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Introduction

Until recently there have existed no data whereby any theoretical for-
mulation of chemical equilibria in the case of real gases might be tested.
The publication of the experimental results on the ammonia synthesis
from the elements by Larson and Dodge! and by Larson,? therefore,
supplies valuable material for comparison with the calculations based
on a formulation of actual gas equilibria already some ten years old.

Besides the numerical data pertaining to a given equilibrium, there are
required also the fundamental constants of the equation of state for the
mixtures of gases entering into the chemical interaction. The studies
dealing with the equation of state problem at this Laboratory have es-
tablished that for a single invariable molecular species, the pressure is
a linear function of the temperature as higher temperatures are approached.
It is further indicated, on the basis of experimental data soon to be pub-
lished, that where the curvature of the isometrics can be accurately
measured, the departure from linearity is explainable by assuming a
quasi-association or aggregation of the single species to double or perhaps
higher-order species.® In the presentation which is to follow, it will be

! Tarson and Dodge, THIS JOURNAL, 45, 2918 (1923).

2 Tarson, tbid., 46, 367 (1924).

3 It is clear that if aggregation is admitted as the reason for the curvature of the
isometrics as small volumes and low temperatures are approached, the linearity of the
isometrics must logically be viewed as a limiting condition arrived at only as higher
temperatures and larger volumes are reached. However, the curvature is so small at
relatively small volumes that it is legitimate for many purposes to ignore the curvature
of the isometrics.
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assumed that single molecular species alone of the reacting gases are
present, reserving for a later paper the discussion of the manner in which
aggregation of one or more of the reacting gases affects the equilibrium.

The Equation of State of Mixed Gases

The equation of state for a single species under conditions of high
temperature and not too small volumes has been shown to be very approx-

imately as follows.
RT A

P T T e @
The existing data pertaining to mixtures are far too meager to enable a
definite conclusion to be drawn regarding the form of the equation of state
for mixtures. ‘The data available do show, however, that neither Dalton’s
additive pressure nor Leduc’s additive volume propositions are true in
general.

The desire to extend the thermodynamic treatment of gaseous reactions
to high pressures led several years ago to a systematic experimental in-
vestigation of the isometrics of nitrogen-methane mixtures. Non-reac-
tivity, large differences in the individual equation of state constants and
convenience of experimental temperature range (0-200°) were factors
which determined the choice of these two gases. The complete data
obtained by Dr. H. G. Burks are now about ready for publication and the
data* indicate that mixtures of these two gases follow the form of Equation
1 which represents the individual gases. Moreover, the constants for
the mixtures are given within the limits of experimental error by the
following equations.

Amie = (VAcadom + VA

Bumix- = BomadcHs + BN @)
Umix. = QCHMCHi +  aNeNa

Imix. = locmioms 4+ lenw

A generalized equation of state based on this result will be used in the
calculation of the increase of the equilibrium constant (K,) of the ammonia
synthesis with pressure. The equation is as follows.

RTZn, (SmvA;)2 )

b= V- Enlﬁlezmm/v - (V 4 2mh)?

The Potential Energy of Gases
v
The potential energy of a gas will be defined as the integral j; U/-

0v)rdy, where U is the internal energy of the gas and v the volume. The
thermodynamic equation (QU/dv); = T?[(dP/T)/dT], makes possible
the computation of the potential energy, and using Equation 1 there
results —A4 /(v + [). Equation 3, on the other hand, gives
—EmVANY(V + Znk) 4)
4 Burks, Thesis, Massachusetts Institute of Technology, 1924.
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The potential energy® as obtained through Equation 1 or 3 is a function
of the volume alone, aside from the numbers of the different molecular
species in the case of a mixture. The departure from linearity of the
isometrics, as already stated, has been assumed to be due to a quasi-
association or aggregation,® an effect which enters appreciably only as
lower temperatures are approached, or at high pressures.

The Specific Heat Capacity of Gases

The specific heat of one component in a mixture of gases has always
been assumed to be independent of the presence of the other gases, although
the truth of the assumption is not self-evident. Moreover, it is con-
spicuous that one of the most evident failures of the classical kinetic
gas theory is in connection with the accounting it gives of the specific
heat capacity of even a pure gas. On the other hand, the general problem
of obtaining an adequate theory of the specific heat capacity of gases is
of fundamental importance in completing our knowledge of chemical
equilibria. Indeed, the present expedient of employing for heat capacities
linear or quadratic expansions with temperature necessarily reduces the
formulations of equilibria to a semi-empirical procedure, whereby extra-
polation is made highly uncertain.” In this paper the usual assumption
of additivity of heat capacities will be retained.

