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The solubility of oxygen in n-hexane and in n-perfluorohexane was determined experimentally and calculated by
computer simulation. A precision apparatus based on a saturation method at constant pressure was used to
measure the solubility at temperatures from 288 to 313 K and close to atmospheric pressure. Henry’s law
coefficients, H2,1(T,p

sat
1 ), were obtained from the experimental data and their temperature dependence was

represented by appropriate correlations. The precision of the results was characterised by average deviations
of H2,1 from these smoothing equations and is of �0.5% and �0.8% for oxygen in n-hexane and in
n-perfluorohexane, respectively. From the temperature variation of the Henry’s law coefficients, partial molar
solvation quantities such as the variation of the Gibbs energy, enthalpy and entropy were derived. Molecular
dynamics simulations with all-atom force fields, associated with Widom’s test particle insertion method, were
used to calculate the residual chemical potential of oxygen in the two solvents studied leading to Henry’s law
coefficients which were then compared to the experimental values. The difference between oxygen solubility in
the two solvents was interpreted on the basis of solute–solvent interactions and structural properties such
as solute–solvent radial distribution functions.

Introduction

Compared to hydrocarbons, fluorinated alkanes exhibit very
different physical and chemical properties.1 For example,
under the same conditions of temperature and pressure, and
for molecules containing the same number of carbon atoms,
fluorocarbon gases are less soluble than the equivalent hydro-
carbon when dissolved in the same non-polar non-fluorinated
solvent. Another important experimental generalization is that
a fluorocarbon solvent will dissolve a larger amount of a par-
ticular gas than the equivalent hydrocarbon. These differences
have been interpreted by describing gas solubility by a two-
stage process where the first step would consist on the forma-
tion of a large enough cavity within the liquid solvent to
accommodate the solute molecule, and the second step would
consist on the insertion of the solute within the solvent cavity.
The large solubility of gases in the fluorocarbons is explained
by the relative ease of cavity formation in these liquids.1 Gas
solubility data can thus provide important information about
the properties and structure of solutions.2 Furthermore, the
interpretation of the solubility of gases in liquids and the study
of the molecular structure of the resulting solutions using sta-
tistical mechanics calculations is feasible at present. Molecular
simulations can be carried out using available rigorous inter-
molecular potential models allowing quantitative predictions
of the solubility and of the derived thermodynamic properties
associated with the dissolution process.
The peculiar physico-chemical properties of fluoro com-

pounds also contribute to their recent applications in numer-
ous fields. In particular, these substances are increasingly
being used as substitutes for chlorinated solvents, as effective
surfactants in supercritical solvents3 such as supercritical car-

bon dioxide, as environmental probes to determine the
exchanges between the atmosphere and natural waters1 and
in numerous biomedical applications4 (as artificial blood sub-
stitutes, gas-carriers in eye surgery or as ultrasound contrast
agents).
The present work deals, on the one hand, with the precise

experimental determination of the solubility of oxygen in
liquid n-hexane and in liquid n-perfluorohexane, in a suffi-
ciently large temperature range to allow the calculation of
the thermodynamic quantities associated with the dissolution
and to provide experimental information about the unlike
solute–solvent molecular interactions. On the other hand, free
energy calculations by molecular simulation are used both to
test molecular interaction models, to calculate Henry’s law
coefficients in an extended range of thermodynamic conditions
and to access to microscopic details such as the structure of the
solutions, which are otherwise not easily observable. These two
approaches may contribute to explain the differences encoun-
tered in the oxygen solubilities in the alkane and in the
perfluoroalkane studied, by providing a better understanding
of the molecular mechanisms governing the solubility
phenomena.

