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Abstract: A setup for a calorimeter for
simultaneously measuring the solubility
and the solution enthalpy of solid solutes
in supercritical fluids (SCFs) has been
established. The enthalpy of solution of
naphthalene in supercritical CO2 was
measured at 308.15 K in the pressure
range from 8.0 ± 11.0 MPa. It was found
that the enthalpy of solution (DH) was
negative in the pressure range from 8.0
to 9.5 MPa, and the absolute value
decreased with increasing pressure. In

this pressure range, the dissolution of
the solute was enthalpy driven. How-
ever, the DH became positive at pres-
sures higher than 9.5 MPa, and the
dissolution was entropy driven. Monte
Carlo simulation was performed to ana-
lyze the local structural environment of

the solvated naphthalene molecules in
supercritical CO2 under the experimen-
tal conditions for the calorimetric mea-
surements. By combining the enthalpy
data and the simulation results, it can be
deduced that the energy level of CO2 in
the high compressible region is higher
than that at higher pressures, which
results in the large negative enthalpy of
solution and the larger degree of
solvent ± solute clustering in the high
compressible region.
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Introduction

Recently, the thermodynamic behavior of dilute mixtures in
the vicinity of the critical point of the solvent has received
much attention.[1] It has been known that supercritical fluids
(SCFs) have the ability to dissolve low volatile compounds;
this ability is the basis of SCF techniques. The mechanism of
SCFs for dissolving solutes is a very interesting and important
topic, which needs to be studied further. For the supercritical
(SC) CO2 ± naphthalene system, solubility and partial molar
volume (PMV) measurements have provided evidence that
the local properties in the vicinity of the solute (naphthalene)
molecules were quite different from the bulk properties of the
solvent. Eckert et al.[2] proposed the idea of solvent ªcluster-
ingº around the solute to interpret their experimental results
of large and negative PMVs for the solutes in supercritical
solvents. They showed that the infinite dilution PMV of
naphthalene dissolved in CO2 near the critical point could be
predicted qualitatively by using ideal chemical theory with a
cluster size of about 50 solvent molecules per solute molecule.
Kim and Johnston[3] showed that the PMV of naphthalene in

SC CO2 at infinite dilution is ÿ7800 cm3 molÿ1, which
corresponded to the condensation of about 80 solvent mole-
cules around a solute molecule. They tried to combine the
cluster concept with the local composition model by compar-
ing the solubility data with solvatochromism in supercritical
solutions. Debenedetti[4] compared calculations from the
Kirkwood ± Buff fluctuation analysis with the experimental
data of Eckert et al.[2] and concluded that the cluster size was
approximately 100 solvent molecules around a solute in the
highly compressible region for the case of naphthalene
dissolved in SC CO2. In his analysis, it was assumed that
clustering of SC solvent molecules could be related to the
large negative partial molar volume. Zhong et al.[5] and
Chrastil[6] proposed thermodynamic models for correlating
the solubility of solutes in SCFs on the basis of clustering
between solvents and solutes. The origin of the clustering in
SC solutions is a very interesting question, which is closely
related to the molecular interactions. The molecular inter-
actions in SC solutions differ significantly from those in
normal liquid solutions. Different experimental techniques
have been used to study the molecular interactions in
SCFs, such as UV,[7] FTIR,[8] fluorescence,[9] and partial
molar volume measurement.[2, 10] The energy change
of a given physical process could be accurately determined
by using calorimetric techniques.[11] Calorimetry could
provide the information about molecular interactions that
cannot be obtained from other methods. Therefore, the
calorimeter has been known as a ªlow-frequency spectrom-
eterº.[11f]
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The enthalpy of solution of solutes in SCFs gives energetic
information about the intermolecular interactions and is a key
method for investigating the reasons why SCFs are able to
easily dissolve solutes. To our knowledge, however, direct
measurement of the enthalpy of solution of solid solutes in
SCFs has not been reported in the literature. SC CO2 ±
naphthalene solution has become a model system for studying
solubility. This system is also a good candidate for studying
structure and intermolecular interactions by experimental,
theoretical, and simulation techniques. For example, recent
RISM (reference interaction site model) integral equation
theory calculations[12] and molecular mechanics simulations[13]

have predicted the preferred orientations of CO2 molecules
around a naphthalene molecule. In this work, we established
the setup for an isothermal flow calorimeter for simultane-
ously measuring the solubility and solution enthalpy of solid
solutes in SCFs. The intermolecular interactions in the SC
CO2 ± naphthalene system were studied by a combination of
calorimetry and Monte Carlo simulation.

