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a b s t r a c t

The solubility of xenon in liquid cyclopentane has been studied experimentally and theoretically. Mea-
surements of the solubility of xenon in liquid cyclopentane are reported as a function of temperature from
254.60 K to 313.66 K. The imprecision of the experimental data is less than 0.3%. The thermodynamic func-
tions of solvation of xenon in cyclopentane, such as the standard Gibbs energy, enthalpy, entropy and heat
capacity of solvation, have been calculated from the temperature dependence of Henry’s law coefficients.
The results provide further information about the differences between the xenon + cycloalkanes and the
xenon + n-alkane interactions. In particular, interaction enthalpies between xenon and CH2 groups in n-
alkanes and cycloalkanes have been estimated and compared. Using a version of the soft-SAFT approach
developed to model cyclic molecules, we were able to reproduce the experimental solubility for xenon
in cyclopentane using simple Lorentz-Berthelot rules to describe the unlike interaction.

© 2011 Elsevier B.V. All rights reserved.

1. Introduction

Cyclic molecular structures are very common in nature. Conse-
quently, the study of their thermodynamic behaviour, in particular
cycloalkanes, has always been a matter of great interest and an
attractive research field from both experimental and theoretical
points of view [1]. However, the number of theoretical approaches,
which can provide a reliable and accurate description of the ther-
modynamic behaviour of cyclic molecules and their mixtures, is
rather small, compared with those dealing with linear molecules.
n-Alkanes and cycloalkanes, though essentially formed by the same
type of chemical units (CH2 groups), display rather different phys-
ical behaviour either as pure substances or in mixtures. Many
studies have compared the thermodynamic behaviour exhibited by
cycloalkanes with that of their corresponding n-alkanes, i.e., linear
molecules with the same number of carbon atoms. In general, it is
found that cycloalkanes are less volatile, denser and have higher
vapourization enthalpies than their linear analogues. This has been
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interpreted as a result of stronger attractive interactions between
cyclic molecules, ultimately due to their different molecular struc-
ture (electronic structure and shape) and organization in the liquid
state [1].

Cycloalkanes can be divided into three categories: (1) long chain
cycloalkanes, with more than 9 carbon atoms. These adopt molec-
ular conformations that basically resemble double chain linear
alkanes; (2) medium chain cycloalkanes, 6–9 carbon atoms. These
molecules, of which cyclohexane is by far the most studied one,
are quasi-spherical globular molecules. They can act as ‘structure
breakers’ when mixed with long n-alkanes, i.e., they disrupt the
short-range orientational order of n-alkanes, giving rise to posi-
tive contributions to the excess enthalpies and entropies; (3) short
cycloalkanes, with 5 carbon atoms or less. These are rigid, plate
like anisotropic rotors. Rotations around C–C bonds are hindered,
resulting in almost eclipsed conformations of the CH2 groups. The
distortion of the bond angles causes a large strain and displaces the
electronic density out of the ring. These important differences at the
molecular level could be expected to influence the intermolecular
interactions between CH2 groups of small cycloalkanes [1].

Liquid state properties are known to depend considerably on
the organization of the fluid, for which molecular shape (repulsion
forces) is a key factor. With that in mind, we have under-
taken a number of studies with the purpose of assessing the
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effect of the molecular shape on the thermodynamic behaviour
of liquid mixtures, in particular those involving cyclic molecules
[2,3]. From the experimental point of view, binary mixtures such
as xenon + cyclopropane [4] and xenon + cyclobutane [5] have
been investigated and the results compared with those of mix-
tures containing the linear analogues xenon + propane [6] and
xenon + butane [7]. In general, we have found that mixtures con-
taining a cyclic component exhibit larger positive deviations from
Raoult’s Law (and consequently larger values of GE), but more neg-
ative excess volumes and enthalpies than those containing a linear
analogue. These results have been explained using the so-called
“condensation” effect proposed in the 1970s by Patterson et al. [8].
According to this effect, linear alkanes would “condense” at the sur-
face of highly branched, rigid and sterically hindered molecules,
with a restriction of its molecular motion and hence giving rise to
negative contributions to excess enthalpies and entropies and pos-
itive additions to excess heat capacities. This effect was also used
to explain the results exhibited by mixtures involving cyclopen-
tane [9,10], whose plate-like anisotropic molecular structure would
favour the condensation of n-alkanes on its surface. Since cyclo-
propane and cyclobutane are also plate-like anisotropic rotors, it
was suggested that a “condensation” type phenomenon could arise
between these molecules and xenon, a particle with a high polar-
izability, which enhances the dispersion forces [4,5].

