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This study reports the first complete description of the solution thermodynamics of a series of linear, branched,
and cyclic alkanes in water by computer simulations, including the enthalpy and entropy changes in addition
to the solvation free energies. We have also obtained a complete thermodynamic description of the solvation
of the associated alkane cavities. Our results lead to the following key observations: (i) The theoretical
prediction that hydration entropy and solvent reorganization are weakly coupled to solute-solvent dispersion
interactions is confirmed by computer simulations. (ii) The weak correlation between solute-solvent dispersion
interaction energies with solute surface area explains the large relative solubilities of cyclic alkanes and the
large difference between the free energy/surface area relations observed for gas to water transfer processes
compared to processes involving conformational rearrangements. (iii) The work of cavity formation in water
is determined in about equal measure by unfavorable entropic and solvent reorganization energy effects. The
findings obtained in this work have important implications for theories of hydrophobicity and suggest an
approach to parametrize the free energies of apolar hydration and association.

1. Introduction
The study of hydrophobic hydration and hydrophobic interactions is of importance in many scientific fields.1 In particular,
water-induced nonpolar interactions2 play a very important role
in biological systems from micelle and cell membranes formation3 to protein folding4-6 and ligand binding.7-9
Hydrophobic hydration constitutes one of the two basic
prototypes for studying the forces that determine the structure
of solutions and the thermodynamics of solvation, yet molecular
theories of hydrophobicity remain a matter of debate in the
copious literature still produced on the subject.10 According to
the iceberg model of Frank and Evans,11 the large entropy loss
and the large enthalpy gain upon dissolution of an apolar
molecule in water is due to the formation of low-energy rigid
water structures around the solute. This view has been criticized
in other studies12 that find that hydrophobic effects can be
rationalized simply on the basis of the small size of water
molecules. Explicit solvent computational studies13 of apolar
systems in water have provided important thermodynamic and
structural information concerning the origins of hydrophobicity.14-25 Although some studies support the traditional
view that water tends to form low-energy cage structures around
apolar solutes, they also show that such water cage structures
are not rigid. Computational studies also show that the association of apolar molecules in water is less predictable than
previously thought as it is not only entropy driven but specific
solvent effects exist that may favor solvent-separated solute
pairs.
The majority of the existing hydrophobicity models have
emerged from computational studies of simple nonpolar monatomic solutes; it is not straightforward to use them to predict
the solvation thermodynamics of complex molecular species,
like proteins, containing larger apolar regions. Whereas accurate
* Corresponding author.

models of electrostatic interactions have emerged,13,26-29 there
is evidence that the current empirical models of nonpolar
hydration as applied to even simple hydrocarbons require further
improvements. In particular, parametrizations based on the solute
solvent accessible surface area30,31 are found to be unable to
accurately fit the hydration free energies of different conformations of linear, branched, and cyclic hydrocarbons with a single
proportionality constant.32-34
For these reasons we have extended previous studies of the
thermodynamics of hydrophobicity by studying more complex
molecular species and extracting more detailed thermodynamic
information beyond the hydration free energy. In this work we
investigate the free energies, enthalpies, and entropies of
hydration of the alkanes from 1 to 5 carbon atoms, cyclopentane,
cyclohexane, and several conformations of hexane by explicit
solvent free energy perturbation (FEP) calculations. The hydration process is further divided into the work of cavity formation
followed by insertion of the solute in the cavity. This study
provides a picture of the thermodynamics of alkane hydration
that is not obtainable by experimental means alone and has not
been obtained before by computational means.
Alkane aqueous solutions have been extensively studied using
explicit solvent calculations.35-38 The present study extends
previous studies of alkane hydration already reported39-41 in
several ways: (i) A larger set of alkanes including branched
and cyclic alkanes is examined. (ii) The hydration process is
split into the work of cavity formation and work of formation
of solute-solvent dispersion interactions. (iii) In addition to the
free energies, enthalpy and entropy changes are evaluated.
We have investigated a larger set of alkanes to explore the
connection between structures and thermodynamic properties.
Whereas the solvation properties of normal alkanes necessarily
scale linearly with the size of the chain, branched and, more
clearly, cyclic alkanes, present anomalous hydration properties
that must be understood in order to develop an accurate
empirical model for nonpolar hydration applicable to a larger
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variety of molecular moieties. This task is difficult because the
hydration free energies of the alkanes are relatively small and
present small variations that are difficult to rationalize. The
larger solubility of cyclic alkanes with respect to normal alkanes
is a phenomenon still not clearly understood. A meaningful
decomposition of the hydration free energies should show
patterns that can help in this understanding. In this work we
decompose the hydration free energies into cavity/dispersion
terms and entropic/enthalpic terms.
The solvation properties of hydrophobic species are determined by their excluded solvent volume and their attractive van
der Waals interactions with the solvent. The two effects can be
studied independently42 by subdividing the total solvation
process into two steps. In the first step a suitable cavity is created
in the solvent; in the second step the attractive interactions
between the solute and the solvent are established.12,43,44 This
decomposition offers additional perspectives on the origin of
hydrophobicity and allows us to connect with solution theories
that treat hydrophobic solutes as collections of hard spheres.42,45,46
The repulsive solute cavity is essentially a void in the solvent
matrix and represents the most basic form of hydrophobic
species. The connection between cavity shape and cavity
hydration free energy should therefore be applicable to a large
range of solutes and should represent the first step in the study
of hydrophobicity. On the other hand, the free energies
associated with the solute-solvent attractive terms are expected
to depend on more specific molecular features such as type of
constituent atoms and their number and location.
The entropy/enthalpy decomposition13,47 of the free energies
can lead to additional insights. First, because hydration entropies
and enthalpies are experimentally measurable quantities, calculated hydration entropies and enthalpies can be compared to
the experiments to assess the quality of the model used in the
calculation. Second, because the entropies and enthalpies are
thermodynamic state functions, the entropy/enthalpy decomposition does not depend on the particular thermodynamic path taken
to solvate the solute (in the cavity/attraction decomposition,
instead, cavity formation must precede the establishment of the
dispersion interactions). Moreover, because hydrophobic hydration is characterized by particular signatures found mainly in
the enthalpies and entropies of solvation,48 invariably the
analysis of the free energy changes obtained involves the
analysis of the relative importance of the corresponding enthalpy
and entropy changes.
The solvent reorganization energy is a key quantity that we
have obtained to determine the enthalpies and entropies of
hydration. Solvent reorganization in hydrophobic hydration is
poorly understood given the complexity of the phenomenon,
the multiple possible interpretations of the experimental data,
and the stringent computational resources required in order to
study it by computer simulations. A number of computational
and theoretical studies have focused on the role of solvent
reorganization around a hydrophobic solute.13 In most of these
studies the solute is just a sphere or a monatomic solute,17,18,20,46,49,50 a system that is probably too simplistic to
describe the large variability of shapes of nonpolar molecular
moieties found in biological systems. Several approximate
methods have been proposed50-54 to study solvent reorganization
upon hydration of complex nonpolar solutes. In this paper the
solvent reorganization is calculated directly from the computer
simulations and the accuracy of the method is evaluated. The
estimates of the solvent reorganization energy obtained are used
to discuss the ability of water to adapt to the presence of the
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apolar solute by minimizing the loss of water-water interactions
and its effect on the solubilities of the alkanes.
The enthalpy/entropy and cavity/dispersion decompositions
are not independent. It has been postulated42 that whereas cavity
creation in water is accompanied by entropy loss and solvent
reorganization, the solute-solvent attractive interactions in first
approximation do not change the solvent structure and therefore
they affect the hydration enthalpy but not the hydration entropy
and the solvent reorganization energy. In this work, we confirm
this conjecture by explicit numerical calculations and we give
quantitative estimates of the entropy loss and of the solvent
reorganization energy upon cavity formation. This analysis also
suggests a physically motivated route to the parametrization of
the thermodynamics of hydrophobic hydration. We show that
the cavity hydration free energies, although difficult to calculate
explicitly, are, nevertheless, well correlated with the solvent
accessible area of the solute. In contrast, the solute-solvent
dispersion interaction energies of the small hydrocarbons studied
here are almost independent of surface area but do depend
strongly on atomic composition.
2. Methods
2.1. Free Energy. The solvation free energy differences
between two solutes X and Y are computed by the free energy
perturbation (FEP)55-58 method. In our implementation, the
geometry parameters (bond lengths, bond angles, and dihedral
angles) and the potential function parameters (charges and
Lennard-Jones parameters) depend on the charging variable λ
in such a way that by going from λ ) 0 to λ ) 1 the parameters
corresponding to the solute X are transformed into the parameters corresponding to the solute Y. This is accomplished in
several steps. In the ith step λ assumes the value λi and the
system parameters are set accordingly. The Gibbs free-energy
change for the ith window obtained by varying λ from λi to
λi+1 is expressed as

∆G(i + 1, i) ) -kT ln〈exp{-[U(λi+1) - U(λi)]/kT}〉i

(1)

where 〈...〉i denotes an isobaric ensemble average for λ ) λi
and U(λ) is the λ-dependent total potential energy. The total
free energy change is obtained by summing over all the
windows.
2.2. Enthalpy-Entropy Decomposition. The enthalpy change
for mutating a solute X into solute Y is

∆H ) ∆U
h + P∆V

(2)

where ∆U
h is the average potential energy change, P is the
pressure, and ∆V is the volume change. For the system studied
here the P∆V term is typically 2 orders of magnitude smaller
than ∆U
h and it will be neglected.
The total potential energy can be subdivided into a solutesolvent term Uuv, defined as the interaction energy of the solute
with the solvent, and a solvent-solvent term Uvv, defined as
the sum of the interaction energies of the solvent molecules
with all other solvent molecules,