Experimental Section

Materials : CO2 with a purity of 99.995 % was supplied by Beijing Analytical
Instrument Factory. Naphthalene was AR grade produced by Beijing
Chemical Plant.

Supercritical calorimeter : The calorimeter was the constant temperature
environment type. The principle of the calorimeter was very simple. At
constant pressure, SC CO2 flowed through a calorimeter vessel, which
contained a solid solute, and dissolved the solute. The temperature of the
calorimeter vessel was changed if the dissolution process absorbed or
released heat. The enthalpy of solution was obtained from the mass of the
solute dissolved, the energy equivalent, and the temperature change of the
calorimeter vessel after correction by using graphical extrapolation based
on Dickinson�s method.[14]

The schematic diagram of the calorimeter is shown in Figure 1. It consisted
mainly of a calorimeter vessel, an extractor (for the measuring of solubility,
though strictly speaking, it did not relate to the calorimeter), a thermostat,
an electric calibrator (not shown in Figure 1), a precision thermistor
thermometer, a sample collector, and a high-pressure system.

The key part of the calorimeter was the calorimeter vessel, which was made
of red copper and is schematically shown in Figure 2. The internal volume
of the vessel was 10 mL. The outlet was a copper tube of two meters long
and 1.5 mm in inner diameter and was wound around the calorimeter cell
tightly so that the heat exchange was sufficient. Experiments showed that
this tube was long enough because the measured enthalpy at fixed
temperature and pressure was independent of the flow rate of CO2.

Figure 1. Schematic diagram of the calorimeter to measure solution
enthalpy of solids in supercritical fluids: 1 and 3-constant temperature
bath; 2-gas cylinder; 4-preheating coil; 5-calorimeter vessel; 6-outer can;
7-extractor; 8-temperature controller; 9-sample trap; 10-flow gas meter.

Figure 2. Schematic diagram of the calorimeter vessel.

Electrical calibration was carried out by adding power to the calibration
heater with a resistance of 50� 0.1W. The thermistor, which had a
resistance value of 3 KW at 298.2 K, was sealed into the wall of the
calorimeter vessel. In order to decrease the heat leaking, the surface of the
calorimeter vessel, inlet and outlet tubes was electroplated, and the vessel
was covered by tinfoil paper. The size of the extractor was the same as that
of the calorimeter vessel, and their only difference was that the outlet of the
extractor was not wound around the extractor because a long outlet was not
favorable to the accurate measurement of the solubility. The accuracy of
the pressure gauge, which was composed of a transducer (FOXBORO/
ICT) and an indicator, was �0.025 MPa in the pressure range of 0 ±
20 MPa. Temperature fluctuation of the water bath was �0.001 K, and
the accuracy of the temperature measurement was �0.0005 K. The
preheating coil had a length of about 15 meters. The stability of the
pressure during the experiments was very important. To do this, we used a
CO2 cylinder of eight liters, which was submerged into a constant
temperature water bath, as is shown in Figure 1. The pressure of the gas
in the cylinder could be easily controlled by the temperature of the water
bath. Experiments showed that this way was very effective because the
pressure fluctuation was less than �0.01 MPa during each experiment.

Procedures : All the experiments were performed at 308.15 K. The
calorimeter vessel and extractor were thoroughly cleaned before the
experiments and then tightly packed with mixtures of solid naphthalene
and copper scraps (helped to conduct heat, reduced the possibility of the
solvent channeling, and prevented the solute material from forming lumps
under pressure). Naphthalene (8 g) was charged for each experiment.
Before the experiments, the system was stabilized for at least eight hours to
reach thermal equilibrium. The solubility was determined by opening the
needle valve slightly to allow CO2 to be passed through the extractor. The
solubility of the solute could be easily calculated by the masses of the solute
collected and CO2 passing through the flow meter. In order to confirm that
the equilibrium inside of the extractor had been reached, the measure-
ments were made at different flow rates (between 10 mL minÿ1 and
50 mL minÿ1) and compared. The solubility determined was independent of
the flow rate, indicating that equilibrium was reached. All the experiments
were conducted at the flow rate of 30 mL minÿ1. These data were used to
calculate the mole fraction of the solute in the vapor phase at the specified
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temperature and pressure. The experiments at each set of conditions were
repeated at least three times, and the repeatability was better than �2%.

