
Table 1 includes the values of the dif- 
fusion ratio calculated in this way 
from flow rate vs. mean total pres- 
sure plots. The agreement is well 
within the probable experimental error. 

DISCUSSION 

The form of Equations (9) and (13) 
indicate a rather slow convergence to 
the asymptotic values at high and low 
pressures. Therefore a mixed mode of 
dBtlsion does occur to an appreciable 
degree over a wide range of values 
of the ratio r/A. On the basis of the 
results for the porous solids this would 
appear to be a somewhat greater 
range than the hundredfold value 
given earlier. The convergence of 
Equations (9) or (13) is intermediate 
between the simple form of Equation 
(17) and the more rapidly converging 
intuitive equation proposed by Wheeler 
(21, g‘ wen as 

DN = DAB (1 - e - D d B ’ D K A )  (23) 
A more rigorous test of Equation 

(9) would require experiments of the 
same kind as those performed on the 
porous solids but with true capillaries 
of known dimensions. Such work is 
currently under way. 

However it would appear that the 
diffusion equation presented here gives 
an adequate description of the transi- 
tion zone of diffusion for binary gas 
mixtures and can be applied with 
good accuracy to porous solids. 
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NOTATION 
A,,L, = geometric area and length 

of porous sample 
DAB = binary mutual diffusion co- 

efficient for gases A and B, 
sq. cm./sec. 

D,, = Knudsen diffusion coefficient 
for gas A, sq. cm./sec. 

DN = mean diffusion coefficient 
G 5 molecular transport rate, 

molecules/ ( sec. ) (sq. cm. ) 
k = Boltzmann constant 
L,x, = length of diffusional path, 

rn = mass of a molecule 
M = molecular weight 
n = molecular concentration, 

molecuIes/cc. 
N = molar transport rate, moles/ 

(sec.) (sq. cm.) 
p = partial pressure 
P = absolute pressure 
T = radius 
T = equivalent pore radius 
R = gas constant 
T = absolute temperature 
Z l  = diffusional velocity in the 

axial direction, cm./sec., re- 

cm. 

- 

ferred to a fixed set of coor- 
din ate s - 

0 = average molecular speed 
Y 

AP 

h 
1) 

= mole &action 
= mean free path 
= gas viscosity 
= pressure differential causing 

flow 

Subscripts 

A,B = gas A and gas B, respec- 
tively 
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Thermodynamic Properties of Polar Gases 
in the Dilute Phase 

P. T. EUBANK and J. M. SMITH 
Northwestern University, Evonston, Illinois 

A procedure is proposed, based in part on theory and in part on experimental data, for pre- 
dicting the effect of polarity on the thermodynamic properties of polar, organic gases in the 
dilute phase. This correlation was used to predict compressibility factors Z, and the change of 
enthalpy with pressure, in the vapor phase. 

By use of this correlation the computed compressibilities indicated an average absolute 
deviation of 1.0% from available experimental data, which includes reduced pressures UP to 
0.9 and temDeratures to 1.0. Similar comoarisons were mode for the effect of Dressure on 

sent the forces which are present in 
some comDounds but not in others at 

enthalpy. 

Reasonable progress has been made 
in developing prediction methods for 
thermodynamic properties of nonpolar 
gases, particularly pure components. 
However progress has been slight for 
polar substances where electrical prop- 
erties may exert a significant effect. 
The objective of this paper is to pre- 
sent a prediction method for classes 
of organic, polar compounds. 

PREVIOUS CORRELATIONS 

The original method of Hougen and 
P. T. Eubank is at Texas Agricultural and 

Mechanical University, College Station, Texas, 
and J. M. Smith is at the University of Califor- 
nia. Davis, California. 

Watson ( 5 )  assumed that volume and 
energy were the two parameters char- 
acterizing a gas. Thus the reduced vol- 
ume V/V, or the reduced pressure 
P / P ,  was used with the reduced tem- 
perature T/T, to provide the two vari- 
ables which determined the compres- 
sibility factor: 

Z = W / R T  (1) 
Experimental cornpressibiliiy factor 

data have shown that Z is not the 
same function of the reduced pressure 
and reduced temperature for every 
compound. Thus more parameters are 
needed; these parameters must repre- 
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the same lconditions of reduced pres- 
sure and temperature. 

These forces are usually due to one 
of the following causes: deviation from 
spherical molecular shape, or the de- 
gree of acentricity; high electrical 
forces such as manifested by the 
dipole moment and the existence of 
hydrogen bonding; and quantum forces 
which are important in hydrogen and 
helium. 