In order to accurately predict the thermodynamic properties of
complex systems from a theoretical point of view, it is essential
to incorporate explicitly the molecular features of a given sys-
tem. There are in the literature a number of approaches to predict
the thermodynamic properties of complex substances and their
mixtures. In this work we focus on the use of a molecular-based
formalism, the so-called soft-SAFT equation of state proposed by
Blas and Vega [11,12]. We suggest the book of Sengers et al. [13]
for readers interested on the details of this and other molecular
theories.

The Statistical Associating Fluid Theory (SAFT) is a molecular-
based equation of state, originally proposed by Chapman et al.
[14,15] based on Wertheim’s first-order Thermodynamic Perturba-
tion Theory [16–21], specially suited to predict the thermodynamic
properties of chain molecules and associating substances. In this
approach, the different microscopic effects are accounted for in sev-
eral contributions to the Helmholtz free energy. In particular, the
theory explicitly takes into account the molecular non-sphericity
of chain molecules, flexibility, and specific interactions (hydrogen
bonding), among others. Since its development, the SAFT approach
has been used to predict the phase equilibria of a wide variety of
pure components and their mixtures, and it is presently consid-
ered one of the most powerful predictive tools for the study of the
fluid phase equilibria. For a more detailed description, we recom-
mend the reviews of Müller and Gubbins [22] and Radosz et al. [23].
More recently, there have been new developments related with the
formalism of SAFT that are not included in the previous reviews
[24–26].

In this work we have extended the study of systems involv-
ing xenon and cyclic molecules to consider xenon + cyclopentane
solutions. The solubility of xenon in liquid cyclopentane has been
measured as a function of temperature from 254 K to 314 K and
Henry’s law coefficients calculated. This system had been previ-
ously studied by Pollack et al. [27] in the range 278.15–303.15 K.
The present work not only doubles the temperature range of the
available results, but also provides experimental data with a preci-
sion that allows the calculation of the thermodynamic properties
of solvation as a function of temperature and therefore the calcu-
lation of second derivative properties, such as the heat capacity of
solvation.

The results were interpreted using an extension of the soft-SAFT
equation of state that deals with ring molecular structures [3,28].

For comparison, we have also calculated the solubility of xenon in
n-pentane. This procedure allows examining the effect of changing
a linear alkane by a cyclic alkane on the thermodynamic properties
of a given mixture.

2. Experimental

The cyclopentane used as solvent was from Acros, analytical
reagent, with 99% (mol/mol) minimum stated purity. The liquid
was purified by distillation in an inert atmosphere of dry nitrogen.
The final purity was confirmed by checking its vapour pressure,
after degasification, at two temperatures. Deviations from litera-
ture values [29] were found to be 0.39% at 258.33 K and −0.21%
at 277.17 K. The xenon used was from Linde Gas with 99.99%
(mol/mol) minimum stated purity. The gas was used as received
from the manufacturer.

The experimental apparatus and procedure have been previ-
ously described in detail [30]. The solubility measurements involve
the equilibration of known amounts of dry gas and degassed sol-
vent at constant volume and the determination of the equilibrium
pressure for the saturated solution maintained at a constant tem-
perature.

The amount of gas is determined measuring its pressure in a cal-
ibrated glass bulb at constant temperature and correcting for gas
non-ideality. Pressure is measured with a transducer (Paroscientific
model 0–7 bar, precision 0.01% FS). The pure solvent is degassed by
successive melting/freezing cycles, while vacuum pumping non-
condensable gases. The amount of pure solvent is determined
volumetrically. The equilibrium cell, based on the design of Carnicer
[31], has two capillaries through which the liquid is forced to cir-
culate during the equilibration process, promoting a close contact
with the gas. The volume of the cell was previously determined with
a precision of 0.01%. The readings of pressure during the dissolution
process are recorded until a constant value is reached indicating
that equilibrium has been attained. The final pressure, tempera-
ture and level of the solution in the capillaries are then measured.
Equilibrium is typically attained within 72 h.

Temperature is maintained constant in a water thermostat
to within 0.01 K by means of a Hart Scientific PID temperature
controller, and is measured with a previously calibrated Pt100 plat-
inum resistance thermometer. The measurement of solubility at
different temperatures is done by simply changing the thermostat
set point and waiting for a new thermodynamic equilibrium. With a
single loading it is thus possible to make measurements over a large
temperature range. Several runs were performed in order to check
the reproducibility of the results, both increasing and decreasing
temperature.