Experimental section

Materials

Measurements were performed using n-hexane from Fluka
with a stated purity greater than 99.5% and n-perfluorohexane
from ABCR with a stated purity of 95% and from Acros
(Fluorinert Liquid FC72). The oxygen used was from AGA/
Linde Gas with 99.999% mol/mol minimum stated purity.
Both the solvents and the gas were used without further puri-
fication.
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Apparatus and operation

The technique employed in this work makes use of the satura-
tion method originally developed by Ben-Naim and Baer5

where the solubility is determined by measuring the quantity
of gas dissolved in an accurately known volume of solvent at
constant pressure and temperature. The experimental arrange-
ment is mercury-free and similar to that extensively used by
Battino and co-workers.6

The experimental apparatus is schematically represented in
Fig. 1. It is housed in a large air thermostat (T in Fig. 1) where
the temperature is maintained constant to within �0.01 K by
means of a PID controller. The temperature is measured with
a resolution of 0.01 K with a previously calibrated 25 O plati-
num resistance thermometer.
The pure solvent is initially degassed by successive melting/

freezing cycles while vacuum pumping non-condensable gases.
Up to eight cycles were necessary to degas the n-hexane and
the n-perfluorohexane used as solvents. The degassed solvent
is then transferred, under its own vapour pressure, to the dis-
solution cell (EC in Fig. 1). The saturation cell was built fol-
lowing the design of Carnicer et al.7 and has an accurately
known volume of approximately 6 cm3 (5.788� 0.002 cm3).
The calibration of volume of the equilibrium cell was per-
formed by relating this quantity with the height of the liquid
in the capillaries h and k (see Fig. 1) at the different tempera-
tures studied.
The solute gas is introduced in the apparatus through the

saturation chamber indicated as PS in Fig. 1. The dissolution
process is initiated by opening the stopcock just above the
capillary tubes and by turning on the liquid circulation. The
solvent is then forced up into capillary arm h and descends
through capillary arm k. The volume of gas dissolved is deter-
mined by the displacement of the piston P (see Fig. 1) neces-
sary to maintain a constant pressure in the system. The
close-fitting piston is constituted of a Teflon seal backed up
by O-rings, through a Fisher and Porter 5/8 inch precision
bore tube (with a diameter of 15.875� 0.008 mm at 0 �C).
The displacement of the piston is determined with a cathet-
ometer Edouard Bounty and Cie with a precision of �0.002
cm. The pressure is read in a precision manometer from
Drück, Model DPI 262 (1.4 bar F.S.) calibrated with a preci-
sion of �0.001 bar.

Data reduction

The Ostwald coefficient, L2,1(T,p), is a very convenient way of
expressing the solubility of a gas in a liquid,8 several definitions

of which are currently used. However, in the one considered as
thermodynamically more rigorous, L2,1(T,p) is expressed as:6

L2;1ðT ; pÞ ¼ CL
2

CV
2

� �
eq:

ð1Þ

where CL
2 ¼ nL2 /V

L and CV
2 ¼ nV2 /V

V are the amount of sub-
stance concentrations of the liquid solution (with molar
volume VL) and of the vapour phase in equilibrium (with
molar volume VV) at T and p, respectively. From this defini-
tion, the experimentally measured quantities can also be
related to the Ostwald coefficient, eqn. (1) being equivalent
to

L2;1ðT ; pÞ ¼ vV

vL
ð2Þ

where vV is the volume of gas dissolved and vL the total volume
of the liquid solution after equilibrium is reached.
The molar fraction of component 2 (taken here to be the

gaseous solute) in the liquid solution can be directly related
to the Ostwald coefficient:

x2 ¼
L2;1ðT ; pÞp2VLðT ; pÞ

Z12RT
ð3Þ

where p2 is the partial pressure of the solute and VL(T,p) the
molar volume of the liquid solution (which can be taken as
the orthobaric molar volume of the pure solvent, V o

1, in the
conditions studied in this work). Z12 is the compressibility
factor of the solution:

Z12 ¼ 1þ p

RT
ðy1B11 þ y2B22 þ y1y2d12Þ ð4Þ

where B11 and B22 are the second virial coefficients for the
pure solvent and the pure solute, respectively and
d12 ¼ 2B12�B11�B22 where B12 is the solute–solvent cross
second virial coefficient.
The solubility can also be expressed in terms of the Henry’s

law coefficient which can be defined as:9

H2;1ðT ; pÞ ¼ lim
x2!0

f2ðp;T ; x2Þ
x2

� �
ð5Þ

where f2(p,T,x2) ¼ f2(T,p)p2 is the fugacity of component 2 in
the solution, f2(T,p) being the fugacity coefficient, calculated
in the usual way.9 The dependence of the Henry’s law coeffi-
cient with pressure can be expressed as:10