The Entropy of an Actual Gas

The general equation for the increment of the entropy is
dS = (dU + aw)/T (5)
where U is the internal energy and W the reversible work performed by
the system. Where dW is given by pdv, Equation 5 becomes, for a sub-
stance of Species 1, where. C, is the constant-volume heat capacity,

dT 0
as = ¢, 5+ (527) dv ®)

The derivative (0p/97), may be found from Equation 1. Substituting
in Equation 5, and integrating, gives

5 Recent attempts to measure the potential energy directly (Joule's experiment)
have met with some success in the case of carbon dioxide. See Keyes and Sears, Proc.
Nat. Acad. Sci., 2, 38 (1925).

8 Keyes, THIS JOURNAL, 46, 1584 (1924).

7 Many formulations of physicochemical problems are based on empirical equa-
tions for gaseous heat capacities wherein the actually observed or apparent specific-
heat data are employed. Evidently in certain instances as, for example, the heat ca-
pacities of water, carbon dioxide and hydrogen, a correction should be applied to the ob-
served data to correct for the heat absorbed due to dissociation of the molecule. More-
over, in recent papers attempting to account for the ‘“‘vibrational specific heat’’ of hy-
drogen, “uncorrected’’ experimental values of the heat capacity of hydrogen have been
employed at temperatures approaching 2000°, whereas, according to the existing values
for the dissociation of hydrogen, a considerable fraction of the apparent heat capacity
is due to heat absorbed by the dissociating molecule.
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T dr dv o ,
Sl—ﬁ Cvl“T“I'Rfv_al‘l'Sl (6)

where S;° is the entropy constant for gas number 1. Evidently, since
C,, is not generally known as a function of the temperature, f C,dT/T
cannot be evaluated. The term R f'dv/(v — §) is also given by R log
(v — &) only as a first approximation.?

The change in entropy of a perfect gas, on mixing with other perfect
gases, was calculated by Gibbs.® Expressed in words, the Gibbs propo-
sition asserts that the entropy of a gas in a mixture at fixed pressure
and temperature is the same as it would be if it alone occupied the volume
of the mixture. Each of two gases, for example, #; moles and 7, moles
at the same pressure and temperature p and 7, are contained in com-
partments of volume V; and V; of a container with a removable partition.
The equations of state of the two gases, considered perfect, are Vi =
(RT/p)niand Vy = (RT/p)ns. The entropies are, therefore, given by the
following (Equation 6) equations, where S,°, S;° are constants.

S = nlfc1=1(dT/T) 4+ R m log Vl/nl 4+ mS5° (7
Sy = 1 C,(dT/T) + R nalog Vo/ne + 1:5:° (8)

After the partition is withdrawn mixing takes place, the pressure and
temperature remaining unaltered. The total volume V containing the
two gases is now V = V; 4 V,, and the equation of state of the mixture
V = (RT/p)(my + ns). According to Gibbs’ proposition the entropies
are

S = mSCo{dT/T) + R mlog Vim + mS:° 9)
S, = mef Cop{(dT/T) + R malog V/ny + #25:° 10

The equations of state of the separate gases and the mixture give the
following relations, since p and T are the same before and after mixing:
Vi/ny = Va/ne = V/(n + ns) and V/ng = V/(ny + no)xr;, V/ineg = V/-
(ny 4+ n2)xe, where x; is 11/ (1 + #ng), the mole fraction. Therefore, the
difference between Equations 7 and 9, 8 and 10 gives at once Rn; log 1,
Rns log x,, which are the magnitudes of the entropy change of mixing.
An actual gas is assumed to have molecules of finite size producing
a ‘‘volume effect” in the equation of state and a universal attraction,
the origin of the cohesive pressure. In Equation 1 the volume effect §
8 The integral f"dv/(v — §) has not been obtained in terms of ordinary functions.
As far as required for the present application to the ammonia equilibrium, the approxi-
mation is sufficient. It has been found, moreover, that the complete value of the in-
tegral differs but little from the approximation until quite small volumes are approached.
The complete integral, in fact, differs from Rlog (v — 8) by R S ds/(v — &), where ds =
(ad/v¥)dv. Approximately, the latter integral is of the order of —aB/2v2
9 Gibbs, Scientific Papers, Longmans, Green and Co., New York, 1906, vol. I,
pp. 156, 165.
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is a function of the volume because of the ‘‘sponginess’!® of the molecules
and the cohesive pressure contains a constant (/) related to a modification
in the law of attraction due to the dependence of the molecular polariza-
tion on density.

