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Interfaces and the driving force of
hydrophobic assembly
David Chandler1
The hydrophobic effect — the tendency for oil and water to segregate — is important in diverse phenomena,
from the cleaning of laundry, to the creation of micro-emulsions to make new materials, to the assembly of
proteins into functional complexes. This effect is multifaceted depending on whether hydrophobic molecules
are individually hydrated or driven to assemble into larger structures. Despite the basic principles underlying
the hydrophobic effect being qualitatively well understood, only recently have theoretical developments
begun to explain and quantify many features of this ubiquitous phenomenon.
Most general chemistry students are taught how detergent removes
grease. An essential aspect of this process depends on the amphiphilic
nature of the detergent molecules. Detergent molecules contain polar
or charged components that happily interact with water (hydrophilic),
and apolar components that by themselves do not easily dissolve in
water (hydrophobic). Although these contrasting components would
normally separate into a water-rich phase and an oil-rich phase, placing them next to each other in one molecule suppresses this macroscopic separation. Instead, the detergent molecules aggregate into
mesoscopic fluid structures, such as micelles, with oily interiors and
watery exteriors. Grease dissolves in aqueous detergent solutions by
dispersing into the interiors of these aggregates. Similar effects influence more complicated assemblies1, including biological structures
where the separation of hydrophobic and hydrophilic components is
a common feature2.
In all these systems, an interaction mediated by water — the
hydrophobic interaction — seems to cause clustering of hydrophobic
units. This was noted by Walter Kauzmann in his influential 1959
paper3, and the idea is now widely accepted4,5. But quantifying it in
simple terms has been difficult because hydrophobicity is a multifaceted phenomenon that manifests different characteristics depending on whether small molecular units or large clusters are involved, or
a combination of both. Here, I review these different regimes and
theory to deal with them.

Contrasting length scales
The segregation of hydrophobic and hydrophilic phases or components results in a molecular interface that extends over distances (or
‘lengths’) that are large compared with the distances over which molecules affect one another in a homogeneous liquid. These interfaces
distinguish mesoscopic structures, such as micelles, bilayers or
microemulsions, from essentially nondescript intermolecular arrangements. For example, a few hydrated methane molecules and the alkyl
groups of small alcohol molecules mixed with water show insignificant
tendencies to cluster6,7. Although the relative positions of small
hydrophobic molecules in water are correlated, these correlation
effects are modest and similar to what is seen for most small molecules
in most homogeneous liquids. Such correlations in relative position
are not a result of clustering, but arise from the effects of molecular size
and shape8–11.

