
of Scatchard-Hildebrand are as follows:

Vi (8 — 8;)? ¢’

AT (1)

Iny: =

(Interchange indices i 5 § for v, equa-
tion. )

Equation (1) has been tested for a
large number of systems (3, 9) and
has been used successfully in describ-
ing the behavior of binary solutions
containing two nonpolar components.
The equation has limited application
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in describing behavior of binary sys-
tems containing polar components. To
increase the applicability of the equa-
tions to systems containing polar com-
ponents van Arkel (22, 23) proposed
that the contribution of the polar prop-
erties of a molecule to its internal pres-
sure must be considered.

The theory of van der Waal’s dis-
persion, induction, and orientation
forces is well known (8, 9, 12), and
the relationship between these cohe-
sion forces and the apparent internal
pressure is shown in mathematical
form as follows:

3] (5[
LV, 4T\, i

i

London demonstrated that the induc-
tion term of Equation (2) is always
negligible compared with the disper-
sion and orientation forces for pure
compounds (always less than 6% of
the total and usually much less). Van
Arkel noted that for liquid mixtures
the induction forces are generally
negligible (22). Therefore the authors
have defined the dispersion and orien-
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tation parts of Equation (2) as follows:

[AE,,] g
v, i— i @y

(3)

where

o[ (5), ()] -

nonpolar pressure (dispersion) (4a)

o= (). (55) ] =

i

polar pressure (orientation) (4b)

Thus for a nonpolar molecule w; is

38 /
34 /
30

26
- /
z
s
e
w
5 22
(%)
»
2 . /
o
g /’
=
>
%)
«
a 14
o /
4

10

00 10 20 30 40

I/I—P; - VIPZI
Fig. 4. Asymmetry constant vs. the absolute

difference in the square root of apparent in-
ternal pressure.

Page 456

o
>

o
~

o
o

ADD TO CALC'D VAN LAAR CONSTANTS
,

\
0.2 h,
AY
NN \
N\ \
\,
N\,
-04 )
\\ —==NO H-BONDING
~ —=CARBONYL AROMATIC
-06
0.0 0.2 04 06 o8 1.0 12 14 16

CALCULATED VAN LAAR CONSTANT FOR POLAR COMPONENT

Fig. 5. Final correction factor curve.

zero, and the square root of the ap-
parent internal pressure is equivalent
to Hildebrand’s solubility parameter.

If it is assumed that in a liquid mix-
ture the molecules are randomly dis-
tributed and are under the influence of
spherical force fields, Equation (4)
may be used to express the apparent
internal pressure of a binary mixture
in terms of the individual component
polar and nonpolar pressures. As Hilde-
brand (9) points out, polar molecules
do not conform to these requirements,
and therefore Equation (4) is an ap-
proximate expression.

The Scatchard-Hildebrand type of
equation is resolved into Equation (5)
when the internal pressure is separated
into its polar and nonpolar contribu-
tions:

Ve[ (8¢ — 8:)° + (0 — ws)?]s*
RT

Iny, =

(5)

The limit of Equation (5) may be
evaluated to determine the Carlson
and Colburn (3) modified van Laar
nonideality constant:

Limlogy. = Ay, =
¢ 0
Vi [ (8¢ —85) + (0w — w3)*]
2.303 RT,

(6)

Equation (6) is the basic equation
used in this study. All quantities in
Equation (6) are evaluated at T,.

APPARENT INTERNAL PRESSURE
CORRELATION

In order to use Equation (6) to
predict activity coefficients a method
of evaluating the apparent internal
pressure and its polar and nonpolar
contributions was needed. By using a
combination of a basic thermodynamic
equation and the Clapeyron equation,
Equation (7) was derived in which
apparent internal pressure (or cohesive
energy density), vapor pressure, tem-
perature, and molar volume of vapor
and liquid are related:
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][ o NG
The quantities P and (dInP)/(dInT)
have been correlated by Riedel (I8)
by means of the theorem of corre-
sponding states. Riedel's independent
variables were reduced temperature
and «,, the value of (dInP)/(dInT)
at the critical point. The quantities V,
and V; have been correlated by Lyder-
son et al. (10) on the basis of the
theorem of corresponding states. Ly-
derson’s independent variables were
reduced temperature and the critical
compressibility factor. Therefore it was
assumed that a correlation of the fol-
lowing form

IP
T = IP,- = f(T,, 14 P Zc)

should be valid.