The conception of a perfect gas carries with it the notion of a molecule
of such small dimensions that the space for the motion and action of the
molecules is the volume of the container. The term (v — §), on the other
hand, in the case of an actual gas may be taken to represent physically
the volume of the gas diminished by the ‘‘volume effect” of the molecules
and termed the action space (Q). The term p + A/(v + I)? represents
the sum of the hydrostatic pressure and a pressure (cohesive pressure)
acting in the same direction as the hydrostatic pressure. It is proposed
to designate this sum by .

The equations of the pure gases will now be written =@ = RT ny, mo{ls =
RT ng, and the mixtures as 7 = RTZn;. Thus it is clear that if = and
T are held constant, @/n = Q&/ny = £/Zn;. The entropy equation
of 71 moles of a single gas may also be written from Equation 6’.

S1 = m fC,(dT/T) + R n log &/m + n Si° (11)

If it is assumed that a proposition similar to that of Gibbs is true for
an actual gas in which 7 and T are maintained the same before and after
mixing, the entropy of Gas 1 in the mixture of Gases 1 and 2, for example,
will become

Sy = m S C(dT/T) + Rmlog @/m + m 5° (12)

The difference in entropy is as before, R n; log %y, it being understood
that 7 and T instead of p and T were maintained the same before and after
mixing. The entropy Equations 11 and 12 evidently become identical
with Equations 7 and 9, as the volume increases indefinitely and = then
becomes identical with p.

The entropy Equation 11 in generalized form will be used in the compu-
tation of the equilibrium equation of an actual gas. The internal energy
U may be easily obtained through the equation Uy = f°C,, dT + (QU./-
ov)rdv + U,°, in which the second term of the right-hand member is given
for a mixture by Equation 4. The two fundamental equations required
are, therefore,

S = 2u, S Cu(dT/T) + R log @/m + Zm S,° (13)
U=3mSCadl — G40/ (V + Zul) + 20 U,° (14)
10 Professor T. W. Richards long ago introduced the idea of atomic compressibility.
In the equation of state (1) the 4 term depends on a similar conception in which the dis-
tances between the atoms are considered variable and responsive to variations in the
intensity of the electromagnetic field, due to the varying density of the molecules pro-
duced by changes in volume. The atoms, for the purpose of mathematical simplifica-

tion in the calculation of §, were assumed of invariable “size,’” it being considered that
their “hardness’ is very likely great in comparison with that of the molecules.
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The Equilibrium Equation

The free-energy equation of Helmholtz will be used because of the form
of Equation 1. The equation requires the total energy of the mixture
as well as the entropy of the mixture. Equations 13 and 14 may, therefore,
be substituted in the free-energy equation ¥ = U — T, giving the
following equation.

_ EmVA4):? f ar § Q
F= Zm f C’vl dT — (V—‘I——ETl) + zm U1 - TE’VH Cm —]:' - RTZ,nl log 171
- TEmS° (15)

For equilibrium, § Fr, = 0. In carrying out the variation, it is to be
noted that the variations é7n,, 6n,, etc., are proportional to whole numbers
v1, vg, etc., which are the numerical coefficients in the chemical equation,
with respect to which reaction equilibrium is assumed. Equation 15,
on rearrangement following the variation operation, becomes

Eullogxl — ElllUl EV] f(u dT+ E_V[fcv g_]; + 221’1\/141 zm A1

RT RT o T RT(V + Enlh)
_Zm ~Zma/V _ EmV A0? Znly E_nl_ —Zma/V IV
g Znhe RT(V F Snde T g 2hbe 7
EV] Sl - REV] Q
% t32» log u (16)