3. Experimental results

The solubility of xenon in cyclopentane was experimentally
measured from 254.60 K to 313.66 K. The results are reported in
Table 1. For each experimental point, the temperature, equilib-
rium pressure, molar fractions of xenon in the liquid and gaseous
phases in equilibrium and Henry’s law coefficients, H2,1(T, psat

1 ), are
indicated.

Henry’s law coefficients were calculated from experimental data
as follows. Henry’s law coefficients are usually defined as [32],

H2,1(T, p) = lim
x2→0

[
f2(p, T, x2)

x2

]
(1)

where f2 is the fugacity of the solute (component 2) and x2 its molar
fraction in the liquid solution. The fugacity of component 2 can then
be determined in the usual way [33]:

f2(p, T, x2) = ϕ2(p, T)y2p (2)
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Table 1
Values for the Henry’s law coefficients, equilibrium pressure, p, and xenon molar
fraction in the gaseous and liquid phases at equilibrium, between 254 and 313 K, for
solutions of xenon in cyclopentane.

T/K p/kPa x2 (10−2) y2 H2,1(psat
1 , T)/MPa

254.60 84.69 3.478 0.9390 2.267
258.69 54.49 1.919 0.8789 2.483
265.64 60.73 1.797 0.8424 2.832
269.43 64.55 1.733 0.8201 3.038
277.18 90.43 2.129 0.8141 3.432
286.23 104.1 1.959 0.7568 3.990
286.23 85.70 1.491 0.7033 4.017
295.21 120.5 1.814 0.6939 4.571
304.46 141.2 1.687 0.6251 5.185
313.66 166.6 1.580 0.5560 5.807

with

ϕ2(p, T) = exp

[
p(B22 + y2

1ı12)
RT

]
(3)

where ϕ2 is the fugacity coefficient of component 2, p is the vapour
pressure of the saturated solution and y2 the solute mole fraction
in the vapour phase. B22 is the second virial coefficient of the solute
and ı12 is given by = 2B12 − B11 − B22, where B11 is the second virial
coefficient of the solvent and B12 is the solute–solvent crossed sec-
ond virial coefficient.

The equilibrium compositions were calculated iteratively from
experimentally measured quantities allowing for non-ideality of
the gaseous mixture. The process starts with initial guesses for the
molar fractions in both phases and continues with the determi-
nation of the quantities of solute and solvent present in the two
phases. The process converges rapidly and coherent values for yi
and xi are obtained after a few iterations. The calculation of Henry’s
law coefficients is then immediate, using Eqs. (1)–(3). For com-
parison purposes it is useful to express Henry’s coefficients at the
same pressure, namely the vapour pressure of the pure solvent. The
pressure dependence for H2,1 can be expressed as [34]

H2,1(T, p) = H2,1(T, psat
1 ) exp

∫ p

psat
1

⌊
V∞

2 (p, T)
RT

dp

⌋
(4)

where V∞
2 is the partial molar volume of the solute at infinite dilu-

tion and psat
1 is the vapour pressure of the pure solvent.

The vapour pressure of cyclopentane was taken from Ref. [35]
and the molar volume calculated from Refs. [36–39]. The second
virial coefficients for pure cyclopentane were taken from Dymond
et al. [40] and for pure xenon from the compilation of Dymond
and Smith [41]. The crossed virial coefficient for the mixture was
estimated using the Tsonopoulos correlation [35]. As a first approx-
imation, the partial molar volumes of xenon in cyclopentane,
necessary for the calculation of the Henry’s law coefficients (Eq.
(4)), were estimated using the method described by Tiepel and Gub-
bins [42,43]. This method has been applied to calculate the partial
molar volume of several gases in water and proved to be accurate
to within 3%. This uncertainty affects negligibly the values of the
Henry’s law constant.

Henry’s law coefficients, H2,1(T, psat
1 ), are plotted as a function

of temperature in Fig. 1. The solubility of xenon in cyclopentane has

Table 2
Coefficients for Eq. (5), correlating the experimental data for xenon + cyclopentane
solutions.

Coefficients of Eq. (5) Xenon + cyclopentane

A0 +24.903
A1 −19.977
A2 −2.588
AAD +0.3%

Fig. 1. Henry’s law coefficients for (xenon + cyclopentane): (�) this work; (©) Pol-
lack et al. [27].

been previously measured by Pollack et al. [27] at six temperatures.
Their values show positive deviations from ours up to 3.5% and a
dispersion of 3%, which were included in Fig. 1 for comparison.