Uvv )

Bk

∑k 2

(3)

where Bk is the solvent binding energy of solvent molecule k,
namely the potential energy of solvent molecule k due to all
other solvent molecules.
The total average potential energy change ∆U
h (i + 1, i) in
the ith window is expressed as the sum of the changes of the
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solute-solvent and solvent reorganization energy terms

∆U
h (i + 1, i) ) ∆U
h uv(i + 1, i) + ∆U
h vv(i + 1, i)

(4)

The solute-solvent and solvent-solvent average potential
energy changes in the ith window are computed by the
thermodynamic perturbation formulas13,17,23,49,59 expressed as

∆U
h uv(i + 1, i) )

〈Uuv(i + 1) exp[-∆U(i + 1, i)/kT]〉i
〈exp[-∆U(i + 1, i)/kT]〉i

-

〈Uuv(i)〉i (5)
∆U
h vv(i + 1, i) )

〈δUvvexp[-∆U(i + 1, i)/kT]〉i
〈exp[-∆U(i + 1, i)/kT]〉i

(6)

where ∆U(i + 1, i) ) U(λi+1) - U(λi), Uuv(i) ) Uuv(λi), and
δUvv ) Uvv - 〈Uvv〉i is the instantaneous fluctuation of the
solvent-solvent interaction energy. The TP formulas follow
from the direct formula20,35

∆U
h (i + 1, i) ) 〈U(i + 1)〉i+1 - 〈U(i)〉i

(7)

by evaluating the ensemble average at λi+1 in the ensemble at
λi employing a standard thermodynamic perturbation approach.
The solute-solvent potential energy change does not present
particular computational difficulties. The evaluation of the
solvent reorganization energy term, however, is a challenging
theoretical and computational problem.
2.2.1. Solvent Reorganization Energy. The calculation of
the solvent reorganization energy by means of eq 6 is complicated by the fact that the fluctuations of the term δUvv grows
with the number N of solvent molecules as xN. This constitutes
a formidable obstacle to an accurate estimate of the solvent
reorganization energy as the system size increases. The statistical
properties of the direct formula

∆U
h vv ) 〈Uvv〉Y - 〈Uvv〉X

(8)

have similar characteristics because the fluctuations of the
solvent-solvent potential energy grows as xN as well.
The application of the direct formula, by allowing the estimate
of the solvent reorganization energy by studying only the end
points of the mutation, may be advantageous when the two
solutes X and Y are very different. When the two solutes are
similar, the thermodynamic perturbation formula eq 6 is
preferable because it converges faster than the direct formula
eq 8 and can be evaluated in parallel with the free energy without
resorting to a separate calculation.
It should be pointed out that the statistical fluctuations of
the estimator of the free energy change in eq 1 (when only the
solute potential parameters are being mutated) are unaffected
by the system size. This accounts for the relatively fast
convergence of the free energy compared to the enthalpy and
entropy.
2.2.2. Ensemble Dependence. The properties of the solvent
reorganization energy under different ensembles have been
analyzed.60,61 It is shown that this term is responsible for the
ensemble dependence of the enthalpy and entropy of solvation.
Briefly, the enthalpy of solvation for the constant pressure
process (∆H)P differs from the energy of solvation at constant
volume (∆E)V by a quantity that in the thermodynamic limit is

TR
κ

(∆H)P - (∆E)V ) ∆V

(9)

where ∆V is the partial molar volume of the solute and R and
κ are respectively the thermal expansion coefficient and
isothermal compressibility of the pure solvent. The ensemble
dependence of the entropy of solvation (-T∆S), given that the
free energy of solvation is ensemble independent, is equal in
magnitude but opposite to the ensemble dependence of the
enthalpy of solvation given by eq 9. It has been shown18,47 that
the ensemble correction ∆VTR/κ, in general, cannot be neglected. It is, in fact, of the same order of magnitude as the
enthalpies of solvation of common hydrophobic solutes (for
solvation of methane ∆VTR/κ = 1.5 kcal/mol) and it increases
with solute size. To compare calculated enthalpies and entropies
of solvation to experimental measurements that are usually
conducted at constant pressure, it is necessary to perform the
calculation at constant pressure or, alternatively, apply the
correction given in eq 9 to the enthalpy and entropy of solvation
obtained at constant volume. Our calculations are performed at
constant pressure and can be directly compared to experimental
measurements without the need to rely on often approximate
estimates of the thermal expansion coefficient and isothermal
compressibility of the water model employed.62
The ensemble dependence of the solvent reorganization
energy does not imply that the solvent reorganizes differently
around the solute according to the solute insertion conditions.
A careful analysis18,63,64 shows that the ensemble correction in
eq 9 originates from a subtle density-dependent term which
scales such as V-1 upon insertion of the solute at constant
volume. Such bulk response is absent for the solute insertion at
constant pressure. In constant pressure simulations, therefore,
it is possible to evaluate the solvent reorganization energy by
studying only a solvent region close to the solute.
2.2.3. Solvation Shell Approximation. We have adopted a
solvation shell approximation64,65 to perform the enthalpyentropy decompositions of the free energy of hydration reported
in this work. In the solvation shell approximation only the
solvent molecules in a region close to the solute are included
in the calculation of the solvent reorganization energy.
The accuracy of the solvation shell approximation can be
analyzed by comparing the solvent reorganization energy for
the insertion of a water molecule in a sample of liquid water to
the solvent reorganization energy for the same process calculated
in the solvation shell approximation with various solvation shell
sizes. This is possible because the solvent reorganization energy
as a function of shell size can be obtained very accurately for
pure systems using the direct method because each solvent
molecule can be, in turn, considered as the solute. The solvent
reorganization energy as Nshell f ∞ is exactly minus half the
water binding energy.66
The solvent reorganization energy at standard conditions as
a function of the number Nshell of water molecules included in
the solvation shell around the water molecule being inserted is
shown in Figure 1. It can be observed that a solvation shell
composed of a relatively small number of water molecules
reproduces quite accurately the total solvent reorganization
energy. For the insertion of water into water for example, a
solvation shell composed of only 24 water molecules is capable
of capturing nearly 90% of the total solvent reorganization
energy.
This system also provides a good testing ground for the
thermodynamic perturbation formula (eq 6) used to estimate
numerically the solvent reorganization energy. Figure 1 shows
that the solvent reorganization energy calculated by the thermodynamic perturbation formula (the details of the calculation
are described in section 2.5) is in good agreement with the exact
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Figure 1. Solvent reorganization energy for inserting a water molecule
in water as a function of the number of water molecules in the solvation
shell.

result. Overall, the thermodynamic perturbation formula for a
solvation shell with only 24 water molecules captures in this
case more than 80% of the total solvent reorganization energy.
Increasing Nshell, however, introduces large statistical and
systematic errors. By appropriately reducing the number of
solvent molecules included in the solvation shell, one can obtain
accurate and reproducible estimates of the solvent reorganization
energy.
2.3. Cavity Decomposition. The two main characteristics that
determine the solvation properties of hydrophobic species are
their size and shape and the magnitude of their attractive
interactions with the solvent. The effect of size and shape can
be studied independently from the effect of the attractive forces
by subdividing the total solvation process into two steps. In the
first step a suitable cavity with repulsive walls is created in the
solvent. In the second step the molecule is placed in the cavity
by adding to the cavity the attractive van der Waals and
electrostatic interactions between the solute and the solvent.12,42-44
In this work the cavity decomposition is accomplished by
decomposing the total solute-solvent site-site interaction
potential u(r) into three contributions,

u(r) ) urep(r) + uvdW(r) + ues(r)

(10)

where urep(r) is a short-ranged repulsive term, uvdW(r) comprises
the dispersion van der Waals interactions, and ues(r) is the
Coulomb interaction. Details of the forms of these potentials
are given in section 2.5. By growing independently the repulsive
and attractive terms, the solvation thermodynamics of cavity
formation can be isolated from the contributions due to the
attractive terms.
2.4. Model. The TIP4P67 model is used for the water solvent.
The water and alkane molecules are considered rigid. All-trans,
all-tetrahedral conformations are adopted for linear and branched
alkanes, the chair conformation is adopted for cyclohexane, and
cyclopentane is prepared in a low-energy puckered conformation. The C-C bond length is 1.53 Å, and the C-H bond length
is 1.09 Å throughout.
The electrostatic and van der Waals interactions are modeled
according to the OPLS all-atom force field.68 The atomic partial
charges are 0.06 au for all alkyl hydrogen atoms. The atomic
partial charge of the methane carbon atom is -0.24 au, and the
atomic partial charges of primary, secondary, and tertiary carbon
atoms are respectively -0.18, -0.12, and 0.00 au. The Lennard-