H2;1ðT ; pÞ ¼ H2;1ðT ; psat1 Þ exp
Z p

psat
1

V1
2 ðT ; pÞ
RT

dp ð6Þ

where V1
2 (T,p) is the partial molar volume of the solute at infi-

nite dilution and psat1 is the vapour pressure of the pure solvent.
The Henry’s law coefficient can then be related with the

experimentally determined Ostwald coefficient

H2;1ðT ; psat1 Þ ¼ RTZ12ðT ; pÞf2ðT ; pÞ
Vo

1 ðTÞL2;1ðT ; pÞ

� exp
�V1

2 ðTÞðp� psat1 Þ
RT

� �
ð7Þ

where the molar volume of the solution was approximated by
the orthobaric molar volume of the pure solvent (see eqn. (3))
and the pressure dependence of both L1,2(T,p) and V1

2 (T,p)
was considered negligible.
When expressed as a molar fraction, the solubility is nor-

mally given at a constant value of the partial pressure of the
gas (for example at p2 ¼ 101 325 Pa). It is nevertheless neces-
sary to determine the molar fractions in the vapour phase in
equilibrium with the liquid solution, yi , in order to calculate
the product f2Z12 (normally close to unity). This quantity is
obtained iteratively making use of the phase equilibrium

Fig. 1 Schematic drawing of the apparatus: VP, vacuum pump; G,
gas inlet; PS, pre-saturator; EC, equilibrium cell with capillaries h
and k; M, manometer; P, piston; T, air thermostat.
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condition for component 1 (the liquid solvent):

f1ðT ;pÞy1p ¼ g1ðT ;pÞx1f o1 ð8Þ

where f1 is the fugacity coefficient of component 1, g1 its activ-
ity coefficient (considered to be unity in the thermodynamic
conditions of this work), p the equilibrium pressure, fo1 the
standard state fugacity and x1 and y1 the molar fractions in
the liquid solution and in the gaseous phase in equilibrium
with it, respectively.
Eqn. (8) can be rewritten as6 (the dependences of the differ-

ent functions are omitted for the sake of simplicity):

y1 ¼ ð1� x2Þ
psat1

p

� �
fsat
1

fo
1

� �
exp

Vo
1 ðp� psat1 Þ

RT

� �
ð9Þ

The fugacity coefficient and the standard state fugacity of com-
ponent 1 are calculated in the usual way.9

Experimental results

Temperatures are reported on the ITS-90 scale. The relative
atomic masses used are the ones recommended by IUPAC11

and the considered value for the gas constant was 8.31451 J
mol�1 K�1.12

The vapour pressure of the pure solvents was taken from the
compilation of Ruzicka and Majer13 for n-hexane and from the
work of Stiles and Cady14 for n-perfluorohexane. The second
virial coefficients were obtained from the compilation of
Dymond and Smith15 except for n-hexane for which the values
recommended by Dymond et al.16 were used. The cross virial
coefficients were estimated for both solutions, using the corre-
lation by Tsonopoulos.17

The partial molar volumes of oxygen dissolved in n-hexane
and of oxygen dissolved in n-perfluorohexane were calculated,
as a function of temperature, using the method described by
Tiepel and Gubbins18 which is based on a first-order perturba-
tion theory. For oxygen in hexane, the partial molar volume
can be expressed, as a function of temperature between 288
and 313 K by:

lnðV1
2 =cm3 mol�1Þ ¼ 3:511þ 2:39� 10�3t ð10Þ

where t ¼ T/K� 273.15. The value obtained at 298.15 K was
compared to the experimental result of Ng and Walkley19 and
a negative deviation of 20.2 cm3 mol�1 (approximately 35%)
was found. Although this deviation affects negligibly the values
of the Henry’s law coefficient (a 50% change in V1