Thermodynamic data for seventeen
compounds were used to test this
hypothesis. It was found that only two
independent variables were necessary,
that is reduced temperature and the
ratio of «. to Z.. This ratio is desig-
nated as F.. Although both «, and Z.
alone were considered as third param-
eters, only the ratio F. would yield
unique curves with a single parameter.

The reduced apparent internal pres-
sure correlation was fitted by means of
least squares to the empirical equation:

P=b,{(1—-T.,) +¢, (1—T,)"

(8)

T,<10 (9

where
b, = 17,559 — 1,743.4 F, + 49.676 F*
(10a)

¢, = — 61,206 + 4,755.0 F, —
74,208 F2 (10b)

An IBM-650 computer was used for
these calculations. The maximum devia-
tion of the least-squares equations from
the data for the seventeen compounds
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was 3.2%, while the average devia-
tion was less than 1.09;. The least-
squares equations are shown graphi-
cally in Figure 1.

This generalized correlation was de-
veloped because of the scarcity of pub-
lished apparent internal pressure data,
especially data for polar compounds.

POLAR INTERNAL PRESSURE
CORRELATION

In order to separate the appareut
internal pressure into its polar and
nonpolar contributions, Equation (2)
was used to evaluate K, for seventeen
nonpolar and nine polar compounds.
The left-hand side of Equation (2)
was evaluated with molecular constants.
The values of K, varied from 0.71 to
0.83 for the nonpolar compounds, but
K, for the polar compounds varied
from 0.47 to 0.96. The results indi-
cated Hildebrand’s suggested average
value (9) of 0.77 for nonpolar com-
pounds to be reasonable but indicated
that an average for polar compounds
was meaningless because of the wide
variation in values.

This procedure permitted evaluation
of the individual contributions of dis-
persion, induction, and orientation
forces to the apparent internal pres-
sure. The K, values determined here
for nine polar compounds made pos-
sible a generalized correlation which
eliminates the necessity for having
structural constant K, data which are
not available. Dimensional analysis and
analogy to Keesom’s original uninte-
grated equation showed that a very
simple form would suffice for correla-
tion of polar pressure, namely

e )“
Vi

Even though the integrated Keesom
equation for the polar part of the in-

wﬁ=1<,,(1<c (11)
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ternal energy is only an approximation
in the case of polar liquids, the values
of K, found for polar compounds were
not different enough from the average
value for nonpolar compounds to com-
pletely discredit the theory. Further,
the empirical modifications developed
for highly associated compounds allow
the polar internal energy to be evalu-
ated for such compounds. This is fur-
ther borne out by the results of this
method. K, for nonassociated polar
compounds has a value equal to 1.0.
K, tor associated compounds is always
greater than 1.0 and may be evaluated
from Figure 2 in which K, is a func-
tion of critical pressure and reciprocal
reduced temperature.

Apparent internal pressure is calcu-
lated from Equation (9), and the polar
pressure contribution is calculated
from Equation (11). The nonpolar
contribution may then be found from
Equation (3).