Jones parameters are σLJ(C) ) 3.5 Å, σLF(H) ) 2.5 Å, LJ(C)
) 0.066 kcal/mol, and LJ(H) ) 0.03 kcal/mol.69
2.5. Computational Details. The system is composed of 512
water molecules and one solute in a cubic box at 298 K and 1
atm pressure. Periodic boundary conditions and the minimum
image convention have been applied in a standard fashion.70 A
sharp molecular cutoff of 12.4 Å has been applied to all pair
interactions. System configurations were generated using a
constant-pressure Monte Carlo (MC) algorithm.70 For each (MC)
pass 1 attempted move per solvent molecule and 40 attempted
moves for the solute were performed. The internal coordinates
of the molecules were not sampled. Starting from an fcc ice
structure the solution was equilibrated before collecting data.
The FEP calculations were organized as follow. Starting from
the pure solvent, a methane molecule was inserted in water using
a total of 45 windows. In the first 26 windows a Lennard-Jones
particle corresponding to an uncharged carbon atom was created
in water; in the following 19 windows the Lennard-Jones particle
was mutated into methane. Starting from methane, all the other
linear and branched alkanes were created by successive methylations of the existing chain. The FEP calculation of each
methylation was performed using 22 windows. Cyclohexane and
cyclopentane were created by starting from propane in a
sequence of respectively three and two steps with the last one
being a ring closure by the insertion of a CH2 group. Typically,
for each window 2000 MC equilibration passes were employed
followed by 64 000 MC passes of data acquisition. For the
conversion between the alkane and the corresponding repulsive
soft cavity 16 FEP windows and 4000 MC passes of averaging
per window were employed for each carbon atom. Statistical
uncertainties in the averages were estimated by block averaging.70 The solvation properties of water in water (see section
2.2.3) were obtained by transforming a Lennard-Jones particle
corresponding to a carbon atom into a TIP4P water molecule.
The interaction potential parameters are linearly interpolated
between the initial and final parameters. For instance, the partial
charge on a charged site at λ is given by

q(λ) ) (1 - λ)qi + λqf

(11)

where qi and qf are the initial and final partial charges at that
charged site. A similar approach is adopted for the rigid
molecular geometries. If {R̃Ni a} and {R̃Nf a} are the sets that
specify respectively the initial and final molecular geometries
in Cartesian atomic coordinates with respect to an arbitrary
internal molecular frame, the λ-dependent molecular geometry
{R̃Na(λ)} is given by

{R̃Na(λ)} ) (1 - λ){R̃Ni a} + λ{R̃Nf a}

(12)

For large mutations a linear interpolation approach may lead to
very unphysical states along the thermodynamic path. In such
cases the mutation from X to Y is better accomplished by a
series of such linear interpolations.
The conversion between the alkane and the corresponding
repulsive soft cavity is achieved by expressing the LennardJones solute-solvent interaction site-site potentials in the
form71

uLJ(r) )

{

[(σr ) - (σr ) ] + ( -  ) r < 2
σ
σ
4 [( ) - ( ) ]
r>2
r
r
12

4

6

a

12

a

6

1/6

σ
(13)

1/6

σ

The alkane-solvent LJ interaction is recovered from eq 13 when
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TABLE 1: Solvent-Accessible Surface Areas and
Solvent-Excluded Volumes of the Alkanes
molecule

SASA (Å2)

vol (Å3)

methane
ethane
propane
butane
pentane
hexane
isobutane
2-methylbutane
neopentane
cyclopentane
cyclohexane

141.196
178.472
209.019
239.567
270.115
300.662
233.919
257.991
254.007
244.941
262.341

153.205
211.008
263.157
315.307
367.456
419.606
310.175
354.355
352.657
329.281
365.684

the attractive well depth a is equal to the LJ well depth . The
conversion between the alkane and the corresponding repulsive
soft cavity is carried out by varying a from  to zero and
simultaneously setting all the charges to zero.
The free energy changes were obtained from the FEP formula
eq 1, and the solute-solvent energy change is calculated by eq
5. For the calculation of the solvent reorganization energy, the
solvation shell around the solute is defined to be composed of
the Nshell solvent molecules closest to a chosen atomic site of
the solute.72 For the annihilation of water (Figure 1) this site is
the oxygen atom, and the carbon atom is the site for the
annihilation of methane. For the methylations, the atomic site
at the center of the solvation shell was the carbon atom being
methylated. The transformation of a molecule in its corresponding soft repulsive cavity is carried out one carbon group at a
time, and the solvation shell center is the carbon atom itself.
The solvation shell approximation of the solvent reorganization
energy is then obtained from eq 6 where in the expression (3)
for Uvv only the molecules currently in the solvation shell are
included. The values reported here for the solvent reorganization
energy have been obtained by setting Nshell ) 24 that, as has
been already shown, gives accurate results for the insertion of
water in water. No attempt was made to optimize Nshell with
respect to the experimental hydration enthalpies of the alkanes.
The solvent accessible surface areas (SASA) of the alkanes
are obtained using the algorithm by Connolly.73,74 The solventexcluded volume of the solute is composed of exclusion spheres
centered on each solute atom. The radii of the excluded sphere
have been estimated from the continuous solute-water LennardJones interactions by calculating the thermal radius of the
repulsive portion of the LJ potential

urep(r) )

{

4

[(σr ) - (σr ) ] + 

0

12

6

r < 21/6σ

(14)

otherwise

where σ ) (σiσO)1/2 and  ) (iO)1/2, σi and i refer the LJ
parameters of either carbon or hydrogen, and σO and O refer
to the LJ parameters of the water oxygen. The thermal radius
is defined as the distance at which the interaction potential is
equal to kT. The thermal radii for the carbon-water and
hydrogen-water pairs calculated in this fashion are respectively
3.038 and 2.507 Å. The resulting accessible surface areas and
volumes are reported in Table 1.
Results and Discussion
3.1. Free Energies, Enthalpies, and Entropies of Hydration: Experiments and Calculations. The experimental free
energies, enthalpies, and entropies of hydration of the alkanes
studied are shown in Figure 2. The striking feature is that the
entropic and enthalpic terms are significantly larger in absolute
value than the hydration free energies. The hydration enthalpies

Figure 2. Experimental alkane free energies, enthalpies, and entropies
of hydration: (O) normal alkanes from C1 to C6 in order of increasing
surface area; (4) isobutane; (rotated triangle) 2-methylbutane; (3)
neopentane; (0) cyclopentane; (]) cyclohexane.

are large and favorable, and the hydration entropies are large
and unfavorable. The entropic terms are marginally larger in
absolute value than the enthalpic terms resulting in the unfavorable but small hydration free energies of the alkanes. It is
recognized that this behavior is typical of hydrophobic hydration.
Solvation of apolar compounds in most other solvents, in fact,
is usually accompanied by smaller enthalpic and entropic
changes.75
The calculated free energies, enthalpies, and entropies of
hydration of the normal alkanes from methane to hexane, of
the branched alkanes 2-methylpropane, 2-methylbutane, and
neopentane, and of the cyclic alkanes cyclopentane and cyclohexane are shown in Table 2. The calculated and experimental
data are plotted in Figures 3-5 with respect to the solventaccessible surface area (SASA). The SASA is a commonly used
predictor of the hydration properties of nonpolar compounds;31
it is used here as a reference to discuss the observed trends of
the experimental and calculated data. In Figures 3-5, the
calculated values are expressed relative to experimental free
energy, enthalpy, and entropy of methane.
In general, the calculated and experimental values are in good
agreement. The model reproduces most of the main characteristics of the hydration thermodynamics of the alkanes. In the
rest of this section we discuss in detail the comparison between
the experimental measurements and the results of the calculations. The ability to compare, in addition to the free energy,
the calculated enthalpies and entropies of hydration to the
experiments is very useful in formulating a way to modify the
force field parameters in order to improve the agreement
between the experimental and calculated quantities. Indeed, by
observing that the entropy of hydration is mainly determined
by the size of the alkane whereas the magnitude of the solutesolvent interactions primarily affects only the enthalpy of
hydration, we are able to suggest specific modifications of the
model parameters to improve the accuracy of the model.
The calculated hydration free energy of methane is 20% more
positive than the experimental methane hydration free energy
(2.00 kcal/mol). This discrepancy is partly due to the fact that
the calculated hydration enthalpy of methane is about 0.8 kcal/
mol less negative than the experiments (-2.75 kcal/mol). This
represents a significant discrepancy if compared to the good
agreement between the calculated and experimental relative
hydration enthalpies for the higher alkanes. The calculated
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TABLE 2: Calculated Hydration Free Energies (∆G), Enthalpies (∆H), Entropies (-T∆S), Solute-Solvent Energies (∆Uuv),
Solvent Reorganization Energy Changes (∆Uvv), and Solute-Solvent Contribution of the Hydration Entropies (-T∆Suv) of the
Alkanesa
molecule

∆G

∆H

-T∆S

∆Uuv

∆Uvv

-T∆Suv

methane
ethane
propane
butane
pentane
hexane
isobutane
2-methylbutane
neopentane
cyclopentane
cyclohexane

2.404 ( 0.042
2.630 ( 0.047
2.890 ( 0.051
3.210 ( 0.055
3.447 ( 0.058
3.781 ( 0.064
3.029 ( 0.055
3.510 ( 0.059
3.234 ( 0.061
2.802 ( 0.058
2.338 ( 0.060

-1.991 ( 0.189
-3.153 ( 0.207
-3.895 ( 0.234
-4.399 ( 0.256
-5.351 ( 0.274
-5.682 ( 0.299
-4.233 ( 0.254
-4.704 ( 0.272
-5.089 ( 0.283
-5.056 ( 0.264
-6.668 ( 0.281

4.395 ( 0.194
5.783 ( 0.212
6.786 ( 0.240
7.608 ( 0.262
8.798 ( 0.281
9.462 ( 0.306
7.262 ( 0.260
8.213 ( 0.278
8.323 ( 0.290
7.858 ( 0.270
9.006 ( 0.287

-3.313 ( 0.024
-5.437 ( 0.025
-7.209 ( 0.030
-8.977 ( 0.033
-10.774 ( 0.036
-12.384 ( 0.040
-8.883 ( 0.033
-10.130 ( 0.037
-10.387 ( 0.039
-9.983 ( 0.037
-11.662 ( 0.039

1.322 ( 0.188
2.284 ( 0.205
3.314 ( 0.232
4.579 ( 0.254
5.423 ( 0.272
6.703 ( 0.296
4.650 ( 0.252
5.426 ( 0.269
5.297 ( 0.280
4.928 ( 0.261
4.994 ( 0.278

5.717 ( 0.048
8.067 ( 0.053
10.099 ( 0.059
12.187 ( 0.064
14.221 ( 0.068
16.165 ( 0.075
11.912 ( 0.064
13.640 ( 0.069
13.621 ( 0.072
12.785 ( 0.068
14.000 ( 0.071

a

Values reported in kcal/mol at 298 K.