2 causes a
deviation as small as 0.15% in H2,1), the experimental value
was considered for the calculations and the temperature depen-
dence was not taken into account.
For the partial molar volume at infinite dilution of oxygen in

perfluorohexane, no experimental values were found in the lit-
erature. The values obtained by the Tiepel and Gubbins
method can be expressed, as a function of temperature
between 288 and 313 K by the relation:

lnðV1
2 =cm3 mol�1Þ ¼ 3:676þ 3:37� 10�3t ð11Þ

Table 1 shows the experimental values for the solubility of
oxygen in the two liquids studied between 288 and 318 K.
The temperature and pressure of the measurements, the values
for the Ostwald coefficients, the calculated mole fractions and
Henry’s law coefficients at the saturation pressures of the pure
solvents, are reported.
From the several empirical correlations proposed in the lit-

erature to represent the temperature dependence of Henry’s
law coefficients, the one proposed by Krause and Benson20

was adopted in this work. The experimental values for
H2,1(T,p

sat
1 ) were fit to a power series in 1/T:

lnH2;1ðT ; psat1 Þ ¼
Xn
i¼0

BiT
�i ð12Þ

The coefficients Bi as well as the average absolute deviations
obtained for the Henry’s law coefficients of oxygen in n-hexane
and in n-perfluorohexane are listed in Table 2.
In order to evaluate the accuracy of the experimental techni-

que used, the solubilities of oxygen in n-hexane obtained were
compared to literature values. The results of this work for the
Henry’s law coefficient at 298.15 K do not deviate more than
1.0% from the values reported in the literature.21,22 The datum
obtained at 313.15 K was compared to the sole value found in
the literature,22 and it was observed that the Ostwald coeffi-
cient measured in this work is 1.5% higher, but this deviation
lies within the uncertainty of �3% claimed by the authors.22

From the analysis of these data and after a careful study of
the sources and order of magnitude of the systematic errors
during our experiments, it is believed that the present values
of solubility are accurate to within 1%.
The average absolute deviations of the fits using eqn. (12)

characterise the precision of the experimental results.23,24 The
values for the solubility of oxygen in n-hexane, expressed as
Henry’s law coefficients, are precise to within 0.5% (see Table
2). For the case of the solubility of oxygen in perfluorohexane,
also expressed as H2,1 , the results are precise to within 0.8%
(see Table 2). This larger imprecision is likely due to the larger
volatility of the fluorinated solvent (which renders experiments
more difficult) and to the use of two different samples of per-
fluorohexane.
The solubility of oxygen in perfluorohexane, at approxi-

mately 303.15 K, was determined at different pressures in order
to check the validity of Henry’s law.

Table 1 Experimental data for the solubility of oxygen in hexane and

perfluorohexane between 288 and 313 K expressed as Ostwald coeffi-

cients, mole fraction solubilities at a solute partial pressure of

101 325 Pa and Henry’s law coefficients at the saturation pressure of

the pure solvent

T/K p/MPa L2,1(T,p) 103x2 H2,1(T,p)
sat
1 /MPa

n-C6H14

288.89 0.0934 0.395 2.17 46.7

293.20 0.0955 0.386 2.10 48.2

298.10 0.0992 0.368 1.99 51.0

298.51 0.0952 0.369 1.99 50.9

298.86 0.0922 0.368 1.99 51.0

303.43 0.0901 0.341 1.83 55.5

307.84 0.0966 0.320 1.69 60.1

312.44 0.0993 0.296 1.55 65.6

n-C6F14

288.69 0.0962 0.592 4.94 20.5

293.38 0.0962 0.567 4.68 21.6

299.36 0.0986 0.517 4.23 23.9

303.36 0.0772 0.461 3.75 26.9

303.37 0.0651 0.466 3.79 26.6

303.41 0.0665 0.460 3.75 27.0

303.47 0.0967 0.463 3.76 26.9

307.83 0.0979 0.423 3.42 29.6

312.58 0.0960 0.366 2.94 34.5

Table 2 Coefficients for eqn. (12) and average absolute deviation

(AAD) for the correlation of the experimental data

B0 B1 B2 AAD

n-C6H14

3.8310� 106 �2.6901� 104 6.4874� 101 0.53%

n-C6H14

3.9986� 106 �2.8629� 104 6.8020� 101 0.77%
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Thermodynamic functions

