A Review, Evaluation, and Correlation of the Phase Equilibria,
Heat of Mixing, and Change in Volume on Mixing for
Liquid Mixtures of Methane + Ethane

M. J. Hiza, R. C. Miller*, and A. J. Kidnay**

Thermophysical Properties Division, National Engineering Laboratory, National Bureau of Standards,
Boulder, Colorado 80303

The available experimental data for liquid-vapor equilibria, heat of mixing, and change in volume
on mixing for the methane - ethane system have been reviewed and where possible evaluated for
consistency. The derived properties chosen for analysis and correlation were liquid mixture excess
Gibbs energies, Henry’s constants, and K values. Data sets, selected on the basis of the consistency
tests applied, were correlated as functions of temperature and composition to provide internally
consistent sets of property values suitable for engineering design calculations.

Key words: Binary mixtures; data correlation; excess volumes; heat of mixing; liquid-vapor
equilibria; methane -}- ethane.

Contents
Page Page
1. Introduction .................... S 799 5.1. Liquid-Vapor Equilibria ............. .... 807
2. Review of Phase Equilibria Data .............. 799 5.2. Excess Volume (FE) ... ..ot 810
3. Pure Fluid Properties ............... ... ..., 801 6. Summary ........iiiiiiiiiiiiii e 811
4. Evaluation of Experimental Data .............. 802  Acknowledgments ................... e 813
4.1. Low-Temperature Phase Equilibria ........ 802  Notation ....vuveiiiiiiiiiiinriiiiniiiinnsenn. 813
4.2. High-Temperature Phase Equilibria ... .. ... 804 References ........ocviiriiiiiiienniienninnnans 813
4.3. Volume Change on Mixing and Heat of Appendix A. ............ e 814
Mixing (Excess Enthalpy) ........ ... ... 807 Appendix B. ............ e .... 815
5. Correlalion ..vveieiiiiniiiiiinninnennnns 807 Appendix C. ..., e e 816

1. Introduction

Accurate thermodynamic properties for mixtures of cryo-
genic fluids are necessary for current and proposed indus-
trial applications. Low-temperature processing of gas mix-
tures containing low-molecular-weight hydrocarbons is
increasing. Volumetric (P-V-T-x) data are required to
design fluid-handling equipment, custody transfer systems
and high-pressure separation processes. Phase equilibria
data are necessary for separation equipment design, and
enthalpy data are of direct use in heat exchanger design.

Experimental results are particularly important for bi-
nary systems, because these data form the basis for multi-
component mixture prediction techniques. Of the possible
binary systems, methane - ethane is perhaps the single
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most important system related to the natural gas industry,
and many experimental studies have been made on this
system. ’

A survey of important cryogenic fluid mixtures data
prior to January 1, 1975, has been made [1], and a
preliminary evaluation of liquid-vapor equilibria data for
the methane -} low molecular-weight alkane binary systems
is also available [2].

The objective of this work is to review, evaluate, and
correlate the liquid-vapor equilibria and certain related
thermodynamic properties data for the methane - ethane
system. The properties chosen for analysis are the excess
Gibbs energy, liquid-vapor equilibrium ratio, Henry’s con-
stant, excess enthalpy, and excess volume.

2. Review of Phase Equilibria Data

The ‘published liquid-vapor equilibria references for the
methane - ethane system are listed in table 1. The tem-

1 Figures in brackets indicate literature references at the end of this paper.
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TasLE 1. Survey of liquid-vapor equilibria data for methane - ethane

References

Experimental method

Approximate
temperature and
pressure ranges

Comments

Uehara (1932) [31]

Michels and
Nederbragt (1939) [4]

Ruhemann (1939) [5]

Guter, Newitt and
Ruhemann (1940) [6]

Levitskaya (1941) [71]

Bloomer, Gami and
Parent (1953) ;
Ellington, Eakin,
Parent, Gami and
Bloomer (1959) (8]

Price and Kobayashi
(1959) [9]

Chang and Lu (1967) [10]

Skripka, Nikitina,
Zhdanovich, Sirotin

and Benyaminovich
(1970) [11]

Hsi and Lu (1971) [121

Wichterle and
Kobayashi (1972) [13]

Wilson (1975) [14]

Davalos, Anderson, Phelps
and Kidnay (1976) [15]

Miller and Staveley
(1976) [161

Miller, Kidnay and
Hiza (1977) [17]

Static gas solubility measurements

Dew and bubble points estimated
from compressibility isotherms
passing through the two-phase

region

Flow method

Flow method

Recirculation

Dew-point, bubble-point

Vapor recirculation

Vapor recirculation

Vapor recirculation

Vapor recirculation

Vapor recirculation

Static

Vapor recirculation

Static

Vapor recirculation

140 to 155K (1 bar)

273 K (30 to 70 bar)

169K (1to 22 bar) ;
185K (1to 41 bar) ;
195K (2to 85 bar) ;
273 K (27 to 83 bar)

195 K (5 to 61 bar)

178 K (30 bar) ;
188 K (30, 41 bar)

140t0 300K (7 to
69 bar)

172X (7, 14 bar) ;
200K (7, 14,27, 42
bar) ; 228 K (14,27,
144K (7 bar) ;

42, 55 bar)

122K (0 to 2 bar) ;
171 K (3 to 21 bar)

123K (0to 2 bar) ;
133K (0to 5 bar) ;
143K (0 to 8 bar) ;
153 K (0 to 12 bar)

159 K (2 to 14 bar)

130 K (0 to 4 bar) ;
144K (0 to 8 bar) ;
158 K (0 to 15 bar) ;
172K (0 to 25 bar) ;
186 K (1to41bar);
188 K (32 to 43 bar) ;
190 K (1 to 45 bar) ;
191 K (1 to 47 bar) ;
192K (2to 48 bar) ;
194K (43 to 49 bar) ;
195K (36 to 50 bar)
200K (2 to 52 bar)

111 K (0 to 1 bar)

250K (13 to 67 bar)

116 K (0 to 1 bar}

160 K (0 to 13 bar) ;
180 K (1 to 28 bar)

Six T-x data points are tabulated at 1 bar total
pressure.

An approximate P-x-y diagram is presented, based
on two dew-point and two bubble-point estimates.

The measured isothermal data are presented only as
graphs. A table is given of T-x values at approxi-
mately 5, 10, 15 and 20 bar, as calculated from the
isotherms.

Revised values are given in tabular form for the 195

K isotherm of Ruhemann (1939).

The measurements were made on the hydrogen -
methane -+ ethane systcm, and only threc data
points are given for the methane - ethane binary.
Both references present the same data. Isothermal

P.x.y graphs are given at 172, 200, 233, and 273 K,
constructed by cross-plotting the data.

Measurements are reported for the methane -
ethane - propane system, including eleven data
points for the methane + ethane binary.

Liquid compositions and total pressures are reported.

Liquid compositions and total pressures are reported.

Liquid compositions and total pressures are reported.

2] bar = 105 pascal == 0.986923 atmosphere.
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perature and pressure ranges are given for all data, along
with the methods of measurement and comments concern-
ing the type of data presented.