This latter effect will not be con- 
sidered here, since it is important in 
only the compounds mentioned. All 
compounds are effected by the first 
effect with the exception of the inert 
gases, which are spherical. For this 
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reason Pitzer (11)  has computed val- 
ues of the compressibility factor 2. as 
a function of P, and T ,  from experi- 
mental data on the inert gases. Be- 
cause none of the listed conditions are 
present in inert gases Z. is the same 
function of P ,  and T, for all inert 
gases. 

It is desirable to add contributions 
due to acentricity and electrical forces 
to the value of 2,. Pitzer has used a 
factor o which is a measure of the 
acentricity of a molecule. When this 
factor is multiplied by a function Z, 
( P , ,  T e ) ,  the result is the contribution 
to the compressibility factor due to the 
acentricity. The acentric factor is de- 
fined as 
o = - log P ,  - 1.000, at T ,  = 0.7 (2)  
Thus the acentric factor, which is zero 
for inert gases, can be computed for 
each compound from vapor pressure 
data. Since 

z = z, + oz, (3)  

Pitzer was able to calculate values of 
Z , ( P , ,  T , )  knowing Z , ( P , ,  T , )  and o 
plus experimental values of Z for each 
compound. The values of 2, ( P , ,  T,) 
were found to be quite consistent for 
a large number of compounds which 
were labeled simple fluids. Compounds 
with high electrical and quantum ef- 
fects are excluded from the class of 
simple fluids. 

Lydersen, Greenkorn, and Hougen 
(7) have used the compressibility fac- 
tor at the critical point, Z,, as a third 
parameter to predict compressibilities 
for nonpolar and polar compounds 
alike. McCracken (7) found that aver- 
age absolute errors of 28 and 18% re- 
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sulted when comparing their experi- 
mental deviations in enthalpies from 
the ideal gas state for methanol against 
correlations ( 5 )  and ( 7), respectively. 
Storvick (19) made a similar compari- 
son with his experimental enthanol 
data and found the corresponding er- 
rors of 32 and 31%. 

McCracken (7) and Storvick (18) 
have added polar correction terms, 
based on association, to the Lydersen 
and Pitzer correlations, respectively. 
These made it possible to predict en- 
thalpy deviations from the ideal gas 
state within 4 to 6% error of the ex- 
perimental values for methanol and 
ethanol. While all compounds exhibit- 
ing hydrogen bonding and the result- 
ing association are polar, not all polar 
compounds show hydrogen bonding. 
Because the dipole is well buried in 
some molecules, it is blocked from the 
dipole of neighboring molecules by 
the more external atoms of its own 
molecule. These atoms do not allow 
the dipoles to become close enough 
together to make the dipole-dipole 
interaction strong enough to hold the 
molecules together in a hydrogen 
bond. Thus molecules with the more 
external dipoles tend to form hydro- 
gen bonds and associate. Even though 
the association approach has been 
used with success for the alcohols, the 
correction term of this investigation 
was based on the dipole moment be- 
cause it can be used for all polar com- 
pounds. 

DERIVATION OF POLAR 
CORRELATION 

The purpose of this investigation 
was to obtain a parameter which 

when multiplied by a universal func- 
tion of P ,  and T ,  would give the polar 
contribution to the compressibility 
factor. Pitzer’s method was used to 
isolate the nonpolar contribution be- 
cause this is probably the most ac- 
curate procedure available. The re- 
quired expression is of the form 

where Z ,  is a function of P ,  and T,. 
The first two terms on the right-hand 
side of Equation (4)  were computed 
in all cases from Pitzer’s work. 

I t  is important to isolate the polar 
and acentric effects for both theoreti- 
cal and empirical reasons. Thus the 
first two terms of the right-hand side 
of Equation (4) cannot be evaluated 
with the critical constants and the o 
factor of the polar compound without 
introducing constants that are them- 
selves a function of the polarity of the 
molecule. What is needed is the value 
of these constants for a molecule which 
is identical to the polar one except 
that it is nonpolar, that is a homo- 
morph. When the polar compound is 
an alcohol, ketone, or ether, the ho- 
momorph has the same structure ex- 
cept that oxygen is replaced by a 
CH, or CH, group. For example the 
homomorph of n-propanol is n-butane. 
Difficulties in choosing homomorphs 
exclude most inorganic substances from 
this type of correlation. By using the 
critical constants and the o factor for 
the homomorph the first two terms of 
Equation (4) can be evaluated with 
Pitzer’s values. Subtracting this result 
from the experimental compressibility 
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TABLE 1. PHYSICAL PROPERTIES OF POLAR COMPOUNDS 