The procedure for the enthalpy measurement was similar to that of the
solubility measurement. CO2 was allowed to pass through the calorimeter
vessel, and the temperature change was monitored by using a computer.
The mass of the solute dissolved in this process was known by the solubility
under the experimental conditions and the mass of CO2 passing through the
calorimeter vessel. The energy equivalent was measured by electric
calibrator under the experimental conditions, and the repeatability of the
measurement was better than �0.2%.

There was no experimental enthalpy data for the solution of solute in SCFs.
However, the accuracy of the calorimeter was tested by measuring the heat
capacity of water, and the average value was 4.18� 0.01 Jgÿ1 Kÿ1 at
308.15 K. The result agreed well with the literature value.[15] We emphasize
that accuracy for the solution enthalpy of solutes in a SCF is lower than that
for the heat capacity measurement of a liquid. The main reason is the
uncertainty of the solubility data determined. It is estimated that the
uncertainty for the enthalpy of solution determined in this work is about
�3 %.

Simulation section : Monte Carlo simulation was performed on 1000 real
molecules in the NPT ensemble with periodic boundary conditions. The
NPT ensemble was characterized by one simulation box with the number
of molecules N, pressure P, and temperatureT fixed, and the volume V of
the box was variable. The NPT ensemble was chosen instead of the
canonical (Constant N, V, and T ) ensemble because the latter tended to
suppress density fluctuations that were important near the critical point.
The molar ratios of the solvent and solute enclosed in the box were chosen
in such a way that they agreed with the solubility data determined in this
work. Detailed simulation conditions are given in Table 1. The standard
Metropolis method was used to obtain new configurations under the NPT
ensemble. In this work, the intermolecular potential was Lennard ± Jones
type [Eq. (1)].

uij(r)� 4eij

�
sij

r

� �
12

� sij

r

� �
6
�

(1)

In the equation, uij is the pairwise interaction. sij and eij are the Lennard ±
Jones size and energy parameters, and i,j� 1,2; 1 and 2 denote the solvent
(CO2) and the solute (naphthalene), respectively. The solute ± solvent pair
potential has the same form, but with different e and s parameters. Here we
used the Lorenz ± Berthelot combining rules [Eqs. (2) and (3)].

eij� (eiiejj)1/2 (2)

sij�
sii � sjj

2
(3)

The Lennard ± Jones parameters used in this simulation are given in
Table 2. A spherical cutoff radius of the half-length of the box was taken,
and the tail corrections were applied to correct for this truncation. In

general, computer simulations of the mixtures near the solvent critical
point can be tricky because for small finite systems different ensembles can
lead to different results. We took care to make sure that in the near-critical
region our results for the first peak of radial distribution functions, g(r),
were converged, which required large system sizes of up to 1000 particles.
Regarding the equilibration issue, the first 1� 107 MC steps were used for
equilibration while the subsequent 1.1� 107 MC steps were used for
averaging of structural properties. For the NPT ensemble, a move involved
a change in volume. The volume of the box was changed once every
100 cycles in this work. To convince ourselves that simulations were long
enough, we performed separate runs starting from different configurations,
including a face-centered cubic lattice and a random-distribution config-
uration, and obtained nearly identical results. We noted that it reached
equilibration more quickly when the random-distribution configurations
were adopted, thus, for each simulation, the system started from random-
distribution configurations.

In simulations it was often convenient to express quantities, such as
temperature, density, and pressure, in reduced units. The reduced temper-
ature, pressure, density, and length are defined as T*� kT/ell , p*� ps3/ell ,
1*�1s3

ll, and r*� r/sll , respectively, where sll and ell are the parameters of
the CO2 L ± J potential, T is the temperature, p is the pressure, k is the
Boltzmann constant, and 1�N/V is the number density.

Results and Discussion

Enthalpy of solution : As mentioned above, the dissolution of
naphthalene in SC CO2 can reach equilibrium at the
experimental conditions. Corresponding solubility data are
abundant in the literature. Figure 3 compares our data with
those reported in the literature.[16] The solubility data in this
work are in good agreement with those determined by other
authors.

Figure 3. Comparison of the solubility data of naphthalene in supercritical
CO2 at T� 308.15 K determined by different authors.

Figure 3 indicates that the solubility of naphthalene in SC
CO2 is very sensitive in the pressure range of 8.0 ± 11.0 MPa at
308.15 K, especially at pressures lower than 8.5 MPa. Our
experiments focused on this pressure region.

The enthalpy of solution (DH) of naphthalene in SC CO2

was measured by the calorimeter described in the Exper-
imental Section. DH as a function of pressure is listed in
Table 3 and is also illustrated in Figure 4. The DH is negative
in the pressure range from 8.0 to 9.5 MPa, that is, the solution
process is exothermic. The DH, however, becomes positive at

Table 1. Simulation conditions in the NPT ensemble.