THE TEST OF VAN ARKEL'S THEORY

Equation (5) was used to calculate
the Carlson and Colburn modified van
Laar constants. [The saturated liquids
volumes at the boiling temperature of
the other component of the binary
system were calculated by the method
of Lyderson, et al. (I11) which uses a
known liquid density for extrapolation
to the desired temperature.] These
calculated van Laar constants were
plotted against the experimentally de-
termined values in Figure 3. The cal-
culated van Laar constants for the
polar components lie on a line which
curves upward and intersects the 45-
deg. line both at the origin and at ap-
proximately 0.86. The van Laar con-
stants for the nonpolar compounds did
not seem to lie along any curve but
were consistently above the curve rep-
resented by the data on polar com-
pounds. It was concluded from this
that the unmodified van Arkel theory
did not form a sound basis for calcu-
lation of the van Laar nonideality con-
stants.
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EMPIRICAL EXTENSION

Equation (6) indicates that the
ratio of the van Laar constants should
be the same as the ratio of the molar
liquid volumes of the two components
in the solution. For polar-nonpolar
binaries however this is not the case.
Almost without exception the nonpolar
component has a larger molal liquid
volume and a smaller van Laar con-
stant than the polar component. This
causes the ratio of the nonpolar com-
ponent volume to the polar component
volume to be greater than one, while
the ratio of the nonpolar component
A-value to the polar component A-
value is less than one. This observation
has been called reversing the asym-
metry of the binary system with regard
to its activity coeflicient composition
plot, because the ratio of the limiting
logarithms of activity coefficient for the
two components will be greater in the
case of experimental results. Therefore
it was necessary to define an empirical
asymmetry constant which would bring
theory into agreement with experi-
ment.

k= (7o) (32) (7) a2

The calculated van Laar constant
for the nonpolar component was
divided by the asymmetry factor to
reduce the numerical value of the cal-
culated constant so that it lay on a
straight line joining the reduced non-
polar constant and the calculated polar
constant. This straight line was parallel
to the 45-deg line but was still dis-
placed from the 45-deg. line by the
amount of the calculated van Laar
constant for the polar component as
shown in Figure 3. The asymmetry
factor was found to be a function of
the absolute magnitude of the differ-
ence in the square root of internal
pressure as shown in Figure 4. This
figure was developed on a purely em-
pirical basis but was found to repro-
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duce the experimental van Laar con-
stants satisfactorily for the system
investigated.

In order to obtain the best possible
agreement with the experimental data
the deviation of the polar component
line on Figure 4 was plotted vs. the
calculated value of the van Laar con-
stant for the polar component. This
relation, shown in Figure 5, is added
algebraically to the calculated values
of van Laar constants. This figure is
also purely empirical, but the use of
Figures 4 and 5 along with the basic
theory of van Arkel reproduces the ex-
perimental  vapor-liquid  equilibrium
quite well for the systems investigated.

STEP-BY-STEP OUTLINE OF THE
METHOD

1. Obtain from the literature or estimate
the following properties: critical tempera-
ture, critical pressure, critical volume, nor-
mal boiling point, saturated liquid volume
at reference condition, dipole moment, suit-
able vapor-pressure data, and representa-
tion, for example, Antonine constants. (See
references 5, 10, 11, 28.) (See reference
17 for estimation methods.) (See reference
26 for dipole moments. )

2. Calculate reduced temperature for
each component at its own boiling point at
the system pressure, at the other compo-
nent’s boiling point at system pressure, and
at the temperatures of the available liquid
densities.

3. Calculate Riedel’s o, using the normal
boiling point, critical pressure, and critical
temperature of the component. This proce-
dure is given in Sherwood and Reid (17).
Use Equation (4-10) and Tables (4-1)
and (4-2).

4. Calculate the critical compressibility
factor from critical properties obtained in
step 1.

5. Calculate F, by dividing «, by Z..

6. Evaluate the apparent internal pres-
sure.

(a) The simplest procedure is to evalu-
ate the reduced temperature at the desired
point. Then use Figure 1 to evaluate the
reduced apparent internal pressure, with
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F, and T,. Then multiply IP, by the criti-
cal pressure of the component to obtain the
apparent internal pressure IP.