Polar Homomorph 
compound c / k ,  O K .  U, "A. Po P' Compound 0 

Methanol 
Ethanol 
n-Propanol 
Ether 
IPE 

Acetone 
MEK 
Methyl fluoride 
'Freon 12 
'Sulfur dioxide 
OWater 
*Ammonia 

630 
748 

1,120 
1,204 
1,655 

342 
490 
207 
- 
- 

380 
320 

2.40 1.55 2.09 
2.53 1.32 1.58 
2.55 1.05 1.08 
2.30 0.81 0.21 
2.12 0.76 0.19 

3.84 1.76 1.81 
3.73 1.52 1.41 
3.36 1.75 0.31 

- - - 
2.65 1.85 0.087 
2.60 1.66 0.257 

Ethane 0.115 
Propane 0.164 
n-Butane 0.177 
n-Pentane 0.262 
2 ,4  dimethyl 0.363 

Isobutane 0.206 
Isopentane 0.198 
Ethane 0.115 
- 0.172 
- 0.268 
- 0.348 
- 0.261 

pentane 

Q No homomorph was used for these compounds. 
t Po values were calculated from G values obtained without the use of a homomorph and are not 

to be compared with other values of PQ in the table. 

for the polar compound one gets the 
polar contribution P"Z, as a function 
of P ,  and T,. Evaluated in this way 
the true acentric effect for the polar 
compound has been determined by 
means of the homomorph, so that the 
remaining polar contribution is due to 
polar effects and the interaction be- 
tween polar and acentric effects. Such 
cross effects were considered negligi- 
ble in this work. 

The parameter P' was chosen to be 
of the form c(uo)".  The reasons for 
this choice were both theoretical and 
empirical. The reduced dipole moment 
is known to be the most powerful 
electrical parameter. It is defined by 
the expression 

p* = p / ( .  2);  ( 5 )  

where E/k and u are the Stockmayer 
force constants. The value of po alone 
cannot be used as a fourth parameter, 
since the dipole moment location and 
direction with respect to the entire 
molecule has an important influence 
on the compressibility. For the ali- 
phatic, normal alcohols the dipole mo- 
ment is centered around the oxygen 
atom which is not shielded from other 
molecules by the atoms of its own 
molecule. Compounds such as ethyl 
ether also have the dipole moment 
centered around the oxygen atom, but 
here the oxygen atom is well-buried in 
the molecule and will have little influ- 
ence on surrounding molecules. Thus 
for the same value of p" an ether 
wouM be expected to deviate from the 
behavior of a simple fluid less than an 
alcohol. Sulfur dioxide is another mole- 
cule with a high value of po which 
follows the simple4 uid behavior well, 
as shown in Table 2. 

Eucken and Meyer ( 3 )  have ana- 
lyzed the dipole moment of a number 
of compounds and found that various 
linkages could be assigned a partial 
contribution to the total dipole mo- 
ment. The H-C linkage for example 
was given the value of 0.3 with this 

component vector pointing toward the 
hydrogen atom along the linkage. By 
writing the structural formula and add- 
ing the various vector components the 
magnitude and direction of the total 
dipole moment can be obtained. If this 
procedure is followed, then the ali- 
phatic, normal alcohols will all have 
the same magnitude and direction of 
their dipole moments. The same is 
true for ketones and ethers. Experi- 
mental measurements show the magni- 
tudes to be quite close in these cases. 
Because the position of the dipole mo- 
ment is centered around the oxygen 
atom, the degree of exposure of the 
dipole moment to surrounding mole- 
cules should be about the same within 
each group and decrease in magnitude 
in proceeding from alcohols to ketones 
to ethers. Thus the molecular direction 
and position of the dipole moment are 
thought to be the same for each group. 
Thus the magnitude of c attempts to 
measure the effectiveness of the dipole 
moment due to its position and direc- 
tion. It will be nearly zero for groups 
which have the dipole moment well- 
buried in the molecular structure. The 
c values given in this investigation are 
based on c equal to unity for the alco- 
hols. Since the alcohols were found to 
have the highest polar contribution, 

TABLE 2. A COMPARISON OF CORRELATION 
FOR THE COMPRESSIBILITY FACTOR 

All experimental compressibility factors 
were computed from experimental PVT 
data. 