Figure 3. Calculated and experimental93 hydration free energies of
the alkanes vs their solvent accessible surface area (SASA). Calculated
free energies are shown taking as a reference the experimental hydration
free energy of methane. Calculated values are represented with filled
symbols, and experimental measurements, by open symbols: (O)
normal alkanes from C1 to C6 in order of increasing surface area; (4)
isobutane, (rotated triangle) 2-methylbutane; (3) neopentane, (0)
cyclopentane; (]) cyclohexane.

hydration entropy of methane, although in better agreement with
the experimental hydration entropy (-T∆S ) 4.75 kcal/mol),
is found to be too small. The discrepancies in the enthalpy and
entropy partially cancel each other resulting in a smaller
discrepancy in the free energy. The data suggest that the model
could be improved by increasing the methane-excluded volume
while keeping the dispersion van der Waals water-methane
interactions per unit surface area approximately constant. These
modifications will increase the hydration entropy loss and also
increase the solvent-accessible area of methane resulting in a
stronger solute-solvent interaction. Both effects together would
move the calculated hydration properties toward the experimental values. These force field modifications could then be
propagated almost unchanged to all the other alkanes as the
enthalpies and entropies of the larger alkanes relative to methane
are in fairly good agreement with the experiments.
The calculated and experimental hydration free energies of
the alkanes are positive and generally increase with increasing
solvent accessible surface area (Figure 3). Experimentally,
however, it is observed that the hydration free energy of ethane
is smaller than the hydration free energy of methane. The drop
in free energy of hydration in going from methane to ethane is
not reproduced by the calculations. [A previous calculation,40
which reproduces the larger solubility of ethane with respect to

Figure 4. Calculated and experimental93 hydration enthalpies of the
alkanes vs their solvent accessible surface area (SASA). Calculated
enthalpies are shown taking as a reference the experimental hydration
enthalpy of methane. See Figure 3 for the symbol keys. The standard
state conversion factor 0.549 kcal/mol ) -RT(1 - TRwater) has been
added to the experimental values of ∆H given in ref 93.

methane, was later found to be not fully converged.76] The
calculations underestimate the magnitude of the negative
enthalpy change and overestimate the entropy loss in going from
methane to ethane. Both effects contribute to a less favorable
hydration free energy of ethane. It appears, therefore, that the
current alkane model should allow for a larger gain in favorable
alkane-water interactions in going from methane to ethane
without further entropy loss. This could be achieved by
increasing the ethane-water Lennard-Jones interaction parameters and, given the strong dependency of the hydration entropy
on molecular size discussed below, by decreasing the ethane/
methane size ratio in water.
The experiments also show that each methylation beyond the
first increases the free energy of hydration of the linear alkanes
by approximately 0.2 kcal/mol whereas the calculated free
energy increase at each methylation is on average slightly higher.
The calculations reproduce very well the experimental 1.2
kcal/mol free energy difference between hexane and cyclohexane. For cyclopentane the calculations predict a free energy of
hydration that is only =0.6 kcal/mol smaller than the hydration
free energy of pentane, while experimentally this free energy
difference is about 1.1 kcal/mol.
The calculated and experimental enthalpies of hydration of
the normal alkanes are in good agreement (Figure 4). This level
of agreement could not have been achieved by ignoring the
solvent reorganization energies. Each CH2 group contributes
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Figure 5. Calculated and experimental93 hydration entropies (-T∆S)
of the alkanes vs their solvent accessible surface area (SASA).
Calculated entropies are shown taking as a reference the experimental
hydration entropy of methane. See Figure 3 for the symbol keys. The
standard state conversion factor 0.549 kcal/mol ) -RT(1 - TRwater)
has been subtracted from the values of the experimental values of -T∆S
given in ref 93.

roughly -0.6 kcal/mol to the enthalpy of hydration. The
calculations slightly underestimate the magnitude of the experimental enthalpies of hydration. Despite the quite favorable
enthalpies of hydration, the solubility in water of these
compounds remains low due to the unfavorable entropies.
Calculated and experimental entropies of hydration of the
linear alkanes are also in good agreement (Figure 5). The
experimental entropy losses, however, are overestimated by the
calculations. This effect could be in partly due to having ignored
the torsional degrees of freedom of the carbon chains. For linear
alkanes each additional methylation decreases T∆S by about
0.8 kcal/mol. The T∆S values are larger in magnitude than the
∆H values resulting in the positive hydration free energies
discussed above.
The alkane hydration free energies result from a large
cancellation between enthalpic and entropic components. The
∆H and T∆S values are each 3-4 times larger in magnitude
than the free energies. Subtle variations of the entropies and
enthalpies of hydration are, in fact, the cause of the anomalies
in the trend of hydration free energies, for example the slight
decrease in going from methane to ethane (not observed in the
calculations) and the surprisingly high solubilities of the cyclic
alkanes.
Experimentally, the hydration free energies per unit surface
area of the branched alkanes are slightly more positive than
their linear counterparts. For isobutane this effect is caused by
a less favorable enthalpy of hydration only partially offset by a
smaller entropic loss. In contrast, the low solubility of neopentane is due to a larger entropic penalty than the corresponding
linear homologues (see Figure 5). The calculated hydration
enthalpies per unit surface area are consistently less favorable,
and the entropy loss per unit surface area are smaller than the
corresponding linear molecules. The calculations are successful
in reproducing qualitatively the experimentally observed hydration entropy and enthalpy of isobutane; the agreement, however,
is not quantitative, and the lower relative solubility of isobutane
is not accurately reproduced. For neopentane the disagreement
with the experiments is of a qualitative nature. The hydration
free energy of neopentane is predicted to be roughly equal, as
opposed to lower, than a linear alkane of the same solvent
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Figure 6. Enthalpies (∆H), solute-solvent energies (∆Uuv), and, in
the upper portion of the figure, solvent reorganization energies (∆Uuv)
of the alkanes vs their solvent accessible surface area (SASA). See
Figure 3 for the symbol keys.

accessible surface area, and the ordering of the hydration
enthalpy and entropy is reversed with respect to the experiments.
The free energies of hydration of the cyclic alkanes favor
hydration more than their corresponding linear homologues. The
free energy drop caused by cyclization is reproduced by the
calculations, although underestimated in the case of cyclopentane. Both experimentally and computationally, the larger than
predicted solubility of cyclohexane compared to hexane is
mostly attributed to the significantly more favorable than
expected enthalpy of hydration. Despite their different accessible
surface areas, in fact, the enthalpies of cyclohexane and hexane
are are of similar magnitude. The calculations also show that
the larger solubility of cyclopentane compared to an alkane of
the same solvent accessible surface area is due mostly to a more
favorable hydration enthalpy, although partially offset by a more
unfavorable entropic component.
3.2. Solute-Solvent Energy, Solvent Reorganization Energy, and Enthalpy-Entropy Compensation. As described
in section 2.2.1, we have computed separately the solutesolvent energy and the solvent reorganization contributions to
the enthalpy of hydration. These contributions provide insights
into the thermodynamics of solvation, and we will use them to
discuss the observed enthalpies of hydration. Table 2 and Figure
6 show the results of this decomposition for the alkanes
examined.
In general the solute-solvent interaction energies are large
and negative, steadily decreasing by about -1.8 kcal/mol for
each methylation. With about -12 kcal/mol, hexane has, in
absolute value, the largest interaction energy with water in this
alkane set. In contrast, the total enthalpy of hydration decreases
by only -0.6 kcal/mol for each methylation and for hexane is
only -4.8 kcal/mol. This is due to the solvent reorganization
component which is positive and steadily increases after each
methylation. The solvent reorganization energy is, in absolute
value, smaller than the solute-solvent interaction energy, but
it is far from negligible as it comprises as much as 40% of the
total hydration enthalpy. Satisfactory agreement with the
experimental enthalpies of hydration, therefore, can only be
achieved by taking into consideration the solvent reorganization
energies.
The enthalpy of hydration is the result of a cancellation
between the larger and negative solute-solvent interaction
energy and the solvent reorganization energy which is of smaller
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magnitude and positive. The correlation between solute-solvent
and solvent reorganization energies can be rationalized by
observing that in this system the magnitude of the interaction
of the solute with the water molecules increases with increasing
solute size. In turn, the larger the solute, the more extensive
the solvent structure disruption that is ultimately manifested in
the unfavorable solvent reorganization energy.
As we have pointed out in the previous section, the
experimental data and the calculations show that the higher than
expected solubility of cyclohexane is mostly an enthalpic
phenomenon. Moreover, Figure 6 shows that the larger than
expected favorable enthalpy of hydration of cyclohexane
compared to the linear alkanes is largely due to the strong
cyclohexane-water interactions. Indeed, the solute-solvent
energy per unit surface area for cyclohexane is more negative
than for the linear alkanes, whereas the solvent reorganization
energy per unit surface area is constant for all the alkanes
examined (roughly 34 cal/mol Å2). The same considerations
seem to apply, but to a smaller degree, to cyclopentane and the
branched alkanes. These observations suggest that, despite their
larger solvent accessible surface area, linear alkanes are unable
to form interaction contacts with a proportionally larger number
of solvent molecules. Due to the close packing of the solvating
water molecules, additional water molecules are prevented from
entering the first solvation shell unless the accessible surface
area of the solute increases by a minimum increment. This effect
is due to the finite size of the water molecules and cannot be
easily captured by implicit solvation parameters such as the
accessible surface area.
In conclusion, the larger solubility of cyclohexane with respect
to hexane is explained by observing that in going from hexane
to cyclohexane (i) the unfavorable entropy and solvent reorganization energy decrease roughly proportionally to the decrease
in solvent accessible surface area and (ii) the magnitude of the
favorable solute-solvent energy decreases to a much smaller
degree than expected from the loss of solvent accessible surface
area and of two interaction centers (two hydrogen atoms).
The solvent reorganization model77,78 is sometimes invoked
to explain the often observed phenomenon of entropy-enthalpy
compensation,13,47,49 expressed as