Wilson [18] has recently reviewed the techniques com-
monly used for low-temperature liquid-vapor equilibria
measurements. Recent measurements for methane - ethane
have been by either the static method (at low pressures)
or the vapor recirculation method (at moderate to high
pressures). The choice of method relates to both ease of
operation and accuracy of the results.

The static method is particularly well suited to low-
pressure measurements for methane 4 ethane (tempera-
tures below 130 K). The liquid composition is usually
determined by adding known amounts of the pure com-
ponents to the equilibrium cell, and correcting for the
amount of material in the vapor phase. This procedure is
often more accurate than liquid sampling and analysis.
Generally only one datum point is obtained for each charge
to the cell. Only a small correction need be applied for the
amount of material in the vapor phase, which is predom-
inantly methane, and the gas-phase nonideality corrections
are small and can be estimated easily. A suitable method
is then used to accurately calculate gas-phase compositions
from the isothermal P-x data, such as those of Barker
[197; Van Ness, Byer and Gibbs [20]; or Christiansen
and Fredenslund [21]. -

The vapor recirculation system is popular for moderate
to high pressures because of its versatility and reliability.
Only a modest amount of material is required, and equi-
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librium is easily attained. With care, representative samples
can be withdrawn and analyzed, although sampling be-
comes difficult at pressures below 1 bar. Wide ranges of
temperature and pressure may be studied without changes
in technique. The cell may also be made visual for studies
with more than one liquid phase and for studies near the
mixture critical locus.

3. Pure Fluid Properties

Accurate pure fluid properties data are necessary in the
application' of most consistency tests and are often useful
in determining whether a set of experimental data suffers
from temperature or pressure measurement errors or sample
impurities. ‘

Fortunately, for both methane and ethane, the thermo-
dynamic properties have been recently evaluated and cor-
related by Goodwin [22,23], and the results are available
in both equation and tabular form. The critical properties
of the pure components as listed in references [22] and

[23] are:

CH, T. = 190.555 K
P. — 45.988 bar
V. = 100 cm?®/mol
CHy T.= 30533K
P, — 48.715 bar
V. = 147 cm®/mol

Vapor pressures from all studies are compared with
Goodwin [22,23] in table 2. There are no large discrepan-

TapLe 2. Comparison of experimental (EXPR) vapor pressures (bar) with those listed in compilations (COMP)

Methane Ethane

T,K EXPR COMP 2 A, % EXPR COMP ® A, % Reference
110.93 0.965 0.956 0.9 Wilson [14]
115.77 1.4034 1.4065 0.2 Miller and Staveley (161
122.04 2.23 2.21 0.9 0.005 0.0047 6 Chang and Lu [10]-
123.15 2.38 2.38 0.0 0.005 0.0055 9 Skripka et al. [111
130.37 3.72 3.76 ) 1.1 0.0129 0.0135 4.4 Wichterle and Kobayashi [13]
133.15 4.42 442 0.0 0.02 0.0186 7 Skripka et al. [11]
143.15 7.52 7.53 0.1 0.05 0.0521 4 Skripka et al. [11]
144.26 7.85 7.95 1.3 0.0580 0.0579 0.2 Wichterle and Kobavashi (131
153.15 11.95 11.98 " 0.2 0.13 0.1259 3 Skripka et al. [11]
158.15 14.69 14.79 0.7 0.1871 0.1868 0.2 Wichterle and Kobavashi {131
160.00 0.2173 0.2146 1.3 Miller et al. [17]
171.43 24.70 24.53 0.7 Chang and Lu [10]
172.04 24.93 25.07 0.6 0.4895 0.4884 0.2 Wichterle and Kobayashi [13]
19611 20,09 10.02 0.2 1.102 1101 0.2 Wichterle and Kohayachi [131
189.65 44.68 44.71 0 1.325 1.324 0.1 Wichterle and Kobayashi [13]
190.94 46.25 c 1.407 1.412 0.4 Wichterle and Kobavashi [13]
192.39 1.520 1.527 0.5 Wichterle and Kobayashi [131]
100.02 2.168 2.167 0.0 Wichterle and Kobayvashi [13]
250.00 L 13.02 13.01 0.1 Davalos et al. [15]

N 1 : . :

2 Reference [22].
b Reference [23].

¢ Reference [22] gives the critical temperature of methane as 190.555 K.
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cies from which definite conclusions can be drawn con-
cerning impurity or temperature scale and pressure prob-
lems. If reported, the actual experimental vapor pressures
were used in all evaluation work reported here. If experi-
mental vapor pressures were not reported the values were
taken from Goodwin.

4. Evaluation of Experimental Data

Evaluation or consistency testing of experimental data
may be divided into three general categories: internal
consistency tests which measure the scatter or imprecision
of a single set of measurements, mutual consistency tests

which seek to intercompare data from different sources, .

and thermodynamic consistency tests which attempt to
assess the correspondence of a given set of experimental
measurements to known thermodynamic relations. It is de-
sirable to use tests from all three categories for data
evaluation, but often it is difficult or impossible to do so.
The variety of experimental methods and the range of
operating conditions encountered in experimental measure-
ments generally make it impossible to apply only a single
test from each category to all the data for one system.

A description of the major categories of experimental
liquid-vapor equilibria data, along with a brief discussion
of the types of consistency tests presently available for
these data, will serve to illustrate the problems faced by
the evaluator. Liquid-vapor equilibria data are usually
found in one of three forms: 1) isothermal measurements
of P-x-y, 2) isothermal measurements of P-x, with y being
obtained by computation, and 3) measurements of dew and
bubble points for mixtures of constant composition. In each
category a further subdivision of the data may occur be-

tween low- and moderate-pressure regions where both’

components are subcritical, and high pressure regions
where one component is supercritical.

Graphical evaluations of the data, such as plots of
(y.P/Ps,) versus P, (K,P) versus P, and x, versus (P-P5,)
not only provide an excellent assessment of scatter among
data poiuts, but alsu provide a check on the temperature
and pressure measurements and material purity. For the
first two tests, as the system pressure (P) approaches the
vapor pressure of component 1 (Ps,), the term (y,P/Ps,)
must extrapolate smoothly to unity, and the term (K,P)
must extrapolate smoothly to (P%;). These tests may be
applied to dew- and bubble-point data only by extensive
crossplotting with resultant loss of accuracy, and any
graphical construction involving y is inapplicable to iso-
thermal P-x data. It is generally assumed that the authors
have performed these simple graphical tests. These methods
were not directly employed in this work, but the equivalent
of these tests is included in the work done here.

Thermodynamic consistency tests are usually based on
the Gibbs-Duhem equation, but these tests take a variety
of forms. The most widely used are discussed by Prausnitz

[24], Van Ness [25] and Van Ness, Byer, and Gibbs [20].
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Unfortunately, most thermodynamic consistency tests are
limited to the low-pressure region where deviations from
ideal vapor-phase behavior are either negligible or small.
The usefulness of one of the most widely used procedures,
the equal areas test, has been seriously questioned recently
[20]. A technique that has been used extensively in recent
years is the calculation of y from P-T-x data, and the com-
parison of the calculated y values with those obtained
experimentally. The works of Barker [19] and Christiansen
and Fredenslund [21] are examples of this method. The
evaluation of data at high pressures involves the introduc-
tion of an empirical equation of state, which normally
contains several adjustable coefficients that must themselves
be obtained from experimental data, and the interpretation
of the test results is thus often open to question.