Average % error 
between experimental 
and predicted values 

Compound Pitzer Equation (4)  
Calc. from 

Methanol 
Ethanol 
n-Propanol 
Methyl fluoride 
Freon 12 
Sulfur dioxide 
Water 
Ammonia 

4.20 1.30 
3.30 1.23 
3.82 0.96 
6.03 0.81 
0.41 - 
0.91 - 
1.76 1.00 
2.21 0.58 
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the maximum value of G encountered 
in this work was unity. 

While the dipole-dipole interaction 
is best represented by a power series 
of even powers of the dipole moment, 
the reduced dipole moment was raised 
to the nth power to simplify the equa- 
tion. 

By assuming that the dipole-dipole 
interaction is the only electrical inter- 
action of importance between mole- 
cules, many electrical interactions 
have been neglected. One of these, the 
dipole-induced dipole, arises when the 
permanent dipole of a polar molecule 
induces a dipole moment onto a neigh- 
boring molecule and these interact. 
Rowlinson (15) states that this effect 
is always small compared with the di- 
pole-dipole interaction, and there is 
no reason why higher ordered induced 
interactions should not be neglected 
safely. 

Most polar compounds also have an 
electric quadrupole moment, which is 
a second-order tensor. Buckingham 
and Pople ( I )  have proposed a molec- 
ular model which adds a quadrupole- 
quadrupole interaction term and a 
quadrupole-dipole interaction term to 
the Stockmayer potential. It is difficult 
to determine the magnitude of these 
effects, since the quadrupole moment 
has been measured for only a few 
compounds. Rowlinson (15)  has found 
that the quadrupole-dipole interaction 
contributes about 24% to the value of 
the second virial coefficient for water, 
but this is thought to be a severe case. 
The quadrupole moment, like the di- 
pole, suffers loss of effectiveness when 
it is well buried in the molecular struc- 
ture. On this basis Rowlinson (16) 
suggests that quadrupole effects are 
probably not appreciable for ethers 
and ketones but may have a significant 
effect for the alcohols. Because there 
is no experimental data on the quadru- 

ENTHALPY, B.t.u./lb. 

Fig. 2. Comparison of experimental and pre- 
dicted enthalpy values of methanol, c = 1.0. 

experimental, - - - - - - 
predicted. 
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Fig. 3. Comparison of experimental ond pre- 
dicted enthalpy values of ethanol, c = 1.0. 

experimental, - - - - - 
predicted. 

poles of alcohols, these effects had to 
be neglected. 

In order to calculate the reduced 
dipole moment for each compound by 
Equation (5) the values of the Stock- 
mayer force constants, e / k  and w must 
be known. These constants can be 
computed by the method of Hirsch- 
felder, Curtiss, and Bird ( 4 )  if the 
second virial coefficient as defined in 
Equation ( 6 ) ,  B ( T ) ,  is known as a 
function of temperature over the re- 
gion to be considered: 
PV/RT = 1 + B ( T ) / V  

(6) 
Lambert and associates (6) have 

shown that the Berthelot equation for 
B ( T )  , Equation ( 7 ) ,  gives accurate 
values for B ( T )  for polar compounds, 
including alcohols and ketones if the 
temperature is above 300°F: 
B ( T )  = (9/128) ( R T J P , )  

where B is in units of ml./gram-mole, 
P in atm., and T in OK. 

Since the minimum temperature 
used in the polar theory of this work 
was T ,  = 0.85, most of the tempera- 
tures considered were above 300°F 
and the Berthelot equation was ap- 
plicable. Rowlinson's values (15) were 
used for the force constants of metha- 
nol, acetone, and methyl fluoride. 
Values for ethanol, n-propanol, ethyl 
ether, isopropyl ether, and methyl 
ethyl ketone were calculated with the 
Berthelot equation. Rowlinson's values 
of e / k  and u for methanol and acetone 
agree well with the results calculated 
with Equation (7).  Table 1 shows 
the critical properties of the polar 
compounds and their homomorphs 
along with the calculated force con- 
stants used in Equation (5) .  

POLAR CORRELATION APPLIED 
TO PVT DATA 

Experimental PVT data were used 
in order to evaluate the polar contri- 

+ C ( T ) / V a  + . . . . . . 