Equation 16 at large volume becomes

EV] U1 RT EV]fCﬂdT

dar
= | Cu ==
bl ”lf 1T . (Z01.5,° — ZpR)
TRT T8 T RT

R

_|_

Znlogx = — 7
an
which is the usual perfect gas equilibrium equation except for the fact
that the specific-heat terms have been retained in the integral form.
If C,, C,, etc. are constant, 2w f C,dT/RT becomes Z»C,/R, and
(ZnJS C,dT/T)/R becomes!t Zv;Cv;/R log T, whereupon Equation 17 re-

duces to

Eu]lal;} + i log 7 + =n le T + =30 Cy + 21;151" — ZnR
It is readily seen from Equation 17, as has been many times pointed out,!2
that a knowledge of the entropy constants and heats of reaction of the
reacting gases would enable chemical equilibria to be calculated without
actual equilibria data. It is to be emphasized, however, that a knowledge
of the S;° constants alone would not be sufficient to formulate correctly

Zplogx = —

11 The specific heat at constant volume has been used, since for substances whose
isometrics are linear in the absolute temperature C, is a temperature function only,
as may be seen at once from the equation dC,/0v = T9p?/0T?. The constant pressure
specific heat, on the other hand, is complicated; C, = C» + R/1 — ad/v? — 24/RT-
(v — 8/ (v + I)® from Equation 1.

12 Tewis and Randall, “Thermodynamics,” McGraw-Hill Book Co., New York,
1923, p. 453.
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a chemical equilibrium in the absence of a knowledge of the correct func-
tional form relating C, to the temperature.

Application to the Ammonia Equilibrium

The prevailing custom employed to represent equilibrium compositions
of a gaseous mixture requires the computation of the quantity Z»; log
x:p, where p is the total pressure of the equilibrium mixture. This quan-
tity may easily be found from Equation 16 by adding Zv: log p to each
side of the equation. Operating similarly with respect to Equation 17
and subtracting the latter from the former gives an equation for the log-
arithm of the ratio of the ordinary equilibrium constants K, and K,,
where the latter refers to the equilibrium constant as p approaches zero.
The general equation becomes

nV A 3 —Shia
R Ty = e
L e T el B

The tangent of the log K,/K,, p curve as p approaches 0 becomes,
from Equation 18,
an equation which is not identical, except for the term involving g8, with
a special equation obtained by Gillespie!® through considerations leading
from the fugacity rule of Lewis and Randall.’* This is to be expected,
however, since the treatment employed to obtain Gillespie’s equation
depends, among other things, on assuming the additivity of volumes of
the gases composing the equilibrium mixtures, whereas Equation 19 is a
special equation obtained by combining the constants of the individual
gases according to Equations 2 above, giving Equation 3.

It may be pointed out that although the pressure of a gaseous mixture
at very large volumes ought to be given approximately by assuming
either additive volumes or additive constants, nevertheless, the form of
the resulting mass-action laws at low pressures is not the same.

The constants of the gases pertaining to the ammonia synthesis are
given in Table I together with the other quantities required in computing
the quantity K,/K,, Argon is included because of its presence in the
equilibrium mixture used by Larson and by Larson and Dodge.

The constants for hydrogen and nitrogen are substantially the same
that Gillespie has used to compute the K,/K,, ratio. The constants for
ammonia are, however, different and depend on recent and extensive
p-v-T data for ammonia obtained by Lawrence.’> The ammonia molecule

13 Gillespie, THIS JOURNAL, 48, 28 (1926).
1¢ Ref. 12, p. 226.
13 Lawrence, Thesis, Massachusetts Institute of Technology, 1924.

Zy log px1 — Zu log poxy =

+ 3w log (18)

P (19)
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TABLE I
CoNsTaNTS FOR THE GaAs IN THE REAcTION %/;H, + !/:N, = NH;

Amg, = 0.159 X 10¢ VAg, = 03987 X 10° Bm, = 194 am = 5.9
An, = 1.288 X 10¢® VAx, = 1135 X 10* By, = 495 ayx, = 303
Axg; = 568 X 10¢ VA = 2.383 X 10® Bxm; = 814 axm; = 110.1
Ay = 158 X 10¢ VA, =1257 X102 8y =510 ay = O

lgy, = — 24 SunA4, = 12174 R = 82,06 cc./atm./mole

lyz = 62 Elllﬁl = 2755

lNHs = 31.5 Zvay = 86.1

ZA = —'100 Elllll = 320

possesses, like the water molecule, a natural or permanent electric mo-
ment in distinction from the hydrogen or nitrogen molecule which possess
no permanent moments. The aggregation effect is relatively large in
consequence for ammonia, and the constants in Table I were obtained
after ““correcting’” the isometrics for curvature. As a matter of fact,
when the curvature of the isometrics is neglected, the 4 and 8 values
both are large as compared with those obtained from the more nearly
linear isometrics at high temperatures where Equation 1 applies with
great exactness.