The dependence of the Henry’s law coefficient in relatively
narrow temperature ranges can be represented by the equation
proposed by Clarke and Glew [44]:

ln H2,1(T, psat
1 ) = A0 + A1

10−2T/K
+ A2 ln(10−2T/K) + A3(10−2T/K)

+ A4(10−2T/K)
2 + · · · (5)

The experimental results were fitted to Eq. (5) and the coef-
ficients Ai are listed in Table 2. The relative deviations of the
experimental results from the smoothing correlation do not exceed
±0.5% and the percentage of average absolute deviation (AAD) is
0.3%.

The change in molar Gibbs energy when the solute is transferred,
at temperature T, from the pure perfect gas state at standard pres-
sure, to the dilute state in the solvent (standard Gibbs energy of
solvation) [45] is given by [34],

�G0
2(T, psat

1 ) = RT ln

[
H2,1(T, psat

1 )

p0

]
(6)

where p0 is the standard state pressure, considered as 101,325 Pa.
The standard enthalpy and entropy of solvation can be obtained
by calculating the corresponding partial derivatives of the Gibbs
energy with respect to temperature at constant pressure. The result
for the enthalpy of solvation at temperature T and at the vapour
pressure of pure solvent is:

�H0
2(T, psat

1 ) = −RT2

[
d

dT

(
ln H2,1(T, psat

1 )

p0

)
− V∞

2 (T)
RT

(
dpsat

1 (T)
dT

)]
(7)

while the standard entropy of solvation is given by,

�S0
2(T, psat

1 ) = R ln H2,1(T, psat
1 )

p0
− RT

d

dT

(
ln H2,1(T, psat

1 )

p0

)
− V∞

2

(
dpsat

1 (T)
dT

)
(8)
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Table 3
Thermodynamic functions of solvation for xenon in cyclopentane. �G0

2 is the molar
Gibbs energy of solvation, �H0

2 is the molar enthalpy of solvation and �S0
2 is the

molar entropy of solvation. The values are based on the ideal gas state at 101,325 Pa.

T/K �G0
2/kJ mol−1 �H0

2 /kJ mol−1 �S0
2/J K−1 mol−1

254.6 6.587 −11.13 −69.6
258.7 6.872 −11.04 −69.2
265.6 7.348 −10.89 −68.7
269.4 7.608 −10.81 −68.3
277.2 8.139 −10.63 −67.7
286.2 8.746 −10.44 −67.0
295.2 9.347 −10.24 −66.3
304.5 9.961 −10.03 −65.6
313.7 10.56 −9.818 −65.0

The thermodynamic functions of solvation were calcu-
lated from the Clarke and Glew smoothing equation, for
(xenon + cyclopentane) solutions. The results are listed in Table 3.
No values obtained directly by calorimetric determinations could
be found for comparison.

4. Molecular model and theory

The soft-SAFT approach is a modified version of the SAFT by
Blas and Vega [11,12] to describe associating and non-associating
chains. The reference system is the Lennard-Jones fluid, instead of
the hard-sphere fluid, which allows simplifying the theory since
the dispersive and repulsive terms are taken into account simul-
taneously. In addition, the use of a soft potential also allows the
association sites to be fully embedded inside the reference core,
and thus some overlapping could occur between segments with
bonded associating sites, which is a more realistic situation.

Homonuclear linear chain and ring-like molecules are then
described using the united-atom model approach. Linear chains
and rings are formed by m Lennard-Jones segments tangentially
bonded. Each segment is characterized by a diameter or seg-
ment size (�ii), and a dispersive energy (εii). The inter- and
intra-molecular interactions between the segments are taken into
account through the Lennard-Jones potential. These models had
been used previously in the literature to accurately represent a
great variety of molecules, including xenon [3,6,7,46–48] and n-
alkanes [12,49–53]. They have also been used to predict the phase
behaviour of pure and binary systems, including cyclic molecules
[3,28] and hypothetical cycloalkane molecules [5].

The soft-SAFT theory, as other versions of SAFT, is written in
terms of the Helmholtz free energy, which can be expressed as
a sum of different microscopic effects: ideal contribution term
(AIDEAL) for the Helmholtz free energy of an ideal mixture of chains;
the reference Lennard-Jones contribution term (ALJ) to account for
the repulsions and attractions between the segments that forms
the molecules; the chain or ring contribution term (ACHAIN/RING)
accounting for the formation of the chain [54,55] or ring [28]
molecules, and the association contribution term (AASSOC) which
takes into account the contribution due to the hydrogen bonding
association. The Helmholtz free energy may by written as [11],

A

NkBT
= AIDEAL

NkBT
+ ALJ

NkBT
+ ACHAIN/RING

NkBT
+ AASSOC

NkBT
(9)

where N is the number of molecules, kB is the Boltzmann constant,
and T is the temperature. The main features of each individual con-
tribution to the Helmholtz free energy, is explained separately here.
In the present work, we shall not consider the association term
since we are dealing with non-associating systems.