(1 - 6T:/T2) ( 7 )  

TABLE 3. C-VALUES OBTAINED FROM 
EXPERIMENTAL DATA 

For water or ammonia no homomorph was 
used. Hence the results for these two sub- 
stances should not be compared with other 
c values. 

c value 
Enthalpy 

Compound PVT data data 

Methanol 1.00 1.00 
Ethanol 1.00 1.00 
n-Propanol 1.00 1.00 
Methyl fluoride 0.12 - 
Water 0.027 - 
Ammonia 0.10 - 
Acetone - 0.70 
MEK - 0.70 
Ethyl ether - 0.30 
IPE - 0.30 

bution to the compressibility factor as 
a function of P ,  and T,. First, values 
of Z,(P,, T , )  were calculated from the 
alcohol data of Ramsay and Young 
(12, 13, 1 4 )  for methanol, ethanol, 
and n-propanol. Their work covers the 
range of temperature and pressure 
that was used throughout this study; 
that is P,  = 0.2 - 0.9 and T ,  = 0.85 
- 1.05. This range covers most of the 
area in the gas phase of the standard 
pressure-enthalpy diagram. 

Since Z2(P,, T,)  was assumed to be 
the same function of P ,  and T ,  for all 
polar compounds, a ratio of P"/Z, for 
one alcohol to that of another alcohol 
at the same conditions will give the 
ratio of P* for the first alcohol to that 
of the second. Since these ratios were 
found to be roughly constant for all 
values of P ,  and T,,  it then could be 
assumed that P" was a constant for 
each alcohol. Although there was a 
great deal of scatter in the values of 
these ratios, there were no trends with 
P ,  and T,,  and hence average values 
of the ratios were computed. 

Because c was a constant within a 
chemical group, the value of n which 
best fit the data was obtained from 
the alcohol ratios. Let R, be the ratio 
of methanol to n-propanol and R, be 
the ratio of ethanol to n-propanol. 
Then 
R, = P"Z,(M)/P*Z,(P) 
= P " ( M ) / P * ( P )  = (p*nr/p*p)" ( 8 )  

ENTHALPY, B t u /Ib 

Fig. 4. Comporison of experimental and pre- 
dicted enthalpy values of n-propanol, c = 
1 .o. experimental, - - - - 

-- predicted. 

The average value of R, from the 
alcohol ratios was 1.92. From Equa- 
tion (8) 1.92 = (1.55/1.05)" or n = 
1.67. 

The values of n obtained from R,, 
R,, and R, = R J R ,  were average to 
obtain the value of 5/3. The average 
absolute deviation of the three calcu- 
lated values on n from 5/3 was found 
to be 2.5%. 

Using n = 5/3 and arbitrarily set- 
ting c equal to unity for the alcohols 
one can compute values of 2, as a 
function of P ,  and T,. A generalized 
graph of 2, is shown in Figure 1. 

The generalized graph of Za (P? ,  Tv),  
while obtained from alcohol data, 
might be expected to be valid for all 
polar compounds. All values of 2, are 
negative as was to be expected, since 
P" is positive, and the effect of polar- 
ity is to lower the compressibility fac- 
tor. Figure 1 shows - 2, to be an in- 
creasing function of P ,  and a decreas- 
ing function of T,. This was expected 
since an increase in pressure decreases 
the mean distance between molecules, 
increasing the polar effect. An increase 
in temperature gives the molecules 
more energy with which to oppose the 
polar effect. As the pressure approaches 
zero, the polar contribution P"Z, must 
go to zero. By extrapolating Figure 1, 
2, does appear to be nearly zero at 

ENTHALPY, B . l . u . / l b  

Fig, 5. Comparison of experimental and predicted enthalpy volues of  
ethyl ether and isopropyl ether, c = 0.3. experimental, _ _ _ -  predicted. 
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Fig. 6. Comparison of experimental and predicted enthalpy valuer of 
acetone and methyl ethyl ketone, c = 0.7. experimental, --_-- predicted. 

zero pressure. As the temperature in- 
creases, P' remains finite. In order for 
the polar contribution to be zero 
Z2(Pr, m) must be zero. This agrees 
with the trend, shown in Figure 1, of 
- Z,  to approach zero as T ,  increases. 

The reliability of Equation (4) for 
predicting compressibilities of polar 
substances is summarized in Table 2. 
The results of utilizing Pitzer's method, 
which does not include the polar con- 
tribution, is also shown for compari- 
son. For the three alcohols Pitzer's 
method gives an average absolute er- 
ror of 3.820/0, and the polar correla- 
tion yields 1.17%. 