Pressure [MPa] Total Number Naphthalene Carbon dioxide

7.84 1000 1 999
7.92 1000 2 998
8.00 1000 3 997
8.26 1000 6 994
8.54 1000 7 993

10.15 1000 10 990
11.00 1000 10 990

Table 2. Critical parameters and potential parameters for CO2 and
naphthalene.

Component Tc [K] Pc [MPa] s [�] e/k [K]

carbon dioxide 304.2 7.37 3.72 236.1
naphthalene 748.4 4.05 6.45 554.4
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Figure 4. Dependence of solution enthalpy of naphthalene in supercritical
CO2 on pressure at T� 308.15 K.

the pressures higher than 9.5 MPa. DH increases dramatically
with pressure in the range from 8.0 to 8.5 MPa.

The Gibbs free energy (DG), enthalpy (DH), and entropy
(DS) of solution are related by the following well-known
Equation (4).

DG�DHÿTDS (4)

Increasing DH is not favorable to increasing the solubility,
while an increase in DS is favorable to the solubility increase.
In the high compressible region, solution enthalpy is a large
negative value, that is, the enthalpy effects are dominant for
the dissolution of the solute. DH increases with increasing
pressure and becomes positive at the higher pressures. At
these pressures, the solution entropy must be large enough to
dissolve the solute in the supercritical fluid. In other words,
the entropy effects become dominant for the dissolution of
the solid at higher pressures. DH can be divided into two parts
[Eq. (5)].

DH�DH1�DH2 (5)

DH1 is the enthalpy of sublimation of naphthalene in the
absence of CO2. DH2 is the enthalpy of solution for dissolving
gaseous naphthalene in SC CO2 and gives energetic informa-
tion on the intermolecular interactions. The effect of static
pressure on DH1 should not be considerable in the pressure
range studied in this work. The value of DH1 is
71.27 KJmolÿ1.[17] The DH2 was easily obtained from Equa-
tion (5), and the results are also shown in Figure 4. As

expected, DH2 is negative over the entire pressure range
studied, and the absolute value decreases with increasing
pressure. We will discuss this further after discussion of the
microstructure of the solution.

Microstructure of the naphthalene/CO2 solution : In order to
understand the molecular interactions of naphthalene ± CO2

and analyze the above experimental results, we used the NPT
Monte Carlo method to study the microstructure of the
solution under some typical conditions for the enthalpy
experiments. The molar ratios of the two components
enclosed in the box were corresponding to the solubility
determined in this work. Thus we can discuss the intermo-
lecular interactions by combination of the simulation results
and the calorimetric data.

The radial distribution function (RDF) gives the proba-
bility of finding a pair of particles at a distance r apart, relative
to the probability expected for a completely random distri-
bution at the same density. Any deviation of RDF from unity
reflects the correlation between the particles due to the
intermolecular interactions. It provides information about the
local fluid structure. Figure 5 shows the RDFs in CO2 ±
naphthalene systems at 308.15 K. The parameter g11(r) is the

Figure 5. The RDFs of CO2 ± CO2: a) and CO2 ± naphthalene;
b) at 308.15 K and different pressures.

RDF of the CO2 ± CO2 pair, and g12(r) stands for the RDF of
the CO2 ± naphthalene pair. In g11(r), the oscillation structure
tends to disappear from high pressure to critical pressure,
while in g12(r), the short-range (first peaks) and long-range
correlations increase near the critical state. The figure,
furthermore, indicates that the first peak g12(r) is higher than

Table 3. Enthalpy of solution for naphthalene in SC CO2 at 308.15 K and
different pressures.

P [MPa] DH [KJ molÿ1]

8.08 ÿ 539.01
8.12 ÿ 386.30
8.45 ÿ 48.46
8.57 ÿ 38.60
8.60 ÿ 27.29
9.00 ÿ 15.43
9.47 ÿ 12.97
9.88 1.01
9.92 4.80

10.54 5.11
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that of g11(r) in the critical state, that is, there is preferential
aggregation of CO2 about the naphthalene solute. In the high-
pressure region, however, the heights of the first peak of g12(r)
and g11(r) are almost the same, and strong correlations
between solvent and solute disappear. It implies that the
enhancement of local density due to the presence of the
attractive naphthalene solute is more pronounced when the
fluid is more compressible. Such a trend was also observed in
Nouacer and Shing�s simulation study for infinitely dilute
solution.[18]

Extensive experimental and theoretical studies of dilute
supercritical solutions have shown that the local environment
around a dilute solute can differ dramatically from that
around a solvent molecule.[19] A cluster is a simple and
practical concept to explain a variety of phenomena in
supercritical fluids. However, one should be aware that the
term ªclusterº does not imply the existence of stable physical
aggregation. An important feature of a supercritical fluid is
the large fluctuation in its density both over space and time,
which may control the phenomena occurring in the super-
critical state, particularly near the critical point. In this work,
we try to use the concept of ªclusteringº to explain the
phenomena of our measurements.