I is apparent from the preceding discussion that the
evaluation of all the phase equilibria data for any binary
system is not an easily defined task leading to clear-cut
conclusions. It is a process requiring some subjective judg-
ments by the evaluator as to the applicability and inter-
pretation of the various consistency tests.

" For purposes of evaluation, the methane - ethane data
were put into two broad categories using a temperature of
0.9 (T.)CH, as the approximate dividing line. The differ-
ent tests that were applied to the data in the two tempera-

" ture regions are discussed in the following sections.

4.1. Low-Temperature Phase Equilibria

At temperatures where only low and moderate pressures
are encountered gas-phase nonidealities are not difficult to
determine, liquid-phase properties are nearly independent
of pressure, and liquid-phase activity coefficient behavior
is easy to model using the symmetric convention. The
typical upper temperature limit for such behavior occurs
at a reduced temperature of about 0.9 for the more-volatile
component. For the methane - ethane system this tempera-
ture is 172 K. Twelve of the fifteen references listed in
table 1 present data at 172 K or below. )

Initial screening of the data below 172 K was accom-

plished by intercomparison of the molar cxccss Cibbs

energies (GF). Parrish and Hiza [2] used the orthogonal
collocation method [21] to determine GF for the experi-
mental isotherms helow .the methane critical temperature
and presented a plot of the equimolar-mixture G® values
versus temperature. A similar plot has been presented [17]
based on Barker-method calculations [19]. These graphs
indicate that there are a number of experimental isotherms
in the 110 to 190 K range which yield equimolar G® values
consistent within about == 20 J/mol. However, there are
several isotherms which yield G® values considerably out-
side this band. Ten isotherms below 172 K were selected
by this technique for correlational purposes. One of these
isotherms was later excluded from correlation development
because of excessive scatter in the data. The remaining nine
isotherms are indicated in figure 1, where the equimolar
GE/T values at zero pressure derived from a Barker-
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method calculation (cf., Appendix A) are shown versus
reciprocal temperature.

The Barker-method calculations (Appendix A) were
used to obtain smooth G® values for the individual iso-
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QO Wichterle and Kobayashi [13], A\ Miller, et al., [17], <7 Bloomer,
et al. [8],

equation 2

Frcure 1. Excess Gibbs energies (GF) at zero pressure as a func-
tion of temperature for equimolar liquid mixtures of
methane - -ethane, determined by the Barker-method
analysis of Appendix A.

therms and to test for thermodynamic consistency where
possible. The virial equation truncated after the second
virial coefficient was used to describe the gas phase, and
three-term Redlich-Kister equations were used to represent
the composition dependence of GE at zero pressure. The
Redlich-Kister coefficients determined by least-squares fit-
ting of the P-x data are given in table 3. Standard devia-
tions are listed for each coefficient, along with average
deviations between calculated and experimental P and y
(where measured). For some of these isotherms the stand-
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ard_ deviation in the C term was larger than the value of
the coefficient, but the coefficients have been retained in
the table. Two isotherms (115.77 K and 171.43 K) stand
out as having. greatly different precision levels from the
test of the data. The 17143 K isotherm was not included
in any correlation work because of the poor precision level.
Since only the 115,77 K isotherm had a precision level
significantly higher than the rest, it was decided not to use
relative weighting factors in correlating the data.

Except for the 17143 K isotherm, all data for which
measured y values were reported appear to be thermo-
dynamically consistent. Deviations between experimental
and calculated y values are on the order of the uncertain-
ties in the composition determinations.

The Barker-method calculations were repeated using the
Peng-Robinson equation of state (described in a later sec-
tion) instead of the truncated virial equation to calculate
gas-phase fugacity coefficients. No significant differences
were observed between the two methods. Maximum dis-
crepancies in the equimolar G® values were approximately
3 J/mol.

Of the nine isotherms represented in figure 1, only the
four from references [13] and [17] are direct isothermal
measurements of P, x and y. The equal areas test was applied
to these four isotherms by plotting In (y:/v2) against x,.
Activity coefficients were calculated at zero reference pres-
sure using equations Al, A2, A12, and Al4, with the data
sources listed in Appendix A. The Peng-Robinson equation
of state was used to estimate gas phase fugacity coefficients.
Results of the test were that the difference of the absolute
values of the positive and negative areas divided by the
sum of those absolute values ranged from.0.2 to 0.4. From
the literature it is unclear whether these values are near
enough to zero for the data to be considered thermodynam-
ically consistent. Deviations from ideality are small for
methane - ethane, and activity coefficients are generally
less than 1.5, thus making an accurate determination of
In (y:/y.) difficult. Relatively small errors in the data

TasLe 3. Redlich-Kister coefficients from the Barker-method analyses of the individual selected isotherms
' CH, (1) + C,H, (2)
G® = xx, (4 + Blx, - x,) + Clx, - x,)?]

Coefficients, J/mol Average Deviations
TX A B C (|AP|/Ps,) X100 S Reference
110.93 4434 + 20* 38.8 & 272 10.5 + 452 0.49v Wilson [141]
115.77 496.1 + 2 100.6 = 3 203 x4 0.04 Miller and Staveley [16]
133.15 496.5 = 35 194.4 + 48 1721 =72 0.47 Skripka et al. [11]
143.15 526.8 = 35 213.9-+ 49 125.6 == 74 0.32 Skripka et al. [11]
144.26 611.5 =15 174.9 = 23 59.8 + 35 0.18 0.0009¢ | Wichterle and Kobayashi [13]
158.15 5775+ 17 296.4 = 29 -26.5 * 45 0.29 0.0018 Wichterle and Kobayashi [13]
160.00 621.1 =12 236.9 + 20 - 24.0 = 31 0.28 0.0007 Miller et al. [17]
171.43 678.3 = 113 281.8 =+ 162 392,7 = 217 112 0.0115 Chang and Lu [10]
172.04 761.3 = 30 288.5 = 45 142.4 + 68 0.39 0.0016 Wichterle and Kobayashi [13]
172.04 7209 =11 3172 15 132.5 + 22 L 0.08 0.0053 Bloomer et al. [8]

a Standard deviations in the coeffiicents.

b Average, absolute deviations between calculated and experimental pressures as a percentage of the methane vapor pressure.

¢ Average absolute deviations between calculated and experimental methane vapor mole fractions.
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or in the calculated gas-phase fugacity coefficients will
result in considerable discrepancies in the equal areas test.