The polar correlation was next com- 
pared with PVT data for compounds 
other than alcohols with the general- 
ized graph of Z, used. PVT data has 
been taken over wide ranges of tem- 
perature and pressure by Michel (9) 
for methyl fluoride. The homomorph 
of methyl fluoride is ethane. Pitzer's 
method was found to give an average 
absolute error of 6.03% for the com- 
pressibility factor as compared with 
Michel's data. With the value of n of 
5/3, as was found from the alcohol 
correlations, and c = 0.12, the polar 
correlation showed a 0.81% error for 
the same points. The value of c = 
0.12 was determined to give the best 
agreement with the observed data. 
Similarly calculated values of c for 
other polar substances are presented 
in Table 3. 

While PVT information is available 
for a number of Freons, the only data 
taken at pressure above P, = 0.2 was 
that for Freon 12 (10). Since the 
C-CI and C-F linkages have roughly 
the same dipole moment contribution, 
Freon 12 has a relatively small dipole 
moment ( p  = 0.51). Pitzer's method 
was found to give an excellent fit of 
the experimental PVT data; the aver- 
age absolute error was 0.41%. Such 
behavior indicates that Freon 12, like 
CHP, has a low c value. This sug- 
gests that the dipole moment is cen- 

tralized in the -molecule and blocked 
from neighboring molecules by the 
chlorine and fluorine atoms. 

Sulfur dioxide, which has a reduced 
dipole moment only slightly less than 
that of n-propanol, illustrates that the 
magnitude of the dipole moment alone 
cannot be used as a fourth parameter. 
Ryhning and Hurd (17) have pub- 
lished PVT data for sulfur dioxide 
which was compared with values ob- 
tained from Pitzer's correlation. An 
average absolute error of 0.91% (see 
Table 2 )  was obtained showing that 
the polar effect was much less than it 
was for n-propanol. 

Table 2 also includes comparisons 
for water and ammonia which have 
relatively high dipole moments. Suita- 
ble homomorphs are not available for 
these inorganic substances, so the 
properties of the compound itself were 
used td evaluate the first two (non- 
polar) terms of Equation (4) .  While 
the correlation should not be used in 
this manner when homomorphs can 
be postulated, it is interesting to note 
from Table 2 that improved agree- 

ment with experimental PVT data is 
obtained also for water and ammonia. 

A P P LI CAT I0 N TO EN T HA L PY DATA 

The change of enthalpy with pres- 
sure can be computed from compres- 
sibility data by 

(9) 

(aZ/aT), = (aZo /aT) ,  
= w ( a z , / a T ) p +  P*(aZ,/aT), (10) 

(awaP) ,  = (- T W P )  (az/xr), 

Differentiating Equation (4) one gets 

Each of the effects represented by the 
three terms on the right-hand side of 
Equation (10) will be considered sep- 
arately. Let H" be the ideal gas state 
enthalpy of some compound at a tem- 
perature T and let H be the enthalpy 
at this same temperature and an ele- 
vated pressure. Then by integrating 
Equation (9) 
[ ( H "  - H ) / R T o ] t  

= T,"Jfr (aZhw, ) ,d  (InP,) (11) 

The equation for the total change of 
enthalpy with pressure is 
[ ( H "  -H) /RT . ]  = [ ( H "  - 

H ) / R T c ] o  + [(Ha - H ) / R T , ] ,  + P' [ ( H "  - H ) / R T , ] ,  (12) 
where each of the terms on the right 
side are evaluated by Equation (11). 

Values of [ ( H "  - H )  /RT,] ,  and 
[ ( H "  - H )  / R T , ] ,  have been calcu- 
lated by Pitzer (10) as a function of 
reduced pressure and temperature. 

From Figure 1 (aZ,/aT,), was de- 
termined as a function of P ,  and T,. 
The results are given in Table 4. With 
Equation (11) values of [ ( H "  - H ) /  
RT,12 were computed and are pre- 
sented as Table 5. 