(b) If for any reason you suspect any
of the critical properties to be greatly in
error, use the following method to evaluate
the apparent internal pressure: (1) Use the
reduced liquid density chart of Lyderson
et al. (Figure 6) to evaluate pg, and pr.. (1
= reference liquid volume temperature., 2
= desired apparent internal pressure tem-

[ﬁ—] V. (2)
Pre

By means of the Antonine equation calcu-
late the following:

P = exp,, [A— B/¢::] and
dlnP BT
dinT ~ (C +1)°
(3) Calculate IP by the following equation:

dInP ] [V, ]
i | i |
V.

IP = P[ _—
dinT
(2) Be sure vapor pressure is above 100
mm. Hg. abs.
(b) Use Z charts in the calculation of
V, is pressure is too high to use ideal gas
law.

perature,) Calculate V, =

Notes:

7. Use Figure 2 to evaluate K, with T.
and P.. Then use the following equation
to evaluate the polar pressure, w:®:

i ]
Vi
For the same component of the same tem-
perature calculate 8:* and w.*

8. Use the method described in 6(b)
above to evaluate liquid densities of the
desired temperatures.

9. Calculate [(IP.)**— (IP;)**] at the
boiling temperature of the polar compo-
nent. Use Figure 4 to evaluate Ka.

10. Calculate A:’s by the following
equations:

. Vl[(61—52)2 + ((1)1—0)2)2_] . 1

12 =

wi’ =K, [ 598

2.303 RT», Ka
_ Vol (81— 8:)° + (001 — @2)%]
. 2.303 RT5,
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Where 1 = nonpolar component
2 = polar component

(Note: All quantities in the As. equation
are evaluated at T, and all quantities in
the Ay equation are evaluated at Ta.). ..

11. Use Figure 5 to obtain the final cor-
rection factor which is added algebraically
to both calculated A.y’s. (Note: systems
composed of an aromatic and a carbonyl
compound must use the dotted line on
Figure 5).

12. Use Auy’s and vapor-pressure data to
calculate vapor-liquid equilibrium data.

DISCUSSION OF RESULTS

The previous section gives the step-
by-step method by which vapor-liquid
equilibrium data were calculated for
twelve polar-nonpolar binary systems
(6, 15, 16, 20, 27). The results are
shown in Figures 7 through 11. Table
1 shows the maximum and average
deviations from experimental data.

The average deviation of 1.3 mole
% indicates the empirical method out-
lined here to be very satisfactory for
polar-nonpolar systems. The largest
deviations encountered were in the
binary systems containing phenol (6).
The investigators encountered immis-
cibility problems in determining the
phenol equilibrium data. This possibly
would tend to make the data unreli-
able. Another possible cause of devia-
tion could be the hydrogen bonding
between phenol and toluene.

Table 1 indicates that deviations in
terms of relative volatility are relatively
five to ten times greater than the
deviations in terms of mole percent of
calculated vapor composition.

The calculated van Laar binary con-
stants were used to calculate ternary
vapor-liquid equilibrium data. Table 1
shows the maximum deviations in terms
of relative volatility. Average errors in
ternary calculated vapor compositions
of between 1 and 5 mole % are esti-
mated for the ternary systems.

The limitations of this method are
that it applies to polar-nonpolar binary
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TABLE 1. COMPARISON OF PREDICTED WITH EXxPERIMENTAL DATA

Binary Ternary
Aamax., Awavg, Aymax., Ayavg., Aamax.,
No. System % % (mole %) (mole %) %
1 Methylcyclohexane-toluene 6.12 2.9 1.0 0.2
2 Toluene-phenol 90.3 42.6 15.0 4.0 53.0
3 Methyleyclohexane-phenol 147.2 61.8 11.0 4.4
4  n. octane-ethylbenzene 11.1 3.6 1.0 0.5
5 Ethylbenzene-cellosolve 12.9 4.7 2.0 1.0 26.0
6 n. octane-cellosolve 144 7.0 2.7 1.6
7 n.heptane-toluene 12.4 8.0 2.5 0.9
8 n. heptane-methyl-ethyl ketone 11.1 47 16 1.1 16.9
9 Toluene-methyl-ethylketone 16.6 7.2 1.7 0.5
10 Ethyleyclohexane-ethylbenzene 6.0 2.9 1.0 0.5
11 Ethylcyclohexane-hexylene
glycol 34.0 16.3 1.5 0.9 12.6
12 Ethylbenzene-hexylene glycol 23.8 12.0 1.8 0.9
Averages 306% 13.7% 3.3mole 1.3mole
% %