The exact expression for the change in the partial molar Gibbs
energy when the solute is transferred, at temperature T, from
the pure perfect gas at standard pressure to the infinitely dilute
state in the solvent (standard Gibbs energy of solvation20) is

DGo
2 ðT ; psat1 Þ ¼ RT ln

H2;1ðT ; psat1 Þ
po

� �
ð13Þ

where po is the standard pressure. The difference in partial
molar enthalpy between the two states can be obtained from
the partial derivative of the Gibbs energy with respect to tem-
perature at constant pressure.9 The enthalpy of solvation at
temperature T and at the pure solvent saturation pressure is:20

DHo
2 ðT ; psat1 Þ ¼ �RT2 d

dT

lnH2;1ðT ; psat1 Þ
po

� ��

�V1
2 ðTÞ
RT

dpsat1 ðTÞ
dT

� ��
ð14Þ

A similar treatment can be adopted to calculate the partial
molar entropy at constant pressure.20 The values for the differ-
ent partial molar thermodynamic functions of solvation of
oxygen in n-hexane and n-perfluorohexane, calculated from
the fitted Henry’s law coefficients as given by eqn. (12), are
listed in Table 3. The results are relative to the ideal gas state
at 101 325 Pa. No data obtained by direct calorimetric determi-
nations were found for comparison.

Molecular simulation

The solubility of oxygen in hexane and perfluorohexane was
studied by computer simulation. Configurations of the pure
solvents were generated by molecular dynamics and the resi-
dual chemical potential of the solute at infinite dilution, mr2,
was calculated using the method of test particle insertion.
The residual chemical potential of the solute at infinite dilution
is the difference between the chemical potential of the solute in
the solution and that of the solute in the pure ideal gas state at
the same temperature and density, and is related to the stan-
dard Gibbs energy of solvation, defined in eqn. (13), by

DGo
2 ðT ; pÞ ¼ mr2ðT ; pÞ þ RT ln

pn

po
ð15Þ

where pn ¼ RTr1 is the pressure of the ideal gas phase at the
density of the infinitely dilute solution, r1 .

Intermolecular potential models

Both solvents were represented by flexible force fields in which
all atoms are considered explicitly. Parameters for the n-hex-
ane and n-perfluorohexane molecules were taken from the
OPLS-All Atom force field for alkanes25 and for perfluoroalk-
anes,26 respectively. This kind of molecular model ascribes to
each atom an interaction site consisting of a Lennard–Jones
function plus an electrostatic point charge. Within the mole-
cules, flexible chemical bonds, valence angles and torsions
(dihedral angles) are all specified using different potential
energy functions. The OPLS-AA framework was chosen for
the present application because it describes alkanes and per-
fluoroalkanes with equivalent levels of detail. A possible alter-
native could be based on united-atom models for alkanes27 and
perfluoroalkanes,28 but our previous experience29 showed that
the all-atom models perform better when predicting gas solubi-
lities, in particular that of oxygen. The main deficiency of uni-
ted-atom models is probably the absence of partial charges on
individual atoms. The torsional energetics of the carbon skele-
tons, for example, can be represented correctly in both types of
model.
Oxygen was also modelled by an intermolecular potential

consisting of Lennard–Jones sites, in this case the rigid two-
centre model of Miyano.30 The interactions between the gas-
eous solutes and the solvents were assumed to obey geometric
combining rules for both Lennard–Jones parameters, s and e,
and therefore no specific unlike interaction terms were intro-
duced.