4.2. High-Temperature Phase Equilibria

Two methods were used to evaluate the liquid-vapor
equilibria data at temperatures above 170 K, The ortho-
gonal collocation technique, as described by Christiansen
and Fredenslund [21], was used to calculate y values and
Henry’s constant from the experimental P-x data along
each isotherm. A comparison of calculated and experimen-
tal y values constitutes a form of thermodynamic consist-
ency test [20,21,26]. The method of Gunn, Yamada and
Whitman [27] was also used to intercompare the Van Laar
constants for ethane-rich liquid mixtures and to extract
Henry’s constants. Both calculational methods are docu-
mented in Appendix B. -

Consistency Testing With the Gibbs-Duhem Equation

Average absolute deviations are given in table 4 between
experimental y values and those calculated by the numeri-

cal method of orthogonal collocation. Data in the critical
region were not included for temperatures of 199.82 K
and higher, because the calculated y values for methane
invariably became much larger than experimental values in
this region. The greatest discrepancy always occurred at
the critical point, if this point was reported. Arbitrarily,
all data with liquid compositions within 10 mole percent
of the critical composition were not included in the aver-
ages. According to Christiansen and Fredenslund [21], if
the gas-phase equation of state is entirely adequate, the
deviations lAyl should not exceed the combined uncertain-
ties in the experimental composition measurements (Ax —+
Ay). For data of good quality, this experimental uncer-
tainty should not exceed 0.006; however, at the higher
temperatures shown in table 4 there may be some uncer-
tainty introduced through use of the modified Redlich:
Kwong equation for the gas phase. Even so, average |Ay|
values should not greatly exceed 0.010 at temperatures
ahave 200 K. Mast of the isotherms are consistent within
the indicated limits, the most notable exceptions being the
isotherms from the early work of Ruhemann [5].

TaBLE 4. Results of the orthogonal collocation and Gunn et al. methods

Orthogonal collocation [21] Method of Gunn et al. [27]
T,K ‘ Avgi Ay1| H,, bare H,,, bare A, mol/cm3 Data reference
17143 ) 0.011= 31.2b Chang and Lu {10]
172.04 0.006 24.1 Bloomer et al. [8]
172.04 0.002 23.1 Wichterle and Kobayashi [13]
173.15 0.014 311 Ruhemann [5]
180.00 0.002 329 Miller et al. [17]
183.15 0.017 39.8 Ruhemann [5]
186.11 0.003 33.5 34.0° 0.0028¢ Wichterle and Kobayashi [13]
189.65 0.003 34.4 36.9 0.0031 Wichterle and Kobayashi [13]
190.94 0.005 38.2 379 0.0034 Wichterle and Kobayashi [13]
192.39 0.008 36.6 38.7 0.0036 Wichterle and Kobayashi [13]
193.15 0.017 51.3 : Ruhemann [5]
199.82 0.011 46.4 Price and Kobayashi [9]
199.82 0.006 46.2 45.0¢ 0.00444 Bloomer et al. {8]
199.92 0.006 41.3 Wichterle and Kobayashi [13]
203.15 0.016 66.6 Ruhemann [5]
213.15 0.022 4.9 Ruhemann [5]}
227.59 0.011 72.3 70.3 0.0057 Price and Kobayashi {91
233.15 0.011 69.2 74.5 0.0054 _ Bloomer et al. [8]
250.00 0.009 86.9 91.2 0.0060 Davalos et al. [15]
273.15 0.006 98.1 105.2 0.0058 Bloomer et al. 18]

2 These are the average absolute deviations between calculated and experimental y values for methane. No data points were included with

liquid compositions within ten mole percent of the critical composition.

b The numbers in these columns are Henry’s constants at the ethane vapor pressure.

¢ These numbers are the Van Laar constants as described in reference [27].

4 These results represent an average arrived at by simultaneous consideration of data from all three data references [8,9,131.
e ] bar = 105 pascal — 0.986923 atmosphere.

J, Phys. Chem. Ref. Data, Vol. 8, No. 3, 1979
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Evaluation of Henry's Law Constant

Henry’s constants are reported in table 4 from both
orthogonal collocation [21] and the method of Gunn et al.
[27]. The former method uses a numerical extrapolation
technique, whereas, the latter method requires evaluator
judgment in using a graphical extrapolation procedure. A
Henry’s law plot of the isotherms considered using the
method of Gunn et al. is shown in figure 2. Straight lines
were drawn after consideration of all the data on this
diagram. This method yields Henry’s constants (as infinite
dilution intercepts) which show a relatively smooth de-
pendence on temperature. The resulting Henry’s constants
are plotted versus temperature in figure 3. They were fit
by least-squares  at temperatures up to 250 K by the
equation

Hy, = -132.5 + 0.8916 T (1)

with a standard deviation of 0.2 bar. Equation (1) is
shown as the solid line up to 250 K.on figure 3. The
dashed curve is from the correlation of Singh and Mukho-
padhyay [28].

Also shown in figure 3 are the Henry’s constants from
the orthogonal collocation program. They are generally in
good agreement with the results obtained using the method
of Gunn et al., however, they are more scattered. This
arises because only data for an individual isotherm were
considered in the calculation. Small systcmatic cxperimental
errors at the most dilute compositions can result in an
extrapolated Henry’s constant which may not be the best
choice. This can be clearly seen for the 233.15 K and
250,00 K isotherms (cf., figure 2}, where the collocation
method yields results below those obtained graphically.

The method of Gunn et al. also yields a Van Laar
constant for each isotherm, which describes liquid-phase
activity coefficient behavior. These Van Laar constants are
presented in table 4.

Critical Locus Evaluation

The available critical locus data are shown in figure 4.
There is good agreement between the data of Bloomer et
al. [8] and Wichterle and Kobayashi [13]. Reasonable
curves were drawn through these data. No attempt was
made to fit these data to particular functional forms.

50~
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Ficure 2. Henry’s law plot as proposed by Gunn et al. {27] for methane dissolved in
liquid ethane, where component 1 is methane. The lines were estimated as
those best representing a smooth family for all isotherms shown. The inter-
cepts are Henry’s constants (F,) at the pure ethane vapor pressure and
the slopes are the Van Laar constants (4) times the partial molar volumes

7.
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Frcure 3. Henry’s constants {(H,,) at the pure ethane vapor pressure versus tem-
perature for methane 4 ethane. Open symbol data were determined by the
method of Gunn et al. [27], and the closed symbol data were found by
orthogonal collocation [21]. The solid curve is a fit of the open-symbol data
(equation - (1) below 250 K), and the dashed curve is from Singh and
Mukhopadhyay [28].
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Ficure 4. Critical pressure and critical mole fraction of methane versus temperature
for methane + ethane. Solid curves are estimated best fits of the limited
data.
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4.3. Volume Change on Mixing and Heat of Mixing
(Excess Enthalpy)

Excess volumes for methane -}- ethane have been re-
ported by several investigators [35-38]. The only methods
available for testing this type of data are the graphing of
V2 versus composition to evaluate internal scatter, and com-
parison of midpoint V'E values versus temperature. These
methods were used to intercompare the available data, and
a corrclation of VE is presented in a later section.

Since only one set of- H® values is available [16], no
comparisons are possible.