and ternary systems, and either to
systems which have no hydrogen bond-
ing between unlike components or
which have carbonyl-aromatic hydro-
gen bonding between unlike compo-
nents.

Several assumptions are made when
one uses the van Arkel theory to cal-
culate the vapor-liquid equilibrium
data, and these seriously affect the
results caleulated from equations based
on the theory. The most important of
these is the assumption that the excess
entropy of mixing is zero. Both Barker
(1} and Murti and Van Winkle (I1)
have indicated that the excess entropy
of mixing term TAS® is far from neg-
ligible in both polar-polar and polar-
nonpolar systems. F urther the term
TaS* is of the same order of magni-
tude as the term AH”. Therefore by
neglecting the excess entropy of mix-
ing about half of the contribution to
the excess free energy from which ac-
tivity coefficients are determined is
discarded. The corrections incorporated
in the empirical asymmetry constant
and ijts correction factor are probably
related to the excess entropy of mixing.
Several authors (7, 9) have tried to
calculate the excess entropy of mixing
as a function of the free volumes of the
pure components, but these calcula-
tions yield values of excess entropy far
smaller than experimental values.

Another assumption is that the inte-
grated Keesom equation, upon which
orientation interaction is based, is
truly applicable to polar molecules.
The integration required to yield the
form of the Keesom equation used here
depends upon the use of Boltzmann
statistics. Boltzmann statistics require
that a molecule be free to rotate and
have a spherical force field. These limi-
tations are only fulfilled by gases which
are weakly polar. Strongly polar lig-
uids do not satisfy these conditions. In
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addition the average value for the 1-2
dipole interaction might be something
other than the geometric mean postu-
lated by van Arkel.

A third assumption which might
cause discrepancy between theory and
experiment is that molecular shape has
no effect on effective volume in solu-
tion.

The fourth assumption is that the
vapors must be ideal for the apparent
and true internal pressures to be equal.
This excludes the use of this method
at very high pressures, that is above
P, = 0.35.

A fifth assumption is that the contri-
bution of induction energy to the in-
ternal energy of mixing is negligible.
This assumption was completely satis-
fied in all the systems investigated in
this work and is in agreement with the
suggestion of van Arkel (22).

When one considers all of the as-
sumptions, it is evident that the as-
sumption that the excess entropy of
mixing is negligible introduces the most
serious error in the theory of solutions
where polar molecules are involved.

CONCLUSIONS

Calculations with equations based
on the van Arkel theory of solutions
indicate that the theory was not ade-
quate for quantitative calculations for
polar-nonpolar binary solutions. How-
ever empirical extensions presented
here make possible quantitative calcu-
lations of vapor liquid equilibria for
polar-nonpolar binary systems which
have no hydrogen bonding between
unlike components or which may have
hydrogen bonding between carbonyl
and aromatic compounds.

Even when the above assumptions
were made, the empirical modification
of the van Arkel theory gave good re-
production of the experimental vapor-
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liquid equilibrium data for the binary
systems tested in this paper.

The binary van Laar constants were
used to calculate ternary vapor-liquid
equilibrium data. The ternary data did
not agree with experimental data with-
in the same limits of error as the binary
data. However the agreement of the
ternary calculated data was sufficient
to indicate that the method can be
used to aid in the selection of solvents
for extractive distillation. The greatest
error in the van Arkel theory was found
to be the neglect of excess entropy of
mixing in solutions containing polar
molecules.