4.1. Ideal term

The Helmholtz free energy of an ideal mixture of n chains or
ring-like molecules can be written in the following way,

AIDEAL

NkBT
=

n∑
i=1

xi ln(�i�
3
i ) − 1 (10)

where xi = Ni/N is the molar fraction, �i = Ni/V is the molecular den-
sity, �i is the thermal de Broglie wavelength, Ni is the number of
molecules of component i, and V the volume. The segment density,
�s, is easily related to the total molecular density, �, through,

�s =
n∑

i=1

mi�i =
(

n∑
i=1

mixi

)
� (11)

with mi the molecular length (or number of segments per molecule)
of species i.

4.2. Lennard-Jones reference term

The Lennard-Jones reference term accounts for both the repul-
sive and attractive interactions between the segments forming
the molecules. Although the Lennard-Jones potential is relatively
simple, it cannot be solved theoretically to obtain an analytical
expression of the Helmholtz free energy. In this work we use the
Lennard-Jones equation of state proposed by Johnson et al. [56].
This equation is an extended Benedict–Webb–Rubin equation of
state that was fitted to simulation data for pure Lennard-Jones
fluids over a broad range of temperatures and densities.

4.3. Chain/ring term

The contribution to the chain/ring formation is accounted for
in ACHAIN/RING. The chain contribution term was independently
introduced by Wertheim [20], and Jackson et al. [54,55] from the
first-order perturbation theory for associating spherical molecules
[16–19]. The Helmholtz free energy due to the formation of a mix-
ture of Lennard-Jones chains with bond lengths equal to �ii, the
diameter of the Lennard-Jones segments in species i, takes the form
of,

ACHAIN

NkBT
= −

n∑
i=1

xi(mi − 1) ln yLJ
ii

(�ii) (12)

while the free energy due to the formation of a mixture of Lennard-
Jones ring-like molecules with lengths equal to �jj, the diameter of
the Lennard-Jones segments in species j, is given by [28],

ARING

NkBT
= −

n∑
i=1

xi(mi) ln yLJ
ii

(�ii) (13)

In both cases, Eqs. (12) and (13), yLJ
ii

(�ii) is the contact value of
the cavity correlation function of spherical segments of species
i in the Lennard-Jones reference fluid mixture. yLJ

ii
(�ii) is easily

related to the pair radial distribution function of the Lennard-Jones
fluid, gLJ

ii
(�ii). Note that the difference between these two equa-

tions is that in the chain contribution term only (mi − 1) contacts
per molecule are counted, while the ring contribution term takes
into account one extra contact, e.g., mi contacts are counted. Obvi-
ously, the free energy due to the formation of a mixture of chain
and ring molecules is given by the adequate combination of Eqs.
(12) and (13).
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4.4. Extension to mixtures

Since the Helmholtz free energy is calculated by adding different
terms, each of them should be expressed in terms of compositions
for mixtures studied. In the soft-SAFT version, only the reference
term needs to be extended to treat mixtures [11]. The ideal and
chain/ring contributions depend explicitly on composition and
thus, are readily applicable to mixtures. We use the van der Waals
one-fluid theory (vdW-1f) to describe the ALJ term of the mixture
[57]. In this theory, the residual Helmholtz free energy of the mix-
ture is approximated by the residual Helmholtz free energy of a
pure hypothetical fluid, with parameters �m and εm, calculated
from,

�3
m =

∑n
i=1

∑n
j=1mimjxixj�

3
ij∑n

i=1

∑n
j=1mimjxixj

(14)

εm�3
m =

∑n
i=1

∑n
j=1mimjxixjεij�

3
ij∑n

i=1

∑n
j=1mimjxixj

(15)

where the mixing rules for a Lennard-Jones mixture have been
expressed as functions of the molecular molar fractions xi. To obtain
the pair radial distribution function of a mixture of Lennard-Jones
spheres, the same mixing rules (vdW-1f) [57] have been used, as in
previous works [11,12]. Results from Johnson et al. [56] are used for
the pair radial distribution function of the Lennard-Jones fluid from
extensive computer simulations fitted to an empirical function of
the reduced temperature and density. Details of the simulations are
reported elsewhere [56].