5. Correlation
5.1. Liquid-Vapor Equilibria

There are a number of methods which can be used to
calculate liquid-vapor equilibria for mixtures of low-molecu-
lar-weight alkanes over wide ranges of conditions, including
the high-pressure region. These methods generally require
one or more binary interaction parameters for their appli-
cation. They might better be called correlational methods
than predictive methods when applied to binary systems.
Most of the calculational methods can be categorized as
1) a liquid-phase activity coefficient model combined with
a gas-phase equation of state, 2) a corresponding states
technique, or 3) the use of an equation of state for both
phases. '

Typical of the first method is the work of Prausnitz and
Chueh. [29], for which there has been additional correla-
tional work for light-hydrocarbon systems by Singh and
Mukhopadhyay [28]. A dilated Van Laar model is used to
describe liquid-phase activity coefficients, and a modified
Redlich-Kwong equation of state is employed for the gas-
phase fugacity coefficients and liquid-phase volumetric
behavior.

One of the most sophisticated of the corresponding states
approaches has been successfully applied to phase equilibria
and other thermodynamic properties of systems containing
low-molecular-weight alkanes and nitrogen by Mollerup
and Rowlinson [30]. This method is of the conformal
solution type, employing pure methane as the reference
fluid for which accurate P-V-T properties are assumed
known. :

Equation of state approaches have become quite popular
in the chemical process industry because of the relative
ease and speed of computer calculations. Equations of state
"with the least number of parameters have an inherent
advantage in this regard over those with large numbers of
coefficients. However, the latter are generally more accu-
rate in their description of pure-component properties and
may p1
work. Typical of this work is the procedure of Han and
Starling [31] using a modified Benedict-Webb-Rubin equa-
tion of state. The simpler equations have found applicabil-
ity for specific purposes, such as the calculation of liquid-
vapor equilibrium ratios (K values) for natural gas type
systems. Many of these calculational schemes employ modi-

ide a stronger basis for multi-property mixturc

fied Redlich-Kwong equations, a recent version being due
to Peng and Robinson [32]. Three parameters are required
for each pure component, although the equation of state is
applied to mixtures as if it were a two-constant equation.

In this work the low-temperature methane - ethane
phase equilibria data were correlated through the liquid-
phase excess properties G® and /I® combined with a virial
equation of state for the gas phase, while the high-tem-
perature data were correlated with the Peng-Robinson
equation of state. The use of different equations of state
for the two temperature regions was dictated by ease of
computer programming, and does not represent a judge-
ment regarding the applicability of the equations in differ-
ent temperature ranges. The results of these calculations
were then combined into a single K-factor chart covering

the entire temperature region.

Excess Properties (GE, H®)

Excess enthalpy (H®) data is a valuable tool in corre-
lating G® data, but the only available data are those of
Miller and Staveley [16] who list H® as a function of
-composition at 91.5 and 112.0 K. The form chosen for GE
at zero pressure is

M

G = xx, =
i=0 i

ai; T7 (xy — xa) iy (2)
0

H

which is a three-term temperature dependent Redlich-Kister
cquation with coefficicuts quadratic in temperature. The
corresponding equation for H® at zero pressure is

4o ac® ’
= = X1X»
[ a/T ]m T

(1 =T (xy—xar i (3)

M

R
3 ajj
Jj=n

Values of G® at each reported liquid composition for the
nine selected isotherms (the isotherms of table 3 with the
exception of 171.43 K) were fitted simultaneously with
the H® .data by minimizing the unweighted objective
function

. Y = 3 (GCFearc — CPpxer)” +
LVE data
points . \
82  (H%sic — HBexer)® (4)
H data
points

Weighting the H® data more heavily than the GF data
produced an inferior correlation. since the [/® data were
all at the lower end of the temperature range. The resulting
coefficients a;; are given with their standard deviations in
table 5. The C term in the Redlich-Kister equation (given
at any temperature by the last three a terms) is retained
cven though the standard deviation is of the same order
as the coefficient. All of the selected isotherms (table 3)
with one exception indicate a positive C term. Standard
deviation from the 89 combined experimental G® and H*®
values was 84 J/mol, with the maximum deviation of 18
J/mol occurring for a G® value at 172.04 K and a methane
mole fraction near 0.32. The solid line in figure 1 was
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calculated from equation (2). Root-mean-square deviation
between equation (3) and the 11 experimental H® values
was 7.4 J/mol.

Other forms were chosen for G® and H® in an attempt
to find a correlation. Equations due to Wilson {33] and
Liebermann and Fried [34] were used to correlate the
selected G® and H® data. In both cases standard deviations
from the experimental values were considerably larger than
standard deviations reported above for equation (2).

TaprLe 5. Coefficients for temperature-dependent Redlich-Kister equa-
tion determined by simultaneous fit of selected GE and
HE data

CH, () + CH, (2)

' ) ay; T (2 — x,)°

2 2
E —
GE =xx, 2

1=0 j=0
Coefficient Value @ Standard deviation 2

ago 587.69 50

doy ~ 40035 0.96
ags 0.027364 0.0042
a 337.01 112

ay - 56654 2.10
o, ) 0.032180 0.0091
2y 289.69 305

oy - 56884 5.35
Aoy 0.026933 0.0223

Standard Deviation in GF and HE = 8.40 J/mol.

a Units are such that GE is in J/mol with T in kelvins.

Comparisons have been made between the calculated
and the experimental isotherms. When calculating liquid-
vapor equilibria using equation (2), the same gas-phase

HIZA, MILLER, AND KIDNAY

equation of state and data should be used as indicated in
Appendix A. Bubble point pressures were calculated for
comparison with the experimental isotherms for which ¥
values were not measured. For comparison with the P-x-y
measurements, x-y values and K values were calculated at
the experimental pressures. The comparisons are given in
table 6 and figures 5, 6 and 7. Generally, the calculated and
experimental bubble point pressures agree within = 1%
and the mole fractions within = 0.006 for the isotherms
on which the correlation was based (upper part of table 6
and figures 5 and 6). Calculated K values for methane
averaged 1.59 different from experiment for these iso-
therms, while the average deviation for the ethane K values
was 5%. Average deviations for all properties were much
larger for the isotherms not used in the correlation (lower
part of table 6 and figure 7).

Representation of the excess Gibbs energies (GF) is
given by equation 2 and table 5, as derived from a simul-
taneous fit of selected G® data and the available H® data.
For mixtures in the mid range of compositions, the absolute
uncertainty in the GF values from the equation is estimated
to be about 5 J/mol at 110 K, rising to about 20 J/mol at
172 K. The larger uncertainty at the higher temperatures
is due to use of the truncated virial equation of state in
arriving at the G® values, restricting the temperature de-
pendence of G® to a quadratic form, greater scatter in the
phase-equilibria data, and the lack of H® data at tempera-
tures above 112 K.