NOTATION
A ==

van Laar constant (Carlson-
Colburn modification)
Carlson-Colburn  modification
of van Laar constant

R leasts squares constants for
Equation (9)

leasts squares constants for
Equation (9)

ternary van Laar constant
internal energy of vaporiza-
tion

critical parameter for internal
pressure correlation a./Z,
excess free energy of mixing
excess enthalpy of mixing
apparent internal  pressure
(AE,)/(V.), atm.
Boltzmann’s  constant,
molecule °K.
asymmetry constant (see Fig-
ure 5)

conversion constant for polar
pressure equation = 598 when
converting from esu. cm./cc./
g. mole to atm.'”
orientation association
stant (see Figure 3)
structural constant = Vi, /7’
vapor pressure, atm

gas law constant, cc. atm./g.
mole °K.

excess entropy of mixing
absolute temperature, °K.
boiling point of component §
at pressure of system, °K.
molar gas volume, cc./g. mole
molar liquid volume, ce./¢.
mole

critical compressibility factor
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Subscripts

component i = nonpolar com-
ponent

component j = polar compo-
nent

7 = reduced conditions

i =

li =

Greek Letters
molecular polarizability, cc./

a =
mole
P
o, = (% c: slope of InP vs.

Page 459



In T at the critical point
activity coefficient
square root of nonpolar {(dis-

o2
i

, K
persion) pressure =
VLi

3 /2
(71— a; hy, ) = Hildebrand’s

solubility parameter for non-
polar molecules, atm."”
dipole moment, esn. cm.
dispersion frequency, sec.™
effective volume fraction

X Vi,

X Vi,

i=1

square root of polar (orienta-

‘ -(7)(5
10on pressure = Vi 3

'u,,,d )1/2
¥/

van Arkel, atm.””*

.g
I

&
I

8
Il

polar pressure of
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A Theoretical Correlation of
Spray-Dryer Performance

Spray dryers, because of their effec-
tive contact between heating medium
and particles undergoing drying, are
potentially applicable to the widest
variety of materials. However their use
has been retarded by the lack of relia-
ble engineering procedures for scaling
up and analyzing performance. Many
studies have been made of the indi-
vidual factors involved in the spray-
drying process (3, 7, 8). To facilitate
scale up and permit design from basic
fundamentals a unifying theory has
been needed to tie these factors to-
gether.

In this development of an overall
correlation of spray-dryer performance
the author has calculated the capacity
heat transfer or production rate based
on the heat transfer rate to the largest
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spray particles. The production rate,
which also is calculated from heat and
material balances, is limited by the re-
quirement that the largest particles be
dried during their flight from the atom-
izer to the chamber wall. The time of
flight of the largest particles is deter-
mined from a consideration of the fluid
dynamics of the process. Thus, from a
theoretical analysis based on the com-
putation of minimum heat transfer
rates (for this case of gas-phase resist-
ance limiting) at capacity conditions
(as determined by incipient wall depo-
sition), expressions have been devel-
oped which relate overall performance
to the dryer geometry, drying temper-
ature, atomizer type, and particle size
of the material produced.

A.1.Ch.E. Journal

With these expressions agreement
between predicted and measured heat
transfer rates has been obtained for
drying of sodium sulfate solutions in
1., 2-, and 3-ft. diam. dryers and cal-
cium carbonate slurries in the 2-ft.
diam. dryer. The obtainable useful
rates however are 529 above the mini-
mum rates predicted by these expres-
sions. This agrees with the observation
that drops of sodium sulfate solution
and calcium carbonate slurries do not
require complete drying if they are to
be free flowing and are not to stick to
the dryer walls. Materials which exhibit
less stickiness than sodium sulfate when
partially dried have been processed at
greater rates than sodium sulfate,
whereas materials which exhibit greater
stickiness have not.
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