Debenedetti[4] and Kim and Johnston[20] defined the mean
cluster size of solvent molecules about a solute molecule in
dilute solution as in Equation (6).

x12� 4p11

�
[g12(r)ÿ 1]r2dr (6)

In the equation, 11 is the number density of the solvent. In
the same way, the mean cluster size between solvents could be
defined in Equation (7).

x11� 4p11

�
[g11(r)ÿ 1]r2dr (7)

According to Equations (6) and (7), we computed the
cluster size of CO2 ± CO2 and naphthalene ± CO2 in naphtha-
lene ± CO2 systems, and of CO2 ± CO2 in pure CO2, respec-
tively. The calculations were carried out at some typical
conditions for enthalpy measurements. From Figure 6, we can
see that both the cluster size of naphthalene ± CO2 and CO2 ±
CO2 reached a maximum in the high compressible region.
Furthermore, the cluster size of CO2 ± CO2 in the naphtha-
lene ± CO2 system is similar to that in pure CO2 in the pressure
range, which implies that under our experimental conditions,

Figure 6. Mean cluster size of CO2 ± CO2 and CO2 ± naphthalene in the
CO2 ± naphthalene system and in pure CO2.

the addition of attractive solute into the solvent does not
considerably change the aggregation of solvent molecules
themselves.

Figure 4 shows that the enthalpy change (DH2) is negative
when gaseous naphthalene is added to SC CO2. The absolute
value decreases sharply with pressure in the pressure range
from 8.0 to 8.5 MPa and decreases slowly with pressure at
higher pressures. By combining the results in Figure 6, it can
be concluded that the DH2 is closely related with the
clustering of CO2 about the solute naphthalene.

It should be emphasized that the cluster size calculated
from Equations (6) and (7) is the average number of
CO2 molecules in each cluster in excess of the number
expected in that volume on the basis of the bulk density,
and these results give a clear picture of the clustering of CO2

surrounding the solute. However, to study the molecular
interactions, we should calculate the total coordination
number nij(r) of CO2 around the solute. Based on Equa-
tions (6) and (7), it can be easily calculated from the following
Equation (8).

nij(r)� 4p1j

Zr

0

gij(r)r2dr (8)

The coordination number of CO2 about a solute as a
function of r is listed in Table 4. The n12(r) increase with
pressure for all r values.

As discussed above, the effect of naphthalene on the
interactions between CO2 in the bulk solution can be
neglected. For a first approximation, DH2 can be considered
as the enthalpy change for the clustering process of one mole
of gaseous naphthalene with CO2. There are two possible
reasons for the large negative value of DH2 in the high
compressible region. First, the interaction between the solvent
and solute is stronger. Second, the energy level of the CO2 at
lower pressures (high compressible region) is higher than that
at higher pressures, and thus more heat is given out when it
forms the solvent ± solute clusters. We cannot find the
evidence to support the first assumption. It can be assumed
that the coordination number of solvent molecules around the
solute is larger if the interaction between the solvent and
solute is stronger. The results in Table 4 show that the
coordination number of CO2 molecules around the solute
increases with increasing pressure. Thus, we can deduce that
the energy level of the CO2 in the high compressible region is
higher than that at higher pressures, and thus more heat is
given out when it forms solvent ± solute clusters. This in turn
can explain why the degree of clustering is larger in the higher
compressible region.

Table 4. Coordination number of CO2 ± naphthalene in different
solvation shells.

P [MPa] n12 [r� 7.4 �] n12 [r� 11.2 �] n12 [r� 14.9 �] n12 [r� 18.6 �]

7.92 11.91 40.90 101.53 180.45
8.26 12.50 46.63 112.52 204.62
8.54 14.69 51.85 121.40 233.28
9.26 13.41 50.83 124.03 245.51

10.15 16.50 57.80 135.88 263.05
11.00 16.61 58.60 138.29 268.43
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