Equation (12) can be used to pre- 
dict the total enthalpy change for a 
polar compound for which P" is 
known. The quantities in the first two 
terms of the right-hand side apply to 

TABLE 4. ( az,/aT,) AS A FUNCTION OF P ,  AND T ,  

Reduced temperature 

P, 0.87 0.90 0.92 0.95 0.98 1.00 

0.2 0.50 0.40 0.33 0.23 0.15 0.12 
0.3 1.15 0.80 0.60 0.42 0.22 0.20 
0.4 - 1.36 1.00 0.70 0.50 0.35 
0.5 - - 1.50 1.20 0.70 0.45 
0.6 - - - 1.55 1.00 0.80 
0.7 - - - 2.30 1.65 1.20 
0.8 - - - 3.70 2.55 1.70 

TABLE 5. [ ( H "  - H ) / R T , I 2  AS A FUNCTION OF P, AND T ,  

P, 0.87 0.90 0.92 0.95 0.98 1.00 

0.0 
0.2 
0.3 
0.4 
0.5 
0.6 
0.7 
0.8 

0.000 0.000 0.000 0.000 
0.188 0.146 0.113 0.090 
0.433 0.324 0.254 0.203 - 0.591 0.449 0.361 - - 0.700 0.561 

- - 0.799 - 
- 1.09 - 1.42 

- - - - 

0.000 
0.064 
0.146 
0.254 
0.397 
0561 
0.763 
0.999 

0.000 
0.048 
0.105 
0.190 
0.295 
0.420 
0.588 
0.752 
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the homomorph of the polar com- 
pound; the values of n and c must 
also be known. In the following com- 
parisons the values of n and c used 
for the polar contribution were those 
determined from the previous analysis 
of the PVT data (see Table 3 ) .  

Experimental enthalpy measure- 
ments for methanol and ethanol have 
been reported by McCracken (8) and 
Storvick (19). The authors have meas- 
ured enthalpy data for n-propanol 
(2). The comparison of experimental 
enthalpy deviations and those com- 
puted from Equation (12) are shown 
for the three alcohols in Figures 2 to 
4. The average difference for the alco- 
hols was 7.8 B.t.u./lb. Neither the ex- 
perimental or computed values were 
consistently greater, as shown by Fig- 
ures 2 to 4. Hence it was concluded 
that the value of c = 1.0, as deter- 
mined from PVT data, best fits the 
alcohol enthalpy data. 

Experimental enthalpy data for 
ethyl ether, isopropyl ether, acetone, 
and methyl ethyl ketone were also 
available (2) to evaluate the validity 
of Equation (12).  For these sub- 
stances c values were not known from 
PVT data. However P” and hence c 
could be obtained which agreed best 
with the experimental enthalpy data. 
The results are given in the last col- 
umn of Table 3. 

Figure 5 shows the comparison of 
the experimental and computed en- 
thalpy values for ethyl ether and iso- 
propyl ether with c = 0.3. In similar 
fashion the values of c for the acetone 
and methyl ethyl ketone were found to 
be 0.7. The experimental and com- 
puted enthalpy values for acetone and 
methyl ethyl ketone are compared in 
Figure 6. 

While the calculated and experi- 
mental enthalpy deviations are near 
the experimental accuracy, the calcu- 
lated values are inherently not of high 
accuracy. This is due to the differen- 
tiation of the compressibility factor 
with respect to temperature in Equa- 
tion (10) which magnifies the error 
in the compressibility factor, perhaps 
five to seven times. Thus the polar 
theory may predict values of 2 to 
within 1%, yet the predicted results 
for ( H ”  - H )  may be in error by 5 
to 7% or about 4 B.t.u./lb. If to this 
is added the possible error in the ex- 
perimental enthalpy data of a few 
British thermal units, the expected dif- 
ference between computed and ex- 
perimental enthalpy deviations is of 
the order of 5 to 8 B.t.u./lb. The 
average deviation was about 7 B.t.u./ 
lb. for the alcohols, ketones, and 
ethers over the entire pressure range, 
as indicated in Figures 2 to 6. 

Because of these experimental and 

computational errors the values of the 
c factors in Table 3 obtained from 
enthalpy data must be regarded as 
approximations. Nevertheless, they are 
consistent with the idea that the di- 
pole moment becomes more shielded 
from neighboring molecules as one 
goes from the alcohols to ketones to 
ethers. 

CONCLUSIONS 

A correlation [Equation (4) ] has 
been proposed for predicting the PVT 
behavior of polar gases. The method 
predicts compressibilities for normal 
alcohols and methyl fluoride which de- 
viate about 1.0% from experimental 
data. This error is less than 1/3 of 
that obtained from previous methods. 

From the correlation developed it 
is possible to predict the change in 
enthalpy with pressure for polar com- 
pounds. The average deviation be- 
tween predicted and experimental en- 
thalpy data for methanol, ethanol, n- 
propanol, ethyl ether, isopropyl ether, 
acetone, and methyl ethyl ketone was 
about 7 B.t.u./lb. This is about the 
same as the deviation expected from 
experimental errors and errors from 
differentiating the PVT correlation. 