Curves are shown in figure 8 of G® at zero pressure
versus composition at 110, 140 and 170 K, as calculated
from equation (2). For comparison, G® values were cal-
culated at 110 and 140 K from an equation by Miller and
Staveley [16]. This latter equation was based only on the
low-temperature G® and H® data of reference [16]. The

TasLe 6. Comparison of bubble point pressures and y-x values between: correlation and experiment

Average deviations 2
7,K (|AP!/PSI) X 100 | (AP/Ps;) % 100 |Ax,| Ax, [Ay1| Ay, Reference
110.93% 1.02 -0.95 Wilson [14]
115.77b a2t 019 Miller and Staveley [16]
133.15® 0.88 0.39 Skripka et al. [11]
143.15° 0.65 0.23 Skripka et al. [11]
144.26Y 0.0046 -0.0046 0.0011 0.0011 Wichterle and Kobayashi {131
158.15b 0.0048 0.0020 0.0013 0.0012 Wichterle and Kobayashi [131
160.00° 0.0036 0.0016 0.0006 0.0003 Miller et al. [17]
172,040 0.0066 -0.0060 0.0024 0.0024 Wichterle and Kobayashi [13]
172.04% 0.0033 -0.0033 0.0056 0.0056 Bloomer et al. [8]
123.15¢ 3.66 -3.12 Skripka et al. [11]
153.15¢ 1.64 -1.12 Skripka et al. {11}
122.04¢ 0.0945 -0.0945 0.0011 0.0011 Chang and Lu [10]
130.37 0.0150 -0.0150 0.0004 0.0004 Wichterle and Kobayachi [13]
159.21¢ 0.0190 -0.0190 0.0018 0.0018 Hsi and Lu [12]
171.43¢ 0.0214 -0.0049 0.0116 0.0095 Chang and Lu {10]

2 All deviations are “‘experimental” minus “calculated.” Subscript I refers to methane.

P Isotherms used in developing the correlation of equations 2, 3 and table 5.

¢ These isotherms were not used in developing the correlation.
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agreement between GF values from the two equations is
within about 5 J/mol between 110 K and 140 K.

TaBLE 7. Coefficients for temperature-dependent Redlich-Kister equa-
tion determined by fit of H® data

CH, (1) + GH, (2)
HE = x5, [(A, + A, T) + (B, + B, T) (x, - x,) ]

Coefficient Value 2 Standard deviation
A o 658.57 27
4, - 34311 0.26
B, 232.69 90
B, - 1.8753 0.90

Standard deviation in HE = 1.97 J/mol.
a {Jnits are such that HE is in J/mol with T in kelvins.

Equation 3 gives a representation of the excess enthalpy
(H®) data, as derived from the simultaneous fits to G® and
HE data, but this equation does not represent the H® data
within their estimated accuracy. A direct least-squares fit
of the zero pressure H® data at 91.5 K and 112.0 K {rom
Miller and Staveley [16] yields the results shown in table
7. Curves from this equation at 91 K and 110 K are shown
in figure 8. A two-term Redlich-Kister equation was used,

2|

22+

20+
172.04 K

PRESSURE, bar

MOLE FRACTION METHANE

@® A wichterle and Kobayashi (13},
O AMiller, et al. [17]

(%) ¥ Bloomer, et al. 8],

FIGURE 5. Isotherms in the low-temperature region for methane -+
ethane. Pressure is plotted versus both liquid and vapor
mole fractions of methane. The solid curves are based on
equatlivn (2) and the method described in section 5.1.

since the accuracy of the data does not justify more terms.

~ The coefficients were taken to be linear in temperature

because there are data for only two isotherms, The stand-
ard deviation between the calculated and experimental H*®
values is 2.0 J/mol, which is within the estimated experi-
mental uncertainty of 3.0 J/mol.

Equation of State

The Peng-Robinson equation of state was used to corre-
late the liquid-vapor equilibria data for the methane
ethane system. Somewhat different mixing rules were em-
ployed than given in the original reference. These rules
and other documentation concerning the calculations are
given in Appendix C. Two mixing-rule ‘deviation para-
meters were determined by optimizing the fit of calculated
y and x values to selected experimental results along iso--
therms. Some data points very close to the mixture critical
points were not used in the optimization scheme. For 140
data points on the 16 sclected isothcrms between 144 K
and 273 K, the average absolute deviation in the K values
was 2% for methane and 5% for ethane. Comparisons
between calculated and experimental data are shown in
figures 6 and 9.

100

T TUTTITIT
|

METHANE T

250.00 K

= 3
= 3
> .
i ]
e
0.1 -
oo ETHANE _
0.001 1 N A 1 N
i 10 100

PRESSURE, bar

O wichterle and Kobayashi [13],
et al. [8],

A\ Miller, et al. [17], </ Bloomer,
[1 Dbavales, et al. [15]

Ficure 6. K values (equilibrium ratios of gas-phase mole fraction y
to liquid-phase mole fraction x) for methane and ethane
versus pressure for isotherms of methane 4 ethane. The
sulid curyes at 172.04 K and lower lemperalures are fiom
equation (2) and the method deseribed in section 5.1;
while the solid curves for 180.00 K and above are from
the Peng-Robinson equation of state, as described in sec-
tion 5.1,
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Ficure 7. K values versus pressure for isotherms of methane +

ethane. The solid curves are from equation (2) and the
method described in section 5.1.
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FIGURE 8. Excess Gibbs energies (G'¥) at zero pressure from equa-
tion (2), excess enthalpies (HE) at zero pressure from
table 7 and excess volumes (VE) from table 8 versus
liquid mole fraction methane for methane -+ ethane along
various isotherms.
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K Value Chart

Four sources of information were combined to produce
the K-values for methane 4 ethane presented in figure 10.
Vapor pressures were taken from Goodwin [22,237. Below
172 K, the K-value ecalculational method .descrihed in sec-
tion 4a was used. This method is based on using a Redlich-
Kister equation for the liquid-phase activity coefficients
and the truncated virial equation of state for gas-phase
nonidealities. Above 172 K, calculations were made as
described above, based on use of the Peng-Robinson equa-
tion of state for both phases. The mixture critical points
were taken from figure 4.

The K-value chart spans the temperature range from
110 K to 250 K with pressures from 0.01 bar up to the
maximum mixture critical pressure of 68 bar. It is believed
that the accuracy of the ethane K-values is on the same
order as the chart can be read, which is about + 5%.
The methane K-values should he as acenrate as they can
be read from the chart.

5.2. Excess Volume (VE)

Volumetric data for methane -~ ethane have been re-
ported by several investigators [1]. Saturated liquid 7®
data were reported in references [35-38] between 91 K
and 140 K and were fit by least squares to a two-term
Redlich-Kister equation with coefficients quadratic in tem-
perature. The results are given in table 8. The standard
deviation between calculated and experimental ¥ is 0.02
cm®/mol and the maximum deviation is 0.06 cm?®/mol for
the 50 data points. There is overlap and good agreement
among ‘all the data sets. The data do not justify a third
term in the Redlich-Kister equation, and addition of such
a term does not improve the standard deviation. Excess
volumes from the fitting equation, combined with pure-
component molar volumes from Goodwin [22,23], should
yield methane - ethane liquid mixture molar volumes
between 91 K and 140 K accurate to approximately U.1%.