For the unlike interaction parameters, we employ the Lorentz-
Berthelot combining rules [57], which are expressed as follows:

�ij = �ii + �jj

2
(16)

εij = (εiiεjj)
1/2 (17)

4.5. Molecular parameters

The soft-SAFT formalism needs three molecular parameters, m,
the chain length, ε/kB, the monomeric dispersive energy, and �,
the segment size of the monomers, i to describe the thermody-
namic properties of pure substances. Pámies et al. [50] obtained
a set of transferable parameters for the n-alkane series. This set
is able to provide an excellent description of the phase behaviour
of linear alkanes, from methane up to long-chain n-alkanes. Here
we use the Pàmies and Vega parametrization to model the phase
behaviour of linear pentane molecule. In principle, one could expect
that cycloalkanes would require a new set of molecular parame-
ters, determined by fitting to their vapour pressure and orthobaric
liquid density. However, we have found that the same molecular
parameters valid for the linear alkanes, when used within the soft-
SAFT formalism specific for ring molecules, provide a fairly good
description of the phase behaviour of cycloalkanes. In particular,
this choice is able to predict the vapour pressure of cycloalka-
nes almost quantitatively and the liquid density within 10% of
the experimental result, without any further fitting procedure. The
vapour pressure and coexistence density curve of cyclopentane is
shown in Fig. 2. It is important to remark that the molecular param-
eters used for a cycloalkane, with a given number of carbon atoms,
are the same as those for its linear analogue, i.e., the n-alkane, with
the same number of carbon atoms. With this procedure we are,
thus, able to quantify the effect of using the ring term (Eq. (13)),
instead of the chain term (Eq. (12)) and compare with experimental
data.

The molecular parameters of xenon have been obtained fol-
lowing a similar procedure by fitting the saturated liquid density

Fig. 2. Vapour pressure (a) and saturated densities (b) as a function of temperature
for cyclopentane. Symbols correspond to experimental data [36,67,68], while solid
lines represent the theoretical predictions obtained using the soft-SAFT approach.

and equating the chemical potential in both phases. The values of
all the molecular parameters used in this work are compiled in
Table 4.

5. Discussion

Henry’s constants of xenon in cyclopentane as a function of
temperature, were obtained from the experimental solubility data,
using the procedure explained in Section 3 and theoretically, using
the soft-SAFT formalism presented in the previous section. Fig. 3
shows the comparison between the experimental data and the
theoretical predictions. The theoretical Henry’s constants were
calculated from the chemical potential of xenon in the solvent
at infinite dilution [58]. As can be seen, the soft-SAFT predic-
tions slightly underestimate the experimental data, but the overall
agreement can be considered very good. It should be emphasized
that: (1) The calculations for xenon + cyclopentane were performed
using molecular parameters for n-pentane. (2) The calculations
were performed without allowing for deviations from the Lorentz-
Berthelot combining rules, i.e., the theoretical results are true

Table 4
Optimized Lennard-Jones intermolecular potential parameters for xenon, n-pentane
and cyclopentane.a

Substance m (ε/kB)/K �/nm

Xenon 1.00 226.3 0.3959
n-Pentane or cyclopentane 2.497 246.6 0.3901

a m is the number of spherical segments in the model, (ε/kB) the dispersive energy,
and � the diameter or size of each segment.
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Fig. 3. Henry’s law coefficients for: (©) (xenon + cyclopentane); (•) (xenon + n-
pentane) [59]; solid lines represent the soft-SAFT predictions.

predictions, since no parameters were fitted to experimental data
of the mixtures. In the same figure we have included the experi-
mental and theoretical Henry’s constants for the xenon + n-pentane
system, for comparison. The agreement between the experimental
and theoretical results is slightly better in this case, especially in
the low temperature range. Nevertheless it is clear that the theory
is able to capture the difference of the solubility of xenon in the
two solvents. We believe that, in the case of xenon + cyclopentane,
the agreement between theory and experiment could be improved
if effective parameters were used for cyclopentane. The adopted
procedure, however, has the advantage of directly showing the
performance of the ring term (Eq. (13)).