It has been shown that a parameter 
such as the reduced dipole moment 
cannot alone be used to obtain contri- 
butions to the compressibility factor 
or enthalpy of polar gases. A com- 
pound with a large dipole moment 
well-buried in the molecular structure 
will show little deviation from the be- 
havior of Pitzer’s normal fluids because 
the dipole is not able to interact with 
its neighboring molecules. Thus the 
significance of the dipole moment de- 
creases in proceeding from alcohols to 
ethers to ketones. Additional PVT 
data, particularly for highly polar 
substances, are needed to extend and 
further evaluate the correlation pro- 
posed. 

ACKNOWLEDGMENT 

?’ = absolute temperature 
V = specfic volume 
Z = compressibility factor 
c / k , o  = Stockmayer force constants 
EL = dipole moment 
w = acentric factor 

Superscripts 
Q = reduced or dimensionless, 

= ideal gas state 
= prime designates homomorph 

Subscripts 

0 = contribution of an inert gas 
1 = contribution due to acentric- 

2 = polar contribution 
r = reduced quantity 
c = critical value 
i 

quantity 
0 

ity 

= any of the contributions to 
the compressibility factor in 
Equation (10) 

LITERATURE CITED 

1. Buckingham, A. D., and J. A. Pople, 
Trans. Faraday SOC., 51,1173 (1955). 

2. Eubank, P. T., and J. M. Smith, J. 
Chem. Eng. Data, to be published. 

3. Eucken, A., and L. Meyer, Phydk. Z., 
30,397 (1929). 

4. Hirschfelder, J. O., C. F. Curtiss, 
and R. B. Bird, “Molecular Theory of 
Gases and Fluids,” p. 215, Wiley, New - *  
York ( 1954). 

5. Hougen, 0. A., and K. M. Watson, 
“Chemical Process Principles,” Vol. 2, 
Wiley, New York ( 1947j. 

6. Lambert, J. D., G. A. H. Roberts, J. S. 
Rowlinson, and V. J. Wilkinson, PTOC. 
Roy. SOC., A196, 113 (1949). 

7. Lydersen, A. L., A. R. Greenkorn, and 
0. A. Hougen, Eng. Exp. Sta. Rept. 
No.  4, University of Wisconsin, Madi- 
son, Wisconsin ( October, 1955). 

8. McCracken, P. G., and J. M. Smith, 
A.1.Ch.E. Journal, 2,498 ( 1956). 

9. Michel, A., A. Visser, R. J. Lunbeck, 
and G. J. Wolkers, Physica, 18, 114 
(1952). 

10. Pitzer, K. S., and R. F. Curl, Proc. 
Conf. Thermo. and Transport Prop. of 
Fluids, p. 1, London, England (1957). 

11. Pitzer, K. S., J. Am. Chem. SOC., 77, 
3427, 3433 ( 1955). 

Research Corporation, Diamond Alkali Roy. SOC. (London),  A178, 314 
Company, and Murphy Fellowship Com- 
mittee of Northwestern University. 

N OTAT I0 N 

Grateful acknowledgment is made for 
the assistance provided by the 12. Ramsay, W., and S. Young, Phil. Trans. 

( 1887). 
13. Ibid., A177, 71 (1886). 
14. Ibid., A180, 137 ( 1889). 
15. Rowlinson, T. S., Trans. Fmaday Soc., 

B ( T )  = second virial coefficient 
C(T) = third virial coefficient 
c = multiplication factor in the ber 25, 1960). 

form of P’ 
H = enthalpy ( 1945). 
n 

moment 
P = pressure 
P” = polar parameter Data, 5, 133 (1960). 

47, 120 (1951). 
16. -, Private communication (Octo- 

17. Rhyning, D. F., and C. 0. Hurd, Trans. 
Am. Inst. Chem. Engrs., 41, 265 

18. Storvick, T. S., Ph.D. thesis, Purdue 
Univ., Lafayette, Indiana ( 1959). 

19. - , and J. M. Smith, J .  Chem Eng. 

= power Of the reduced dipo1e 

Manuscript received March 6, 1961; revision re- 

1961. Paper p;esented at A.1.Ch.E. Los Angeles 
meeting. 

R = gas constant 
Rr = ratios Of P*z* Of one alcohol ceified J U Z ~  10 1961; paper accepted July 12, 

to another 

Page 122 March, 1962 A.1.Ch.E. Journal 