Curves from the equation in table 8 are presented in
figure 8 at 91 K, 110 K and 130 K as ¥® versus mole
fraction methane. The differences between V'® at zero pres-

Tasre 8. Coefficients for temperature-dependent Redlich-Kister equa-

s o

iion determined by it vf 72 daia
CH, (1) + C,H, (2)
VE=ux,x,[(4,+ 4, T+ 4,T2?) + (B, + B,T + B,T?) (x, —%,) 1

Coefficient Value 2 Standard deviation 2
A o -12.169 2.0
4, 0.23143 0.033
4, ~ 0.0012838 0.00014
B, 4.862 48
B, - 007204 0.083
B, 0.0001802 0.00035

Standard Deviation in VE = 0.020 cm3/mol.
a Units are such that ¥® is in cm?®/mol when T is in kelvins.



THERMODYNAMIC PROPERTIES OF METHANE + ETHANE

PRESSURE, bar

MOLE FRACTION METHANE

O A\ Davalos, et al. [15],
@® AvVichterle and Kobayashi [13]

® 7 Bloomer, et al. [8],

Ficure 9. Isotheims in the high-teinperaturc region for mecthane -+
ethane. Pressure is plotted versus both liquid and vapor
mole fractions of methane. The solid curves are from the
Peng-Robinson equation of state as described in section
5.1

sure and VP at the mixture saturation pressures are less
than 0.01 cm?®/mol for temperatures of 130 K or less.
6. Summary

Table 9 lists the liquid-vapor equilibria data found to be
consistent using the criteria discussed in the preceding sec-

811

tions. At temperatures below 172 K these data are repre-
sented by the Redlich-Kister equation of table 5 for the
liquid phase and the virial equation of state through the
second virial coeflicient for the vapor phase (Appendix A).
Above 172 K the data are correlated using the Peng-
Robinson equation of state (Appendix C.). The K-value
chart of figure 10 provides a convenient summary of the
phase equilibria over the entire temperature region of
interest.

G” values extracted from the selected phase-equilibria
data below 172 K are fit by the Redlich-Kister equation
of table 5. The only available data for the heat of mixing
[16] are consistent with the temperature dependence of
the selected G® data and are well represented by the Red-
lich-Kister equation of table 7. The excess volume data
from references [35-38] are consistent and are adequately
correlated by a two-term Redlich-Kister equation, table 8.

TaBLE 9. Summary of recommended liquid-vapor equilibria data

T,K Data reference
110.93 Wilson [14]

115.77 Miller and Staveley [16]
133.15 Skripka et al. [11]
143.15 Skripka et al. [11]

- 144.26 Wichterle and Kobayashi [13]
158.15 Wichterle and Kobayashi [13]
160.00 Miller et al. [17]

172.04 Wichterle and Kobayashi [13],
Bloomer et al. [8]2

180.00 Miller et al. [17]

186.11 Wichterle and Kobayashi [13]

189.65 Wichterle and Kobayashi [13]

190.94 Wichterle and Kobayashi [13]

192.39 Wichterle and Kobayashi [13]

199.82 Price and. Kobayashi [9],
Bloomer et al. [8]2

199,92 Wichterle and Kobayashi [13]

227.59 Price and Kobayashi [9]

233.15 Bloomer et al. [8]2

250.00 Davalos et al. [15]

273.15 Bloomer et al. [8]2

a These isotherms were obtained by cross-plotting of the original
dew-point, bubble-point data.
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Notation
Symbols

A = Van Laar constant, mol/cm?

A" = constant in equation Al3

A'B’,C" = constants in equation All

AnAi.A>, = Redlich-Kister coefficients (tahles 3,7,8)

B,,B.,B;

a, b = equation-of-state constants (Appendix C)
or constants in equations A9, A10

c = constant in equations A9, A10

B — second virial coefficient, cm®/mol

f = f{ugacity, bar

G = excess Gibbs energy, J/mol

Hi, = Infinite dilution Henry’s constant, bar

HE = excess enthalpy or heat of mixing, J/mol

jiz» k12 = equation-of-state interaction constants
(Appendix C), dimensionless

K W = y/x

P — pressure, bar

R — gas constant

T = absolute temperature, K

v = molar volume, cm?3/mol

VE = excess volume, ¢cm3/mol

v partial molar volume, cm?/mol

I;: —  partial wolar volume of component 1 at
infinite dilution, cm®/mol

x = liquid mole fraction

Y = ohjective function defined by equation 1

¥ = vapor mole fraction

Z = PV/RT

a = coeflicients in the temperature-dependent
Redlich-Kister expressions (equations 2
and 3, table 5)

B = isothermal compressibility

o = standard deviation

P == volume {raction, dimensionless

¢ = {ugacity coefficient, dimensionless

Subscripts

1 = methane

2 — ethane

c = critical

component ¢

Superscripts
(Pr) = evaluated at the reference pressure,
Pr=90
S = saturation conditions
V = vapor
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Appendix A. Barker-Method Calculations for
CH: (1) + C:H: (2) Along Isotherms Below 172 K

From the equality of component fugacities in the equi-
librium vapor and liquid phases, the symmetric-convention

form of the phase equilibrium relation can be written as

Py (PY) VidP
PYi(f’i = fpurei Yi X3 €Xp f T (Al)
RT
Pr
where,
Pr
pry. V.dP
fp(ure)i = Psi‘}”si exp j (Az)
o BT

The assumptions utilized in applying equation (A1) in the
present work were as follows:

1. The density form of the virial equation of state, trun-
cated after the second virial coefficient term, can be used
to calculate fugacity coefficients for pure gases ($%;) at
their respective vapor pressures and for components in the
gas mixture {$;) at P, T in equilibrium with the liquid
mixture.

2. The three-term Redlich-Kister equation can be used
to describe the composition dependence of the liquid-phase
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activity coefficients at the reference pressure (Pr) on an
isotherm at temperature T. Reference pressure was taken
as zero in this work.

3. The pure-component isothermal compressibilities (3;)
are not functions of pressure and may be taken as those
for the pure saturated liquids.-

4. The excess volume (F'®) for the liquid mixture is not
a function of pressure and may be taken as the value for
the saturated liquid mixture.

5. The composition dependence of the saturated: liquid
mixture V'® can be approximated by a.one-term Redlich-
Kister equation on any isotherm.

With these assumptions the equations are

2
Ing, = ? (yiB1s + yyB4;) — InZ (A3)
PV B
l = — =1 — (A4)
RT + vV
2 2
B= 3 3 ;9B (A5)
2B;;
Ings; = —In Z5; (A6)
Vs; ‘
P Vs; Bi;
75, — — =14 (A7)
RT Vs,

(GPY ") — symy [A 4 B (2, —%2) + C (z1—%2)%] (A8)

RT In yl‘Pr) = a, 8% + b, %% - ¢ x*,  (A9)
RT In y:®") = ag 2% - by 2 + o 2, (A10)

a, = A’ + 3B + 5C'
a, = A' - 3B 4 5C

b, = — 4(B’ - 4C") (A11)
b, = 4(B - AC")
¢ = ¢, = 12C
Si Si I)_[)s‘i 2 .
v ydp — s, (P oy BV P g0
P 2
VE —= A" xx, (A13)
S (V- V.)dP = A” x2, (P — Pr) ~ (Al4)

A brief discussion of the assumptions will follow. For
maximum accuracy of derived G® values, third virial co-
efficient terms should have been included at temperatures
near 170 K. There is no experimental information regard-
ing ethane or cross third virials at temperatures this low,
thus, no third virial terms were used. As long as the same
truncated virial equation is used in calculating liquid-vapor
equilibria as was used in developing the empirical liquid
activity-coefficient equations, no significant uncertainties
should have been introduced from this source.