|∆H|, |T∆S| > |∆G|

(15)

whereby entropy and enthalpy variations partially cancel each
other to yield a smaller free energy change. In the solvent
reorganization model, the enthalpy and entropy changes are,
ignoring the P∆V term, decomposed as follows:17,80

∆H ) ∆U
h uv + ∆U
h vv

(16)

h vv
-T∆S ) -T∆Suv - ∆U

(17)

where ∆U
h uv is the solute-solvent average potential energy
change, ∆U
h vv is the solvent reorganization energy, and -T∆Suv
is a quantity, defined by eq 17, which is referred to as the
solute-solvent entropy change. When the free energy is
obtained by summing eqs 16 and 17

∆G ) ∆Uuv - T∆Suv

(18)

the solvent reorganization term cancels out and it does not
contribute to the free energy change. The solvent reorganization
model, therefore, predicts that the larger the solvent reorganization energy, the more likely is the occurrence of entropyenthalpy compensation.

The solvent reorganization model is useful in predicting
entropy-enthalpy compensation in the following two cases: (i)
The solvent reorganization energy term is larger in absolute
value than |∆Uuv| and |T∆Suv|. In this case entropy-enthalpy
compensation will necessarily occur. (ii) The quantities ∆Uuv
and T∆Suv over a series of solutes are uncorrelated from each
other. In this case (and if condition 1 is not met) the occurrence
of entropy-enthalpy compensation will be, in a statistical sense,
more likely than entropy-enthalpy reinforcement.
For the hydration of hydrocarbons, the data presented here
show, however, that none of the above conditions are satisfied.
Table 2 clearly shows that the solvent reorganization energy is
always smaller in absolute value than the solute-solvent
potential energy term and the solute-solvent entropy term.
Moreover, the values of ∆Uuv and -T∆Suv are far from being
uncorrelated. In fact, they always oppose each other and grow
roughly proportionally to alkane size. Additionally, by subtraction of the solvent reorganization energy from ∆H and T∆S,
the remainders that are produced (the solute-solvent term and
solute-solvent entropy term) are even larger in absolute value
than the original ∆H and T∆S values. These remainders,
therefore, compensate each other even more strongly than ∆H
and -T∆S. It appears, therefore, that in this case the solvent
reorganization decomposition expressed by eqs 16 and 17
instead of clarifying the causes of entropy-enthalpy compensation introduces terms whose entropy-enthalpy compensation
analysis is even more difficult to justify. The analysis of the
data obtained in the present study shows that it is the
compensation between ∆Uuv and -T∆Suv that ultimately
provides the basis for entropy-enthalpy compensation that is
observed in the solubilities of the hydrocarbons in water.
3.3. Cavity Decomposition. The study of the solvation
thermodynamics of cavity formation is of a particular importance
because it is thought to form the basis for hydrophobic
hydration.19,42,46,51,81 The probability of the natural occurrence
of a suitable void of solvent molecules in a liquid determines
the free energy of hydration of a repulsive cavity.44,46,82-84 In
liquid water, given the small size of a water molecule and the
close-packing structure, the occurrence of a large solvent void
is extremely unlikely. By analogy with hard sphere fluids, it is
thought that the unfavorable free energy of hydration of a
repulsive cavity is entropy dominated; formation of the cavity
causes loss of translational and rotational entropy of the liquid.
The magnitude of the water reorganization energy near a
repulsive cavity is, however, also important.51 We will show,
in fact, that in the systems studied the solvent reorganization
energy for cavity hydration accounts for as much as 50% of
the cavity hydration free energy.
Cavity hydration can be studied by monitoring the probability
of the natural occurrence of a void in a sample of pure
solvent.44,82,83,85 Pratt et al.46,86 obtained the average and variance
of the number of solvent molecules in a certain volume and
used information theory techniques to predict the probability
that no water molecules are present in the volume. In the present
work the alkane cavities are constructed from the corresponding
alkanes by removing the atomic partial charges and the attractive
solute-solvent van der Waals interactions. In the next section
we will provide numerical comparisons between the calculated
free energy of alkane cavity hydration and the information theory
predictions for the same cavities.
The hydration thermodynamic properties of the alkane cavities
examined in this work are reported in Table 3. In Table 4 we
report the changes relative to the mutation of the alkane cavities
to the corresponding alkanes. The latter corresponds to the
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TABLE 3: Calculated Hydration Free Energies (∆G), Enthalpies (∆H), Entropies (-T∆S), Solute-Solvent Energy Changes
(∆Uuv), and Solvent Reorganization Energies (∆Uvv) of the Alkane Cavitiesa

a

molecule

∆G

∆H

-T∆S

∆Uuv

∆Uvv

methane
ethane
propane
butane
pentane
hexane
isobutane
2-methylbutane
neopentane
cyclopentane
cyclohexane

6.721 ( 0.044
8.926 ( 0.048
11.421 ( 0.054
13.374 ( 0.058
15.511 ( 0.063
18.037 ( 0.069
13.112 ( 0.059
15.626 ( 0.063
15.189 ( 0.063
14.390 ( 0.060
15.731 ( 0.063

3.290 ( 0.192
3.896 ( 0.213
5.951 ( 0.243
7.432 ( 0.266
9.472 ( 0.285
10.487 ( 0.310
7.811 ( 0.262
9.266 ( 0.281
8.103 ( 0.293
8.760 ( 0.276
8.716 ( 0.292

3.431 ( 0.197
5.030 ( 0.218
5.470 ( 0.249
5.942 ( 0.272
6.039 ( 0.292
7.550 ( 0.318
5.300 ( 0.269
6.360 ( 0.288
7.087 ( 0.299
5.629 ( 0.282
7.015 ( 0.298

0.963 ( 0.028
0.854 ( 0.029
1.241 ( 0.035
1.173 ( 0.039
1.259 ( 0.044
1.850 ( 0.048
1.139 ( 0.040
1.952 ( 0.043
1.504 ( 0.042
1.614 ( 0.042
1.655 ( 0.044

2.327 ( 0.190
3.042 ( 0.211
4.711 ( 0.240
6.260 ( 0.263
8.213 ( 0.282
8.636 ( 0.307
6.672 ( 0.259
7.315 ( 0.278
6.599 ( 0.290
7.147 ( 0.273
7.061 ( 0.288

Values reported in kcal/mol at 298 K.

TABLE 4: Calculated Free Energies (∆G), Enthalpies (∆H), Entropies (-T∆S), Solute-Solvent Energy Changes (∆Uuv), and
Solvent Reorganization Energies (∆Uvv) for the Process of Adding the Attractive Interactions to the Repulsive Potential of the
Alkane Cavitiesa
molecule

∆G

∆H

-T∆S

∆Uuv

∆Uvv

methane
ethane
propane
butane
pentane
hexane
isobutane
2-methylbutane
neopentane
cyclopentane
cyclohexane

-4.317 ( 0.015
-6.296 ( 0.013
-8.531 ( 0.017
-10.165 ( 0.019
-12.064 ( 0.023
-14.256 ( 0.026
-10.083 ( 0.022
-12.117 ( 0.022
-11.955 ( 0.016
-11.588 ( 0.019
-13.393 ( 0.019

-5.281 ( 0.028
-7.049 ( 0.052
-9.847 ( 0.063
-11.831 ( 0.071
-14.823 ( 0.077
-16.168 ( 0.083
-12.044 ( 0.065
-13.970 ( 0.071
-13.192 ( 0.075
-13.816 ( 0.080
-15.384 ( 0.079

0.964 ( 0.032
0.753 ( 0.054
1.316 ( 0.066
1.666 ( 0.073
2.760 ( 0.081
1.912 ( 0.087
1.962 ( 0.068
1.854 ( 0.074
1.237 ( 0.077
2.229 ( 0.083
1.991 ( 0.081

-4.276 ( 0.015
-6.291 ( 0.014
-8.450 ( 0.018
-10.150 ( 0.020
-12.033 ( 0.024
-14.234 ( 0.028
-10.022 ( 0.022
-12.082 ( 0.023
-11.891 ( 0.017
-11.597 ( 0.020
-13.317 ( 0.020

-1.005 ( 0.024
-0.758 ( 0.051
-1.397 ( 0.061
-1.681 ( 0.068
-2.791 ( 0.073
-1.934 ( 0.078
-2.022 ( 0.061
-1.889 ( 0.067
-1.301 ( 0.073
-2.219 ( 0.078
-2.067 ( 0.076

a

Values reported in kcal/mol at 298 K.