The standard enthalpy and entropy of solvation for
(xenon + cyclopentane) solutions, as a function of tempera-
ture, are shown in Fig. 4. The same properties are also displayed for
(xenon + n-pentane), for comparison, taken from Ref. [59]. As can
be seen, for xenon + cyclopentane, both the enthalpy and entropy of
solvation increase monotonously as the temperature is raised. This
behaviour opposes that found for solutions of xenon in n-pentane
and also in n-hexane, as recently reported [59]. In that case, the
enthalpy of solvation slightly increases at lower temperatures,
goes through a maximum and then decreases at higher temper-
atures. The temperature at which the solvation enthalpy reaches
a maximum changes with the molecular weight of the n-alkanes
(254.5 K for xenon + n-pentane and 275 K for xenon + n-hexane).
Pollack et al. [27] noticed that the average value of the entropy

Fig. 4. Enthalpies of solvation, �H0
2 (circles) and entropies of solvation, �S0

2
(squares) for (xenon + cyclopentane) (filled symbols, • and �) and (xenon + pentane)
[59] (open symbols, © and �) as a function of temperature.

of solvation (determined over the temperature range studied by
this author) is not very sensitive to the solvent and was found to
be practically constant for solutions of xenon in 45 solvents of
different chemical natures. Differences in the enthalpy of solvation
from solvent to solvent are in fact more apparent. However, the
opposite temperature dependence for both enthalpy and entropy
of solvation, now reported for a linear and a cyclic system, could
not be observed with the data of Pollack et al.

As previously mentioned, we have found that mixtures of xenon
containing a cyclic component (i.e., xenon + cyclopropane [4] and
xenon + cyclobutane [5]) exhibit large positive deviations from
Raoult’s Law (and consequently larger values of GE), but more neg-
ative excess volumes and enthalpies than those containing a linear
analogue (xenon + propane [6] and xenon + butane [7]).

As recalled above, a “condensation effect” was proposed by Pat-
terson and co-workers to explain the abnormally low values of the
heat of mixing for mixtures involving long n-alkanes with some
sterically hindered branched alkanes [60]. The “condensation” of
flexible n-alkanes (such as n-hexadecane or n-octane) at the surface
of “rocky” molecules would be the reason for negative contributions
to the enthalpy and entropy of mixing. According to Patterson et al.
the relative sterical hindrance of each branched alkane molecule
was assumed to be inversely proportional to the pure liquid molar
volume of each alkane.

By analogy, the condensation effect was later used to explain the
unusual behaviour of mixtures involving branched alkanes (e.g. iso-
mers of hexane) and cycloalkanes [61]. The enthalpy of mixing of a
branched alkane with a series of different cycloalkanes changes reg-
ularly when plotted as a function of the cycloalkane chain length,
except for cyclopentane, for which a much lower heat of mixing was
obtained. The absence of energetically accessible conformations,
which makes cyclopentane a plate-like anisotropic molecule, was
the main explanation to this behaviour. The “condensation effect”
also influenced excess heat capacity measurements. In mixtures
whose behaviour can be explained by “condensation”, CE

P tends
to be positive, whereas negative values of CE

P are found for other
mixtures [62]. This is consistent with the logical prediction that
“condensation” would be less effective with the increasing tem-
perature, leading to lower negative contributions to heat of mixing
at higher temperatures.

The accuracy of the results now reported, for the solubility for
xenon in cyclopentane as a function of temperature, as well as those
for xenon in n-pentane from a previous work, allows us to estimate
the heat capacity of solvation from the temperature dependence of
enthalpy of solvation. This was done by differentiation of Eq. (7), for
both systems. The results are displayed in Fig. 5 and seem to confirm
the existence of “condensation”. In fact, the heat capacity of solva-
tion for solutions of xenon in n-pentane is negative (decreasing
with increasing temperature) whereas for xenon + cyclopentane, it
is positive (slightly increasing with temperature).

The dissolution process of a gas in a liquid is frequently described
as the combination of two contributions: a first contribution due to
the formation of a cavity with the appropriate size and shape to host
the solute molecule; and a second contribution due to the inter-
action between the solute molecules and the solvent molecules
within its coordination sphere. Energetically, the cavity formation
is often identified with the vapourization enthalpy of the solvent,
�Hv, corrected for the change in size and shape of the cavity. Irre-
spectively of the model used to calculate the enthalpy of cavity
formation, Hcav, the solute-solvent enthalpy of interaction, Hint, can
then be obtained from the solvation enthalpy as

Hint = �H0
2 − Hcav (18)

In this work we have calculated the enthalpy of cavity for-
mation for xenon in cyclopentane following the procedure
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Fig. 5. Heat capacity of solvation (C0
P,2) for (xenon + cyclopentane) (�) and

(xenon + pentane) [59] (©) as a function of temperature.

proposed by Sinonaglu [63]. This enthalpic contribution can be
expressed as

Hcav = Ss

SS
�vH (19)

where Ss/SS represent the ratio of the surfaces of the solute and
solvent cavities. It can be calculated from partial molar volumes at
infinite dilution of the solute in the solvent, molar volumes of the
solvent, and simple geometrical considerations.