The assumptions regarding representation of the com-
position dependence of the activity coefficients and the
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non-pressure-dependent behavior of liquid isothermal com-:

pressibilities and excess volume should be quite satisfactory.
It is known that the dependence of the liquid-mixture
excess volume on composition is somewhat asymmetrical at
temperatures below 135 K. However, the V'® term in the
phase-equilibria equations is completely insignificant below
140 K, and there are no data above this temperature. It
was decided that the uncertainties in extrapolating the
available data would be larger than any errors involved
with neglecting asymmetry. The V® term is not of great
importance, even at 172 K, and little error should have
been introduced through use of the extrapolated V® values.

Detailed Barker-Method Procedure

1. Input data: T, P, V5, V*,, 85, %, Bi1, Bas, Bre, A",
initial guess for A’, and x;-P-y, for each data point
(including x; = 0, 1).

9. Calculate VE, ¥, ~V, and V; — ¥, for all liquid com-
positions using equations (Al3) and (Al4).

3. Calculate ¢° and ¢*; using equations (A6) and (A7).

4. Calculate initial gas phase compositions as y, =
Ps1%: /P, v, = P%,%,/P for a data point (x,).

5. Calculate the activity coefficients y;‘® and v,'® from
equations (A9), (A10) and (A1l) for the data point (x;).

6. Calculate ¢, and ¢, using equations (A3), (A4) and
(A5) for the data point (x,).

7. Solve the phase equilibrium equation (Al) for ¢,
and y, (they are not forced to sum to 1.0).

8. Iterate back through 6 until y, and y, have separately
converged (they still need rot add to 1.0).

9. Calculate P = Py, + Pys.

10. Iterate back through 4 wuntil all x,’s have been
processed.

11. Increment A, B’ and C’ by solving the normal equa-
tions resulting from the least-squares procedure.

12, Tterate back through 4, reprocessing all data points
on each iteration, until 4’, B’ and (’ separately converge.

13. Calculate standard deviations in 4’, B’ and €’ from
the variance-covariance matrix resulting from the inverse
of the normal matrix.

14. Print out results: 4’, B, ', o(4’), o(B’),
P(xl), J’l(%)a ‘}’2(5\71), 71(0) (x1)7 Yz(o)
ba(x;), G5O ().

a(C’),
CANENCAR

Data Sources

Bis, V54, 8% and P%; (only where P5, was not
reported with the phase-equilibria data).

Reference 22:

Reference 23: V%, 85, and Ps, (where PS; was not reported
with the phase-equilibria data).
Reference 39: By, and Bys, using T02 = 305.50 K
V., = 141.72 cm®/mol
T, = 24128 K
V.. = 119.65cm®/mol

Cyz

Reference 38: T,K A”, em®/mol
110 -2.2
130 -3.7
150 -6.4
160 -8.0 extrapolated
170 -13.5

Appendix B. Calculational Methods Used for
Data Above 172 K

Orthogonal Collocation

The -orthogonal collocation method using the unsym-
metric convention was exactly as described by Christian-
sen and Fredenslund [21]. Orthogonal collocation is a
numerical technique which is used to integrate along the
saturated liquid mixture curve the partial. differential co-
existence equation resulting directly from the Gibbs-Duhem
equation. P-x data along isotherms were processed to deter-
mine Henry’s constants (H,;) and vapor-phase composi-
tions (y) in the present work.

The computer program was obtained directly from the
reference [21] authors. Input data, other than T-P-x data,
included pure-component critical properties, acentric fac-
tors and Redlich-Kwong constants, as well as a binary
parameter for deviation from the geometric-mean mixing
rule for critical temperatures (k,,) and binary correlating
parameters for mixture critical temperatures (T.,,) and
critical volumes (V.,,). All of these data were taken di-
rectly from reference [29].

All collocation results reported here were calculated using
14 collocation points. Only minor differences in results were
found with 8 to 14 collocation points for nearly all of the
experimental isotherms.

Henry’s Low  Craphical Mcthod

The calculational method was exactly as described under
the section “Determination of Henry’s Constants” in an
article by Gunn, Yamada and Whitman [27]. This method
utilized the unsymmetric form of the phase-equilibrium
relation with a Van Laar equation to describe liquid-phase
activity coefficients and a truncated virial equation for gae-
phase nonidealities,

The computer program was obtained directly from the
above authors [27]. Only T-P-x-y data from the liquid-
vapor equilibria references were required as input. Data
points were included only for methane mole fractions less
than 0.5. '

Correlations in the program yielded the virial coefhcients,
vapor pressures and liquid volumetric data necessary to
perform the Henry’s law analysis. The vapor pressures were
found o be within 0.3% of those listed iu references [22]
and [23]. Liquid volumes from the program were close
enough to known values so that errors from this source
would be small.
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Appendix C. Liquid-Vapor Equilibria With the
Peng-Robinson Equation of State

Peng and Robinson [32] have proposed a modified
Van der Waals equation of state for the calculation of
thermodynamic properties. The development of the equa-
tion and its applications may be found in the original
reference.

For this work, the equation was applied to the methane
-+ ethane system in the following manner.

1. The value of the constant “b” in the equation was
determined as proposed by Peng and Robinson [32].

2. The values of the constant “a” in the equation were
obtained for both methane and ethane by determining the
value of “a” such that the relation f* — {V is satisfied at
all points along the vapor pressure curves of both pure
methane and ethane. The results obtained differ by < 1%
from the values obtained using the correlation proposed in
[32], thus the original corrclation was uscd in all work
reported here.

. 3. The mixing rules used were:

a = ¥y%a; + 2¥1¥:2012 + Y02
g = (0102)1/2 (6212/b1b2)1/2 (1 - k12)
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b = J’Zlbl + 23/1)’2612 + y2262

1/3 1/3
by, = [(%) (1+j12)]3

The same relations were used in the liquid phase. These
mixing rules are not those proposed in the original
reference.

4. The optimum values of j;, and %,, were obtained by
applying a minimization technique proposed by Powell
[40] to selected isotherms. For each isotherm, the values
of ji» and k;; were determined to minimize the value

Ixexp - xcalc‘ + b’exp - ycalc] :
2 (number of data points)

5. Overall values for ji» and k. of 0.0066 and 0.025
respectively, were then obtained by using a weighted aver-
age bascd on the numbcr of data points for cach isothorm.
Analysis of interaction virial coefficient (B,.) data for the
temperature region 273 to 323 K {41-43] produces ki»
values ranging from 0.004 to 0.019.