Figure 7. Cavity and van der Waals attraction decomposition of the
alkanes hydration free energies shown vs their solvent-accessible surface
area (SASA). See Figure 3 for the symbol keys.

process of reestablishing the full alkane-water potential by
adding the attractive Lennard-Jones and electrostatic interactions
to the repulsive potential of the cavities.
Figure 7 illustrates the decomposition of the hydration free
energies of the alkanes into the free energy of cavity hydration
plus the free energy changes due to forming the attractive van
der Waals and electrostatic interactions. The cavity and attractive
components are much larger in magnitude than the hydration
free energies. The cavity component is large and positive while
the attractive component is large and negative. The attractive
component is slightly smaller in magnitude than the cavity
component resulting in the positive but small alkane hydration
free energies. The hydration free energies are, thus, the result

of a large cancellation between the large reversible work needed
to create the cavity in water and the large reversible work
released when the dispersion interactions between the solute
and water are turned on.
Branched and cyclic alkanes have slightly larger than
expected cavity hydration free energies than the linear alkanes.
The magnitudes of the dispersion free energies of the branched
and cyclic alkanes are, in absolute value, also larger than
expected. Moreover, these two terms do not cancel each other
in a predictable manner resulting in the complex pattern of
calculated solubilities of the branched alkanes discussed previously. The cavity decomposition of the hydration free energies
is unable to present a clear explanation for the smaller than
expected solubilities of the branched alkanes. For these molecules, however, even the experimental evidence on the enthalpies and entropies of hydration suggests that the effects involved
are subtle and difficult to predict.
The cavity decomposition for the cyclic alkanes, in contrast,
clearly indicates that their larger than expected water solubilities
are due to a more favorable then expected dispersion component
that, as shown below, is dominated by the favorable solutesolvent interaction energies. Although the work required to
create the cavities of the cyclic alkanes is slightly larger than
expected, the cyclic alkanes are more soluble due to their
dispersion hydration free energies, which are significantly more
favorable then the SASA predictions.
The cavity free energies are linearly correlated with the
solvent-accessible surface area much better than the total
hydration free energies. We attribute the deviations from
linearity of the alkane hydration free energies to the complex
behavior of the dispersion free energy component. While these
deviations are small compared to the large magnitudes of the
cavity and attractive free energies, they are quite significant
compared to the small total free energies of hydration. This
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reflects the very large cancellation between the repulsive cavity
and attractive components.
In Table 3 we also report the entropy-enthalpy decomposition of the cavity hydration free energies. As the solvation of a
hard sphere solute in a hard sphere solvent is exclusively an
entropic process, it is surprising to observe that the enthalpy of
cavity hydration is generally larger than the corresponding
entropy term. In water the hydration free energy of the alkane
cavities appears to be enthalpy dominated. This phenomenon
is not due to the “softness” of the cavities considered in this
work, as it can be observed that the solute-solvent component
of the enthalpy is very small compared to the solvent reorganization energy. The enthalpy of cavity hydration is, thus, largely
due to the water reorganization energy.
It can be also observed that, unlike many other thermodynamic processes, the enthalpy and entropy of cavity hydration
do not cancel each other. Cavity hydration is unfavorable both
enthalpically and entropically. This anomalous phenomenon can
be explained by the fact that, even though the magnitude of the
interactions between water molecules around the cavity is
decreased, the solvent loses translational and rotational entropy
due to the presence of the solute cavity which makes the solution
no longer homogeneous and isotropic.
We have observed that the entropy of hydration of both
nonpolar and polar compounds is mainly determined by the
entropy of their associated cavity. Indeed, the process of turning
on the solute-solvent van der Waals and electrostatic interactions for the species we have examined (alkanes, water, and
amines87) is usually accompanied by relatively small entropy
changes.
From Table 4 we observe that the process of adding the
attractive Lennard-Jones interactions to the repulsive potential
of the cavities is enthalpy dominated. The entropy changes are
small, and the free energy changes are dominated by the
enthalpy changes. A closer examination reveals that most of
the enthalpy changes are due to the increase in magnitude of
the attractive solute-solvent interactions whereas the solvent
reorganization energy changes are small. Note also that the
entropy changes, although small, are almost exactly counterbalanced by the solvent reorganization energies. This effect, as
predicted by Lee,51 occurs whenever the fluctuation of the
solute-solvent energy change is small. From these observations
we conclude that, although the magnitude of the solute-solvent
interaction changes considerably, the process of adding the
attractive interaction terms involves little structural rearrangements. The numerical results shown in Table 4 are consistent
with the liquid state model which forms the basis for the
Weeks-Chandler-Andersen (WCA) theory,71 according to
which the equilibrium structure of an apolar liquid is determined
largely by the volume and shape of the impenetrable molecular
cores and only secondarily by the van der Waals interactions.
Apparently, this idea also applies very well to the structure of
a solution of an apolar compound in water where solute-solvent
electrostatic interactions are small, as originally suggested by
Pratt and Chandler.42
The decomposition of the alkane hydration process into the
formation of an alkane cavity followed by the addition of the
attractive solute-solvent interactions shows that, because of the
significant solvent reorganization energy, the first process is
not purely entropic, as would be expected for a hard sphere
solvent. The second process, in contrast, is nearly totally
enthalpic; to a good approximation the attractive van der Waals
interactions only rescale the solute-solvent potential energy
without affecting the solution structure. This suggests that in
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certain limits it is possible to parametrize molecular force fields
for liquid simulations by varying independently parameters that
define the size of molecules, which largely determine the liquid
structure and parameters that measure the attractive interactions
between the molecules, which determine the energy of the
system.
Moreover, the analysis of the data collected suggests a means
to develop an empirical parametrization model aimed at
estimating hydrophobic hydration free energies. Existing models
commonly aggregate the cavity and van der Waals contribution
in a single nonpolar contribution that is parametrized via the
solvent-accessible surface area of the molecule.30,88,89 However
when using a microscopic water surface tension obtained by
fitting the experimental hydration free energies of the linear
alkanes,31,90 this technique presents some drawbacks as, for
examples, it fails to predict accurately the free energy of
hydration of the cyclic alkanes. We observe that the strong
correlation between the cavity hydration free energies and the
solute surface area makes it easy to predict the properties of
molecular cavities of a large variety of compounds. In contrast,
the dispersion properties appear to be much more specific to
each compound. It may, therefore, prove useful to separate the
total hydrophobic hydration free energy into cavity and dispersion contributions. A parametrization of hydration free energies
should then include contributions from these two components.
However, it is probably not desirable to separately fit each
contribution because the large numerical cancellation between
the two terms in the free energy would require each term to be
fit with extremely high accuracy. We are pursuing an alternative
approach which involves a two-term simultaneous fit of the
hydration free energies for which correlation between the
parameters is anticipated.
3.4. Conformational Dependence of the Thermodynamics
of Apolar Hydration. In the previous section it was shown
that for the linear and cyclic alkanes the cavity hydration free
energies are linearly correlated with the solvent accessible
surface area. In contrast, the van der Waals dispersion free
energies appear to be strongly correlated with the atomic
composition of the molecule and weakly correlated with the
SASA. It is difficult to unambiguously confirm this hypothesis
from the data collected so far because all the structures examined
differ from each other by atomic composition, and topology, in
addition to SASA. One way to separate composition from SASA
effects is to study different conformations of the same molecule
in order to vary the SASA keeping the same atomic composition
and connectivity. Toward this end, we have examined the
hydration thermodynamics of the ttt, tgt, tgg, and ggg rotamers
of n-hexane. The nomenclature refers to the trans (t) or gauche
(g) conformation of the carbon chain around respectively the
2-3, 3-4, and 4-5 C-C bonds. The ttt rotamers is the alltrans-n-hexane conformation analyzed in the previous sections.
The ggg rotamer is identical to cyclohexane apart from the
presence of two additional hydrogens along the 1-6 C-C bond.
Table 5 reports the calculated free energies, enthalpies, and
entropies of hydration of the hexane rotamers. The solutesolvent and solvent reorganization energy components of the
hydration enthalpy are also reported in Table 5. Figure 8 shows
the hydration free energies of the hexane rotamers compared
to the hydration free energies of the alkanes from Figure 3. The
hydration free energies of the hexane rotamers decrease rapidly
with decreasing SASA. The ggg hexane rotamer is predicted
to be even more soluble that cyclohexane due to the favorable
solute-solvent energy provided by the two additional hydrogens. It was verified that by removing the two additional
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TABLE 5: Calculated Hydration Free Energies (∆G), Enthalpies (∆H), Entropies (-T∆S), Solute-Solvent Energy Changes
(∆Uuv), and Solvent Reorganization Energies (∆Uvv) of the Hexane Rotamersa

a

molecule

∆G

∆H

-T∆S

∆Uuv

∆Uvv

hexane (ttt)
hexane (tgt)
hexane (tgg)
hexane (ggg)

3.781 ( 0.064
3.386 ( 0.085
2.600 ( 0.098
1.099 ( 0.117

-5.682 ( 0.299
-4.708 ( 0.403
-5.175 ( 0.480
-5.879 ( 0.578

9.462 ( 0.306
8.094 ( 0.412
7.775 ( 0.490
6.979 ( 0.590

-12.384 ( 0.040
-12.192 ( 0.063
-12.214 ( 0.078
-12.295 ( 0.095

6.703 ( 0.296
7.484 ( 0.398
7.039 ( 0.474
6.416 ( 0.570

Values reported in kcal/mol at 298 K.