Fig. 6 shows the calculated interaction enthalpy, as a function
of the reduced temperature of the mixture, for the solution of
xenon in cyclopentane. The reduced temperature of the mixture,
Tr, is defined here as Tr = T/Tc12 (where Tc12 = (1 − k12)(Tc1 Tc2 )1/2,

(1 − k12) =
(

8(Vc1 Vc2 )1/2
)

/
(

V1/3
c1

+ V1/3
c2

)3
and Tc1 , Tc2 , Vc1 and

Vc2 are, respectively, the critical temperatures and critical volumes
of the pure fluids). We have also included the interaction enthalpies
for solution of xenon in n-pentane and in n-hexane. As can be
seen, the interaction enthalpy for xenon in cyclopentane is more
negative than those corresponding of xenon in n-pentane and in
n-hexane. It is known that xenon–CH3 dispersive interactions are
stronger than those corresponding to xenon–CH2 interactions [64].
This explains why the interaction enthalpy of xenon and n-pentane
is more negative than that of xenon in n-hexane, reflecting the
higher percentage of CH3 groups in the n-pentane molecule. Our

Fig. 6. Interaction enthalpies (Hint) for (�) (xenon + cyclopentane), (♦) (xenon + n-
pentane) and (©) (xenon + n-hexane) [59] as a function of reduced temperature.

Fig. 7. (Solid line) xenon–CH2 interaction enthalpy contribution, estimated from
solutions in linear alkanes (n-pentane and n-hexane) [59] and (dashed line) exper-
imental interaction enthalpy for xenon solutions in cyclopentane, as a function of
temperature.

results indicate that the interaction enthalpy for solutions of xenon
in cyclopentane is more negative than that corresponding to solu-
tions of xenon in both linear alkanes.

Assuming that xenon dissolves in n-alkanes at random positions
(which implies that the number of CH2/CH3 groups within xenon’s
solvation shell depends exclusively on their molecular proportion),
the interaction enthalpy for xenon in n-pentane and n-hexane solu-
tions (Fig. 6) could be separated into its xenon–CH2 and xenon–CH3
contributions. These contributions will be equivalent to interaction
enthalpies (per mole of solute) of xenon in hypothetical solvents
composed exclusively of CH3 or CH2 units. They should also be
almost independent of chain length, which seems a reasonable
hypothesis for solutions of xenon in linear alkanes. Moura Ramos
and Gonçalves [65] for example, used the solubility results of Pol-
lack and Himm [66], to calculate the interaction enthalpy of xenon
in a series of n-alkanes, concluding that Hint was almost indepen-
dent of the alkane chain length.

The calculated interaction enthalpies of xenon in hypothetical
“all-CH2” solvents are displayed in Fig. 7 as a function of tempera-
ture. The interaction enthalpy for xenon in cycloalkanes (formed
exclusively by CH2 units), as that of cyclopentane, can thus be
directly compared with that of an “all-CH2” linear alkane, and is
displayed again in Fig. 7. Any differences can be attributed to the
singularities introduced by this particular cyclic structure. As can
be seen, the experimental interaction enthalpies for the system
involving cyclopentane are between 25% and 62% more negative
than those for the hypothetical “all-CH2” solvent. This seems to
indicate the existence of a particular interaction between xenon
and cyclopentane, in agreement with previous studies for other
small cycloalkanes.

6. Conclusions

The solubility of xenon in cyclopentane has been measured
between 254.60 K and 313.66 K with an estimated accuracy of 0.3%.
The thermodynamic functions of solvation, such as the standard
Gibbs energy, enthalpy, entropy and heat capacity of solvation
have been calculated from Henry’s law coefficients and its temper-
ature dependence for xenon + cyclopentane solutions. The molar
enthalpy of solvation was decomposed into its cavity and interac-
tion contributions. The enthalpy of interaction, which in the case of
cyclopentane results exclusively from xenon–CH2 interactions, is
much more negative than the corresponding enthalpy calculated
from (xenon + n-pentane) and (xenon + n-hexane) solutions. This
indicates stronger interactions between xenon and CH2 groups in
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cyclopentane, in agreement with previous studies involving xenon
and other small cyclic molecules.

A version of the soft-SAFT theory, developed to describe cyclic
molecules, was used to model the experimental results. The the-
ory was able to predict the phase behaviour of pure cyclopentane
using molecular parameters of n-pentane with any further fitting.
Using standard geometric and arithmetic combining rules to obtain
unlike mixture parameters, the theory was also able to predict the
experimental solubility of xenon in cyclopentane over the range
of temperatures studied and the lower solubility of xenon in the
cycloalkane with respect to that in n-pentane.
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