The distances over which molecules influence one another in a
homogeneous liquid typically approximate the girth of a molecule:
about 0.3–0.5 nm for water or a small alkane. On this length scale, that
is, the bulk liquid correlation length, molecular reorganization occurs
readily because it involves only a modest thermodynamic cost. But
reorganization to form an interface involves a significant cost. And if
the interface is to remain, this cost or free energy of formation needs
to be compensated for by forces that favour separation of the system
into different phases. Because the interface cost grows linearly with
surface area, whereas the compensating forces grow linearly with volume, a cluster can be stable or metastable only if it exceeds some critical size. This argument is familiar in the context of nucleation theory,
which notes that a super-saturated solution will phase separate only
after the formation of a critical nucleus12. To be long-lived, hydrophobic clusters must extend over a minimum length (of 1 nm or more; see
below).
Because bulk driving forces and interfacial costs compete, a consideration of only one of these quantities is generally insufficient to
explain hydrophobic effects. And although efforts to infer
hydrophobic interactions from molecular-scale surface areas alone
are common13,14, experimental observations illustrate the limitations of this approach. For example, the free energy required to
transfer small hydrophobic molecules from oil to water differs by a
factor of three compared with that inferred from interfacial cost
considerations15. Moreover, while interfacial costs decrease with
increasing temperature, hydrophobic forces show the opposite
trend3.
Because hydrophobic interactions increase in strength with
increasing temperature, they are often viewed as entropic; that is,
hydrophobic units induce some order in the surrounding water. This
idea is correct in as much as small hydrophobic units reduce the volume of configuration space available for hydrogen bonding. But the
extreme view that pictures hydrophobic solvation in terms of rigid
clathrate structures, like those surrounding hydrophobic particles in
gas hydrates, is clearly incorrect: intermolecular correlations in liquid
matter are insufficiently strong to be consistent with this crystalline
picture. And while remnants of clathrate structure persist in the liquid
near a small hydrophobic particle16, a surrounding clathrate structure
is geometrically implausible in the case of extended hydrophobic surfaces.
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network with the surrounding liquid. A fraction of the hydrogenbonding possibilities are thus lost near an extended hydrophobic surface. To minimize the loss, on average, less than one hydrogen bond
per water molecule is sacrificed compared with that in the bulk liquid.
As a result, water tends to move away from the large solute and forms
an interface around it akin to that between liquid and vapour.
This idea — that hydrogen bonding is maintained near a small
hydrophobic region and not maintained near a large hydrophobic
region — was expressed more than 30 years ago by Frank Stillinger17.
It provides the physical basis for understanding hydrophobic effects.
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Figure 1 | Configurations of liquid water molecules near hydrophobic
cavities in molecular-dynamics simulations. The blue and white particles
represent the oxygen (O) and hydrogen (H) atoms, respectively, of the water
molecules. The dashed lines indicate hydrogen bonds (that is, O-H
within 35 of being linear and O-to-O bonds of no more than 0.35 nm in
length). The space-filling size of the hydrophobic (red) particle in a is
similar to that of a methane molecule. The hydrophobic cluster in b
contains 135 methane-like particles that are hexagonally close-packed to
form a roughly spherical unit of radius larger than 1 nm. In both cases, the
water molecules shown are those that are within 0.8 nm of at least one
methane-like particle. For the single cavity pictured in a, each water
molecule can readily participate in four hydrogen bonds. (Owing to thermal
motions, hydrogen bonding in liquid water is disordered.) Water molecules
in a are typical of the bulk liquid where most molecules participate in four
hydrogen bonds. The water molecules shown in b, however, are not typical
of the bulk. Here, the cluster is sufficiently large that hydrogen bonds
cannot simply go around the hydrophobic region. In this case, water
molecules near the hydrophobic cluster have typically three or fewer
hydrogen bonds.

Hydration of small and large cavities
Figure 1 illustrates this point by juxtaposing pictures of the hydration
of small and large hydrophobic solutes. Most molecules dissolved in
water have complicated shapes. Nevertheless, idealized spherical apolar particles or nearly spherical clusters, as pictured here, capture the
most important physical features responsible for hydrophobic effects:
acting like cavities in the water, these solutes exclude water molecules
from the volumes they occupy, and they present regions of space where
hydrogen bonding cannot occur.
Hydrophobic molecules interact with water in a variety of ways in
addition to excluding volume. They exert weak attractive forces on
water molecules by means of van der Waals interactions. They also
exert strong attractive forces via hydrophilic components, such as the
hydroxyl group on an alcohol. Although van der Waals interactions are
too weak to affect the existence of interfaces in water, they do affect the
position of an interface. Similarly, whereas hydrophilic parts of
amphiphilic molecules are not directly responsible for hydrophobic
assemblies, they do affect the arrangement of these assemblies relative
to interfaces and other structures. We will look at both these effects,
but first consider the most important physical features of hydrophobic
solutes, all of which are found in the analysis of how cavities are solvated in water.
The small-solute case depicted in Fig. 1a illustrates the solvation of
the cavity associated with a molecule such as methane. Namely, it
excludes the centres of water molecules from a spherical volume less
than 0.5 nm across. This volume is small enough that its presence in
water requires no breaking of hydrogen bonds. Water molecules can
adopt orientations that allow hydrogen-bonding patterns to go around
the solute, and the extent to which bonds are broken at any instant is
similar to that in the pure liquid. The situation is different in the largesolute case illustrated in Fig. 1b. Here, the solute surface extends with
low curvature over areas larger than 1 nm2, making it impossible for
adjacent water molecules to maintain a complete hydrogen-bonding