Simulation procedure

The simulations of the pure liquid consisted of cubic boxes
containing 200 molecules, and were carried out using the mole-
cular dynamics package DL_POLY.31 The intermolecular
potential parameters, including partial charges, and the intra-
molecular energy terms were retrieved from the OPLS-AA
publications.25,26 The Lennard–Jones non-bonded interactions
were considered explicitly up to a cutoff radius of 12 Å. Cou-
lombic interactions were computed by Ewald summations32,33

over a number of reciprocal space vectors ranging from 7 to 9,
depending on the temperature and on the molecule in question.
The width of the screening charge distribution was established
by the parameter a ¼ 0.225 Å�1. Flexibility was included for
all types of intramolecular energy except for C–H bonds,
which were constrained to remain rigid at their equilibrium
distance. This simplification allows the use of a time step of
1 fs in molecular dynamics simulations while obeying conser-
vation of energy in the NVE ensemble (energy fluctuations
within 1� 10�4 and no drift). After the necessary equilibra-
tions, the solvents were simulated during 100 ps at constant
pressure, temperature and amount of substance (NpT ), by
means of Nosé–Hoover thermostats and barostats. The pres-
sures were chosen slightly above the saturated vapour pressure,
in order to guarantee sampling of the liquid phase. From each
run 1000 configurations (snapshots) were stored at regular
intervals.
The residual chemical potential of the solute gas was calcu-

lated using the test-particle insertion method.34 In each of the
solvent snapshots previously stored, insertion of the solute
molecule at random positions and orientations was tried
60000 times. For simulations at constant NpT,32

mr2ðT ; pÞ ¼ �kT ln
V expð�uTP=kTÞh iNpT

Vh iNpT

ð16Þ

where uTP is the interaction energy of the test particle with a
configuration of solvent molecules occupying volume V, and

Table 3 Partial molar thermodynamic properties of solution for oxy-

gen in hexane and in perfluorohexane. The values are calculated at sev-

eral temperatures between 285 and 315 K and are relative to the ideal

gas state at 101 325 Pa

T/K DGo
2/kJ mol�1 DHo

2 DSo
2

n-C6H14

285 14.51 �0.1 �0.5

290 14.80 �4.0 �14

295 15.16 �7.7 �26

300 15.58 �11.3 �38

305 16.05 �14.8 �49

310 16.59 �18.1 �59

315 17.17 �21.4 �68

n-C6F14

285 12.49 �4.7 �17

290 12.83 �8.7 �30

295 13.23 �12.6 �43

300 13.70 �16.4 �55

305 14.23 �20.0 �66

310 14.82 �23.5 �76

315 15.47 �26.9 �86
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h� � �iNpT denotes an isothermal–isobaric ensemble average over
the stored configurations.

Simulation results

The values for the standard Gibbs energy of solvation and for
the Henry’s law coefficients of oxygen in n-hexane and in n-
perfluorohexane calculated from simulation are listed in Table
4. The comparison to the experimental results, illustrated in
Fig. 2, shows that the simulated values of the Gibbs energy
of solvation (or Henry’s law coefficient) are systematically
higher, but the correct order of magnitude in the two solvents
is predicted.
For oxygen in n-hexane, the difference between simulation

and experiment is significant, but it is much smaller for n-per-
fluorohexane, in which case simulation provides a very good
prediction of the solubility around 300 K. However, it is sur-
prising to observe that, for both solvents, the temperature
dependence of the solubility exhibits markedly different beha-
viours when simulation is compared to experiment. The simu-
lated Henry’s law coefficients pass through a maximum in the
temperature range studied, whereas the experimental results
(in a much smaller temperature range) seem to present a steep

increase of this property with temperature. The two experi-
mental sets are consistent and the two simulated sets are also
consistent, but the trend of the simulated values fails to repro-
duce experiment. Unfortunately, the experimental temperature
range is narrow and leaves some questions unanswered. Pre-
vious work on the solubility of xenon in the same solvents
yielded results which are the opposite of the present:35 the cor-
rect temperature dependence was predicted well from the start,
but binary interaction parameters had to be introduced in
order to superimpose the simulated values onto the experimen-
tal ones.
Part of the difference of solubilities can be explained by the