TABLE 6: Calculated Hydration Free Energies (∆G), Enthalpies (∆H), Entropies (-T∆S), Solute-Solvent Energy Changes
(∆Uuv) and Solvent Reorganization Energies (∆Uvv) of the Hexane Rotamer Cavitiesa

a

molecule

∆G

∆H

-T∆S

∆Uuv

∆Uvv

hexane (ttt)
hexane (tgt)
hexane (tgg)
hexane (ggg)

18.037 ( 0.069
17.811 ( 0.077
16.970 ( 0.083
15.317 ( 0.092

10.487 ( 0.310
9.907 ( 0.362
9.207 ( 0.402
8.166 ( 0.453

7.550 ( 0.318
7.904 ( 0.370
7.763 ( 0.410
7.151 ( 0.462

1.850 ( 0.048
1.826 ( 0.054
1.728 ( 0.058
1.604 ( 0.065

8.636 ( 0.307
8.081 ( 0.358
7.479 ( 0.398
6.562 ( 0.448

Values reported in kcal/mol at 298 K.

Figure 8. Calculated hydration free energies of the n-hexane rotamers
(ttt, tgt, tgg, and ggg) compared with the alkane hydration free energies
from Figure 3. Calculated free energies are shown taking as a reference
the experimental hydration free energy of methane. See Figure 3 for
the symbol keys.

hydrogens from hexane (ggg) all of the previously calculated
hydration thermodynamic properties of cyclohexane were
reproduced within statistical uncertainties.
The hydration free energies of the hexane rotamers are
linearly related to the SASA. However, the linear scaling
parameter γ of the hydration free energy of the hexane rotamers
with respect to the SASA is very different from the scaling
parameter corresponding to the alkane series from methane to
hexane (ttt). A linear fit shows that for the normal alkane series
from methane to hexane (ttt) γ = 9 cal/(mol Å2), while for the
hexane rotamers we obtain γ = 70 cal/(mol Å2), a value almost
1 order of magnitude greater. Interestingly, the value of γ
corresponding to the alkane cavities studied in this work (γ =
73 cal/(mol Å2)) is very similar to the one corresponding to the
hexane rotamers.
These observations suggest that the variation in hydration free
energies with conformational changes are dominated by the
work of cavity formation. This is confirmed by examining the
hydration thermodynamics of the hexane rotamer cavities (Table
6). The rotamer cavity hydration free energies scale linearly
with the SASA; a linear scaling parameter of γ = 74 cal/(mol
Å2) is obtained. Consequently, the cavity and total free energy
changes in going from the ttt rotamer to the ggg rotamer are
very similar, approximately -2.7 kcal/mol in either case. The
entropic and enthalpic signatures are also very similar in the

two cases. The ttt to ggg transition is favored equally by entropy
and enthalpy for either the full or cavity rotamers.
The thermodynamics of the hexane rotamers can be rationalized by observing (see Table 5) that, even though there is a
substantial SASA change, the solute-solvent interaction of
hexane hardly changes in going from the ttt rotamer to the ggg
rotamer. In these conformational transformations the solutesolvent interaction is almost totally uncorrelated with the SASA.
The good correlation between atomic composition and
solute-solvent interaction energy and the corresponding poor
correlation between the SASA and the solute-solvent interaction energy appears to be a general feature of hydrophobic
hydration. Ashbaugh et al.34 studied the conformational dependence of the hydration free energies of the linear alkanes. They
observed that the hydration free energies of each alkane in
different conformations correlate very well with the molecular
surface area and that, moreover, the proportionality constant is
similar for all of the alkanes and roughly equal to the
proportionality constant measured for the corresponding alkane
cavities. The observations of Ashbaugh et al. imply that the
solute-solvent attractive interaction energy is only weakly
dependent on molecular surface area and that, instead, it mainly
depends on the atomic composition. A weak correlation between
SASA and solute-solvent interaction energy was also observed
by Pitarch et al.,91 who observed that the interaction energy
between the methane dimer and water is nearly independent of
the methane-methane separation distance; they concluded that
the cavity contribution is the main driving force for the
hydrophobic interaction between the methane molecules.
3.5. Theoretical Estimates of the Work of Cavity Formation. In this paper the work of cavity formation of the alkanes
in water is calculated by the FEP method. The method, although
accurate, is computationally very intensive. It is therefore
interesting from both a theoretical and practical point of view
to compare the free energies of cavity formation calculated here
with estimates from theoretical models such as scaled particle
theory (SPT)45 and information theory (IT).46
The reversible work associated with creating a void volume
of a particular shape in a solvent is related to the probability p0
of finding a natural occurrence of such a cavity in a sample of
the pure solvent.44 Both SPT and IT give estimates of p0 and
thus, ultimately, of the free energy of solvation of the cavity.
The SPT estimate of the free energy of hydration of the linear
alkanes from 1 to 10 carbon atoms have been reported by Irisa
et al.92 They set to 1.99 Å the radius of all the CHn groups (n
) 2, 3, or 4) which are considered spherical. The excluded
volume of water is also considered spherical with radius 1.375
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Figure 9. Comparison between calculation results and theoretical
estimates of the free energies of alkane cavity formation in water.

Å. They employed the experimental values of the density of
pure water at standard conditions.
To the best of our knowledge IT estimates of the work of
cavity formation in water of a series of alkanes have not been
previously reported. In the information theory approach, the
probability of having zero water density in a specified region
is estimated by extrapolating to zero, using the maximum
entropy method, the probability distribution pn of having n water
molecules in the region.54 Briefly, pn is expressed as

pn ) exp(λ0 + λ1n + λ2n2)

(19)

where the parameters (Lagrange multipliers) λi are set by the
following conditions:

∑n pn ) 1

(20)

∑n npn ) 〈n〉

(21)

∑n n2pn ) 〈n2〉

(22)

Here 〈n〉 and 〈n2〉 are the averages of respectively the number
of solvent molecules in the volume and the square of the number
of solvent molecules in the volume. The value of p0 is obtained
by evaluating eq 19 at n ) 0.
If F is the oxygen number density and g(r) the oxygenoxygen radial distribution function of water at the given
thermodynamic conditions and V the volume of the cavity, 〈n〉
and 〈n2〉 are given by the relations

〈n〉 ) FV

(23)

∫V ∫Vdr dr′ g(|r - r′|)

(24)

〈n2〉 - 〈n〉 ) F2

We have evaluated g(r) from a simulation of TIP4P water at
298 K at atmospheric pressure; the volume V of each alkane
cavity was obtained from the volume enclosed by the solvent
accessible surface area of the cavity defined as specified in
section 2.5. Equation 24 was evaluated by a Monte Carlo
algorithm.54
The calculated free energies of hydration from Table 3 and
the corresponding to theoretical estimates from SPT and IT are
showed in Figure 9. The SPT estimate for the linear alkanes