From Equation 18 there results the following equation for the ammonia
equilibrium, using the constants from Table I.

2”1\/2; =
i?$7175533 — 11.965

Z(m/A4,)?

— 0.16936 1—"_(—17(—|——En)1[-1_)—2
By means of this equation the numbers in the last column of Table II

=
Q

+ 37393 22 mmpemIna/V (20)

logio Kp/Kp = 12.886 —Zme/V. 4 Jogio n/p

TaBLE II

AymonN1A EQUILIBRIUM DATA OBSERVED AND CALCULATED FROM EQUATION 20
G.1.P. G H. P
Kyp/Kp Ku/Kpw Kp/Kp
t,°C. p,atm. NH, % nHy N2 7NHs Zn obs. obs, c:lcd.

375 50 19.44 1.1018 0.3268 0.3463 1.7814 1.0500 1.030
100 30.95 0.8669 .2486 .5029 1.6248 1.1400 1.096
450 50 9.17 1.3532 .4106  .1787 1.9489 1.041 1.011
100 16.35 1.1728 .3505 .2990 1.8287 1.095 1.039
300 35.50 0.7851 .2213  .5574 1.5702 1.344* 1.537 1.283
600 53.60 .5076 .1289  .7425 1.3854 1.993* 2.280 2.097
1000 69.40 .3138 .0642 .8717 1.2560 3.705° 4.238 5.889
475 50 7.13 1.4089 .4292 .1416 1.9861 1.029 1.008
100 12.98 1.2546 .3778 .2444 1.8832 1.068 1.028
300 31.00 0.8660 .2482 .5035 1.6242 1.358* 1.472 1.227
600 47.50 .5935 .1574 6852 1.4425 1.819" 1.972 1.858
1000 63.50 .3817 .0868 .8264 1.3013 3.106° 3.366 4.113
500 50 5.58 1.4526  .4438 .1125 2.0152 1.028 1.005
100 10.40 1.3207 .3998 .2004 1.9273 1.053 1.021
300 26.20 0.9587 .2791  .4417 1.6859 1.310° 1.349 1.177
600 42.10 0.6757 .1848  .6304 1.4973 1.724* 1.777 1.688

4 Extrapolated.
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were computed, using for the “»” values computed from the equilibrium
data of Larson and Dodge, and of Larson. The formulas used to compute
the number of moles are given below where a is the percentage of ammonia
formed from the original gaseous mixture containing 0.39%, of argon,
76.2% of hydrogen and 23.5% of nitrogen. Moles of ammonia = 2.1277
100/(100 4 a) = y; moles of hydrogen = 0.12127 4 3/, (1 — y); moles
of nitrogen = !/, (1 — y); moles of argon = 0.0064; total moles = 2,1277
100/(100 + a).

600 alm
S
N 8
i L ows*
£
)
3
1/ —>.
Fig. 1,—The ammonia equilibrium experimental results of Larson
and Dodge, and of Larson, —— (; computed values from Equation
20, — +.

Table II contains for comparison also the K,/K,, ratio computed
from the equations given by Gillespie,'® which represent the first series
(Larson and Dodge) of measurements of the equilibrium to 100 atm.
and the second series (Larson) to 1000 atm. ‘There is a discontinuity
between the two series and for this reason two columns are given in Table
IT headed G. L. P. and G. H. P, referring to Gillespie’s equations repre-
senting the low-pressure data and the high-pressure data. The low-
pressure equation has been used to extrapolate to the three higher pressures
for comparison purposes. In general, the computed ratios at 50, 100
and 300 atm. are lower than those observed, while at 600 atm. the com-
puted ratios lie between the two “‘observed’ ratios at the two temperatures

18 Gillespie, J. Math. Phys., Mass. Inst. Techn., 4, 84 (1925).
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450 and 475°. ‘The 1000-atm. ratios, however, are much larger than
the observed. It is of interest to observe that at higher pressures the
equilibrium-constant ratio shows a large variation with a comparatively
small change in the equilibrium composition. For example, at 450°
and 1000 atm. an increase in the percentage of ammonia from 68.4 to
71.0 changes the ratio from 4.24 to 4.85. Including the 100-atm. pressure
range, the calculated and observed ratios are in accord within 59, while
in the high-pressure range the ratios are in agreement as regards order
of magnitude. The percentage of ammonia deduced from the calculated
ratios is not, however, greatly different from the observed amounts of
ammonia at 300, 600 and 1000 atm. Fig. 1 exhibits the logarithm of
the computed ratios for constant pressures plotted against the reciprocal
of the absolute temperature.