interaction energies between oxygen and the two solvents.
However, factors related to the structure of the liquid solvents
seem to play an important role. The normal alkane molecule is
more flexible than its perfluorocarbon counterpart, and thus
the latter tends to adopt linear conformations more frequently
in the liquid phase. The increased rigidity of the perfluorocar-
bon when compared to the analogous hydrocarbon at the same
temperature probably means that larger cavities (at the mole-
cular scale) are spontaneously present in the liquid perfluoro-
carbon than in the hydrocarbon. This certainly has a
significant incidence on the solubility of small gaseous mole-
cules.
Atom–atom radial distribution functions of oxygen in both

solvents are plotted in Figs. 3 and 4. The larger molecular
volume of the perfluoroalkane is evident from the ‘‘wave-
length ’’ of the oscillations in local density. In amplitude, these
oscillations are also more marked in the perfluoroalkane, espe-
cially beyond the first maximum, a manifestation of a more
ordered liquid structure, which we interpret as a result of the
reduced flexibility of the perfluorocarbon molecules.

Table 4 Simulation results for oxygen in n-hexane and in n-perfluoro-

hexane: chemical potential at infinite dilution, standard Gibbs energy

of solvation and Henry’s law coefficient

T/K p/MPa r1/MPa mr2/kJ mol�1 DGo
2/kJ mol�1 H2,1/MPa

n-C6H14

200 0.01 8.73 0.28 8.54 17.2

250 0.01 8.16 1.18 11.8 29.9

280 0.05 7.75 1.17 13.2 29.8

300 0.05 7.53 1.46 14.5 33.7

330 0.1 7.13 1.53 14.4 34.2

350 0.2 6.89 1.66 17.1 35.5

400 0.6 6.11 1.54 19.2 32.3

450 1.5 5.08 1.23 20.8 26.4

n-C6H14

200 0.1 5.77 0.06 7.63 9.95

250 0.1 5.37 0.89 10.7 17.1

280 0.1 5.11 1.10 12.2 19.1

300 0.1 4.91 1.07 13.0 18.8

330 0.3 4.67 1.42 14.7 21.5

350 0.3 4.50 1.53 15.7 22.2

400 0.9 3.91 1.40 16.2 19.8

Fig. 2 Standard Gibbs energy of solvation for oxygen in n-hexane
and in n-perfluorohexane. Experimental results for oxygen in n-hexane
and in n-perfluorohexane (open circles and open triangles, respec-
tively); simulation results for oxygen in n-hexane and n-perfluorohex-
ane (solid circles and solid triangles, respectively).

Fig. 3 Solute–solvent atom–atom radial distributions functions of
oxygen in n-hexane.
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Conclusions

The present paper reports original experimental results of the
solubility of oxygen in n-hexane and n-perfluorohexane as a
function of temperature from 288 to 313 K. The temperature
range studied allows the derivation of several thermodynamic
quantities characteristic of the dissolution process that up to
now had not been determined directly.
As expected, the fluorinated solvent dissolves a larger

amount of oxygen than the equivalent hydrocarbon, the differ-
ence in solubilities being more important at the lower tempera-
ture studied. This behaviour is qualitatively reproduced by
computer simulation which was employed as a predictive tool,
using force fields taken from literature. It has been shown29

that the choice of all-atom force fields26 is pertinent as it pro-
vides better agreement with experimental data than do united-
atom models.28

The Henry’s law coefficients, being a property at infinite
dilution, depend on the solute–solvent interactions and not
on those present in the pure solute. This aspect may contribute
to improve interaction models for mixtures. The approxima-
tion consisting of adopting simple combining rules to take into
account the solute–solvent interactions was used here although
a quantitative prediction of the experimental results was not
possible. It has been shown previously35 that whenever the
behaviour of the Henry’s law coefficient (or of the Gibbs
energy of solvation) with temperature is reproduced by simula-
tion, it is possible to improve the combining rules, making use
of the experimental data. Quantitative predictions of Henry’s
law coefficients are then achieved.
The combined approach of the present work demonstrates

that computer simulation can serve as a complement to experi-
mental measurements allowing the extension of the ranges of

conditions where data are available and permitting the access
to molecular details concerning the dissolution process.
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