falls below the calculated values while the IT estimates fall
above the calculated values. Both the SPT and IT results agree
qualitatively with the calculated cavity free energies. They all
predict a linear correlation between cavity hydration free
energies and accessible surface area. The IT estimates reproduce
quite accurately the ranking of the cavity free energies of the
branched and cyclic alkanes with respect to the linear alkanes
observed in the calculated free energies.
The origin of the deviations between the SPT cavity free
energies and the calculations is difficult to assess, due to the
fact that in the SPT work a quite different definition of the
alkanes cavities was used than the one adopted here.
The deviation between the IT estimates and the calculations
grows with alkane size. This deviation is not due to the definition
of the hard cavities used in the IT estimates. The IT results can
be brought into agreement with the FEP calculation only by
reducing the carbon-water and hydrogen-water distances of
closest approach to respectively 2.8 and 2.3 Å that correspond
to a LJ repulsion for the soft cavities significantly larger than
kT (about 3.4kT). A measure of the effect of the softness of the
repulsive potential used in the FEP calculations is the ratio
between the calculated cavity-solvent average potential energy
and the cavity hydration free energy ∆Uuv/∆G; this ratio is zero
for a hard cavity. From Table 3 we see that ∆Uuv/∆G is only
of the order of 10%-15%. Moreover, we observed that the
sensitivity of the information theory estimates to the cavity radii,
of the values for 〈n〉 and 〈n2〉, and to the solvent density grows
dramatically with cavity size. For instance, a 1% decrease in
the values of 〈n〉 and 〈n2〉 produces a 10% decrease in the IT
estimates of the cavity free energy of methane and a 50%
decrease in the free energy of cavity formation of hexane.
Because in IT the extent of the maximum entropy extrapolation
grows with cavity size, the accuracy of the method decreases
with increasing cavity size.
The hydration free energies are obtained by adding to the
cavity hydration free energies the dispersion free energies. As
was pointed out in section 3.3, in the case of the alkanes, these
two terms are of nearly equal magnitude and opposite sign.
Consequently, it is necessary to estimate each term very
accurately in order to reproduce with reasonable accuracy the
alkane hydration free energies. The IT estimates obtained here,
although in qualitative agreement with the explicit solvent
calculations, lack sufficient quantitative accuracy for this
purpose.
3.6. Implications for Theories of Hydrophobicity. In this
section we address the following questions: how does the
thermodynamics of hydration of nonpolar compounds differ
from that of polar compounds, and second, how does water
differ from other liquids as a solvent for nonpolar solutes? This
issue is analyzed both from the perspective of the numerical
results we have obtained as well as experimental data.
Entropy loss dominating the free energy change is the
signature of hydrophobic hydration.48 In the iceberg model of
hydrophobicity,11 the entropy loss upon dissolution of apolar
gases in water was explained in terms of an enhanced local
structuring of water near the solute. However, other studies19,20
concluded that the unusually large entropy loss can be explained
in terms of the small size of the water molecules and it is not
necessary to invoke, as in the iceberg model, a loss of
orientational entropy of the water molecules near the solute.
Rather than focus on entropy as the “hydrophobic signature”,
we suggest that hydrophobic molecules are distinguished from
hydrophilic ones by their much smaller enthalpy gain upon
dissolution in water. The fact that polar species exhibit similar
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entropies of hydration as nonpolar species of similar size and
shape supports this view.93 In this view polar molecules are
more soluble in water because they can form very favorable
electrostatic interactions with water and not because they induce
a small entropy loss. For example, the free energy of inserting
a water molecule in water at standard conditions is approximately -6 kcal/mol 60 to be compared with the free energy
of hydration of methane that is approximately 2 kcal/mol.60 This
difference is mostly due the difference of hydration enthalpies
(about -10 kcal/mol for water and about -2.5 kcal/mol for
methane60), whereas the differences in hydration entropies are
quite small (at room temperature for water -T∆S = 3.6 kcal/
mol and for methane -T∆S = 4.7 kcal/mol 60). The entropy
loss can be viewed as being in part caused by the loss of
orientational freedom of the water molecules near the solute
that have fewer opportunities to form stable hydrogen bonds
with other water molecules. The solvent excluded volume
created by the solute is also responsible for entropy loss due to
the reduced number of solvent configurations in the solution in
which solute-solvent overlaps are avoided. The latter is referred
to as translational entropy loss and the former as orientational
entropy loss.94 Madan and Lee19 and Durell and Wallqvist20
have both considered this question. They concluded that the
small size of the water molecules rather than the hydrogen bond
structure of water characterize hydrophobic effects. Durell &
Wallqvist,20 in addition, compared the entropy loss for insertion
of a nonpolar solute in water with the corresponding value for
insertion of a nonpolar solute in a nonpolar liquid with molecular
volume and density the same as those of water. They observed
small differences between the two solvation entropies. Given
that the orientational freedom of a water molecule near a
hydrophobic solute should be strongly dependent on directional
hydrogen-bonding interactions and that such interactions are
absent in a nonpolar solvent, this indicates that the loss of
orientational freedom of the water molecules near the solute is
not a major cause of the hydration entropy loss. This view is
further supported by the observation that the experimental
hydration entropies are generally only weakly correlated with
the polarity of the solute. If the orientational entropy loss were
a major component of the thermodynamics of hydrophobic
hydration, a stronger dependence of the hydration entropy on
solute polarity would be expected. Consequently, the loss of
orientational entropy of the water molecules in contact with the
solute appears to have only a secondary role in hydration
thermodynamics of small apolar solutes. These observations are
in conflict with the iceberg model of hydrophobic hydration.
Finally, we comment on the ability of water to reorganize
around a cavity. The water reorganization energy upon cavity
formation is determined by two factors: (i) the loss of hydrogen
bonding partners for the water molecules in contact with the
cavity; (ii) the reorganization of the water network around the
cavity. To understand the role of the two factors consider the
hypothetical process whereby a void the size of a water molecule
is created in a pure water sample in which the solvent around
the cavity is not allowed to reorganize. Only the water bulk far
from the cavity reorganizes by accepting the water molecule
displaced by the cavity. The process (see Figure 10) is
thermodynamically equivalent to a two-step process in which
a tagged water molecule is extracted from a rigid water lattice
and subsequently inserted in a liquid water sample. Given that
the solvent-cavity interaction energy is zero, the solvent
reorganization energy for this process is equal to the total
average potential energy change ∆U
h . In the first step the
potential energy change is -B, where B is the water binding
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Figure 10. Creation of a void the size of a water molecule in water
without solvent reorganization. Process 1 is the extraction of a tagged
water molecule from the rigid water lattice; process 2 is the introduction
of the tagged water molecule in the water bulk.

energy. In the second step the system regains half of the energy
lost in the first step. It follows that the solvent reorganization
energy for this hypothetical process is predicted to be -B/2 or
about 10 kcal/mol.
The calculated values of the solvent reorganization energy
upon methylation of an alkane cavity chain (Table 2), ranging
from 1 to 2 kcal/mol, are much less than what is predicted by
the rigid water solvation model above. The difference is due to
the rearrangement of the hydration shell around the cavity. The
water molecules are therefore able to reorient themselves to form
a structure around the cavity that minimizes the loss of
hydrogen-bonding contacts and/or reinforces existing contacts.
Thus, the plasticity of the hydrogen-bonding network of water
at standard conditions is such that a small energy penalty is
paid to form voids about the size of a water molecule. The
thermodynamic characteristics of hydrophobic hydration at room
temperature can be therefore ascribed to the ability of water to
efficiently reorganize around an impenetrable volume better than
other solvents.12 At room temperature the voids are hydrated
by low-energy water structures that are believed to disappear
at higher temperatures in correspondence with a lowering of
the solubilities of simple hydrophobic species.95 At even higher
temperatures, as in non hydrogen-bonded liquids, the solubilities
increase due to large energy fluctuations that induce the
formation of transient cavities.17
4. Conclusions
This study reports the first complete description of the solution
thermodynamics of alkanes in water by computer simulations,
including the enthalpy and entropy changes in addition to the
solvation free energies. We have also obtained a complete
thermodynamic description of the solvation of the associated
alkane cavities.
The molecular force field (OPLS-AA)68 used in this study is
found to generally reproduce the experimental free energies,
enthalpies, and entropies of hydration of the hydrocarbons
examined. In a previously reported study on methyl-substituted
amines with a different force field,96 discrepancies between
calculated and experimental hydration free energies were shown
to be due to much larger, qualitative discrepancies between the
experimental and simulation results for enthalpies and entropies.
[Much better agreement is obtained with recently published97
OPLS parameters for these compounds.87] The fact that, for the
alkanes, not only the hydration free energies but also the
calculated hydration entropies and enthalpies are in agreement
with the experiments is an indication that the model is able to
capture the essential physics of alkane hydration.
Although difficult to calculate17,18,20 and unnecessary for the
calculation of hydration free energies,80 the solvent reorganization energy is found to be a large component of the total
enthalpy of hydration. We find that solvent reorganization
alone77,78 does not account for the observed entropy-enthalpy
compensation effects.
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The larger solubility of the cyclic alkanes with respect to the
linear alkanes is due to their more favorable solute-solvent
interaction energies per unit surface area. This phenomenon is
explained by the finding that the solute-solvent interaction
energies are almost independent of the SASA. Evidently, due
to steric effects and specific water-water interactions, “saturation” occurs, whereby increasing the solvent accessible area of
the solute does not necessarily cause a proportional increase in
the solute-solvent van der Waals contacts for molecules of this
size.
The thermodynamics of hydrophobic hydration has been
interpreted in the past in terms of two competing models: (a)
local structuring of the water solvent;11,17 or (b) large entropy
loss due to the small size of the water molecules, which
decreases the probability of finding larger solvent cavities.19,20
The findings of this work support the latter model more than
the former. By observing that the hydration entropies of
hydrophobic compounds are similar in magnitude to the
hydration entropies of polar compounds of similar size and
shape, we suggest that the hydration entropies are determined
mainly by the loss of translational entropy caused by the
inhomogeneity introduced into the system by the presence of
the solute and only secondarily by the orientational entropy loss
of the water molecules in the hydration shell. Moreover, it is
not necessary to invoke local water structuring to explain the
observed favorable hydration enthalpies. We find that the
favorable hydration enthalpies of the alkanes are caused by the
large and attractive solute-solvent dispersion interactions and
by the surprisingly small water reorganization energies. The
water-hydrogen bonding network is interpreted as being extremely plastic and able to adapt to the shape of the solute with
minor energetic and entropic losses. These effects, which are
specific to water, offer an explanation of the finding that at room
temperature water hydrates small hydrophobic solutes as well,
if not better, than nonpolar solvents of similar molecular size
and density.17,19,20
By decomposing the hydration process into cavity formation
plus solute insertion in the cavity, we observe that hydration
entropies and solvent reorganization energies are largely
determined by cavity formation whereas solute insertion modifies only the solute-solvent interaction energies. The work of
cavity formation is not mostly entropic as a hard sphere model
would suggest. Instead, the process leads to a substantial solvent
reorganization energy but much less unfavorable than what
would be expected if the solvent was not allowed to reorganize.
The hydrophobic hydration theories examined (information
theory and scaled particle theory) that focus only on the work
of cavity formation, although in qualitative accord with our
results, are found to lack sufficient accuracy to quantitatively
predict alkane hydration free energies.
The findings presented in this paper suggest that an empirical
parametrization of the hydration free energy and the free energy
of association of apolar species based only on the solvent
accessible surface area is insufficient. Successful parametrization
should contain a surface area term to reproduce effects due to
entropy loss and solvent reorganization energy and terms that
depend on the number, location, and type of atomic interaction
centers to reproduce effects due to the solute-solvent dispersion
interactions which are only weakly correlated with surface area.
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