The tedious computations necessary to secure the material for Table
II were made by Miss Charlotte T. Perry, for whose assistance the writer
is deeply grateful.

Summary

1. A generalized equation of state for mixtures is given applicable to
gases whose isometrics are linear. This equation is based on experimental
restilts obtained for binary mixtures of nitrogen and methane.

2. An equation for the entropy of a gaseous mixture is given which
becomes identical with the familiar entropy equation for perfect gases
at low pressures. By means of the entropy equation and the energy
equation, a general expression for the equilibrium constant (K,) is deduced
by using the thermodynamic function F = U — TS, the free energy for
temperature and volume as independant variables.

3. Comparison of the K,/K,, equation (ratio of K, at p atm. to
K, at zero pressure) with the experimental results of Larson and Dodge
and of Larson for the ammonia synthesis indicates tolerable agreement
to 600 atm. The computed results (K,/K,,) are lower than the experi-
mental results by several per cent. to 100 atm. The calculated ratios
(K,/K,,) at the three temperatures for which equilibrium measurements
exist at high pressures (Larson) are in agreement as regards order of
magnitude, the ratios observed and calculated being as follows.

¢, °C. 300 atm. 600 atm. 1000 atm.
450, obs. 1.537 2.280 4.238

caled. 1.283 2.097 5.889
475, obs. 1.472 1.972 3.366

caled. 1.227 1.858 4.113
500, obs. 1.349 1.777

caled. 1.177 1.688

4. Experimentally, log K,/K,, is practically linear in 1/7. 'This
cannot be strictly true for the computed values of log K,/K,, (Equation



June, 1927 ISOMETRICS OF GASEOUS METHANE 1403

20); nevertheless, numerically the linear relation does hold rather closely
over temperature range 375 to 500° (Fig. 1).
CAMBRIDGE, M ASSACHUSETTS

[CONTRIBUTION FROM THE RESEARCH LLABORATORY OF PHvsICAL, CHEMISTRY,
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Introduction

The interest which attaches to an accurate knowledge of the properties
of methane is two-fold. First, it belongs to that class of substances, of
which nitrogen, hydrogen and oxygen are further examples, which in the
sense of their dielectric behavior! may be said to possess no natural or
permanent electrical moment. Secondly, relative to the other members
of the above class of substances, the constants 4, 8, a and / of the equa-
tion of state are large, making it very suitable as a component with, for
example, nitrogen in binary mixtures. Molecular simplicity and freedom
from the possibility of chemical action in binary mixtures are indeed most
important in attempting to determine the equation-of-state constants in
mixtures as functions of the constants of the equations of state of the pure
components of the binary mixtures.

The present measurements represent a repetition of work already
carried out for methane some years ago.? However, in the interval, the
apparatus has been much improved in many particulars, not the least of
which is an increase in the size of the methane container or piezometer,
Thus the present container has a maximum volume of about 13.337 cec.
at 0°, whereas the earlier had a volume of 7.657 cc. In principle, how-
ever, the method remains the same as that in use for this class of work
for a number of years.

The earlier work gives smaller pressures for corresponding volumes
and temperatures, although above ‘30 cc. per g. the differences are
practically insignificant. At about 10 cc. per g., however, the differ-
ences are larger than would have been anticipated in spite of the small
size of the piezometer employed in the earlier survey. Thus at 0° the

! The importance of the dielectric constant in relation to the cohesive pressure
constant 4 has been made clear by Debye [Physik. Z., 21, 178 (1920)]. A recent paper
by Keyes and Marshall [THIS JOURNAL, 49, 156 (1927)] shows that for substances of
the simple character referred to, the ratio of the equation-of-state constants 4 and 8
(in per mole units) is approximately proportional to the Lorentz constant Py in the di-
electric equation V(D — 1)/(D + 2) = Py, whece V is the molecular volume and D

the dielectric constant.
? Keyes, Smith and Joubert, J. Math. Phys. Mass. Inst. Techn., 1, 191 (1922).