Thermodynamic costs indicate whether processes are likely to occur
and are conveniently quantified in terms of a free energy G. In the
context of solvating a molecule, G is the reversible work for the solvent to reorganize and solvate the solute. The probability of solvation
happening is proportional to exp(–G/kBT), where T is temperature
and kB is Boltzmann’s constant. This principle of statistical mechanics11, which relates reversible work to probability, allows G to be
determined by measuring equilibrium constants, such as the concentration of the solute in water relative to that in some other environment. The free energy G can also be computed using microscopic
theory (see Box 1).
The free energy has two primary components: G  H – TS,
where H and S are the enthalpic and entropic changes incurred during solvation. The enthalpic part is a measure of the average potential
energy of interaction between molecules, and the entropic part is a
measure of the order or intermolecular correlations18. The free energy
of a process involving significant changes in the number of molecular interactions, such as the breaking of hydrogen bonds to form a
liquid–vapour interface, will be dominated by its enthalpic component.
In such cases, G/T will decrease with increasing temperature.
A process that requires specific spatial organization of hydrogenbonding patterns will have an important entropic component. At
room temperature, for instance, the entropic cost of hydrating small
hydrophobic species is dominant, as manifested by G increasing with
increasing temperature. With a sufficient increase in temperature,
however, the extent of hydrogen bonding between water molecules
diminishes, and maintaining hydrogen bonds becomes less important.
In fact, whereas the entropy change associated with the hydration of a
Box 1 | Calculating solvation energies
Dissolving a substance in a solvent can be regarded as transforming a
system from state 1 (pure solvent) to state 2 (solvent plus solute). This
process is associated with a change in free energy, G  G2  G1, which in
our example is the solvation free energy. Macroscopic properties such as
G can be determined from the molecular properties and molecular
interactions of the system (captured through so-called partition functions
Z) using statistical thermodynamics11:
GG2G1 kBTln(Z2/Z1)
kBTln〈exp(–E/kBT)〉1
 〈E〉1

(1)
(2)
(3)

Here, E denotes the difference in microstate energy between states 2 and
1, and 〈…〉1 denotes the equilibrium ensemble average (that is, the
Boltzmann-weighted average) over the microstates of state 1. The third
approximate equality is valid when E/kBT is predominantly small in the
ensemble of microstates. The averages in equations (2) and (3) can be
computed in a number of ways59 to obtain G.
A ‘Boltzmann weight’ of a microstate is the exponential of the energy in
units of kBT. Thus, this thermal energy kBT is the energy scale of statistical
thermodynamics against which energies or free energies are described as
‘small’ or ‘large’. Microstates with small energy differences have similar
probabilities and the more such states near a given energy, the larger the
entropy. A partition function for a specific macroscopically controlled state
is the Boltzmann-weighted sum over all microstates consistent with that
control. The entropic contribution to free energy comes from the number of
terms in that sum available at a given energy.
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Figure 2 | Solvation free energy, G, for a spherical cavity in water as a
function of the cavity size. The results are for ambient conditions (room
temperature and 1 atm pressure). The circles show the results of detailed
microscopic calculations25. The liquid–vapour surface tension is shown
by . The solid lines show the approximate scaling behaviour of G/4R2
for small R, and the asymptotic behaviour for large R. This approach can be
used to infer the typical length characterizing the crossover behaviour, but
not the quantitative behaviour of G in the crossover regime.

Box 2 | Free energy for small cavities in water
For a cavity with volume v (which need not be spherical), the difference in
microstate energy E is infinite whenever a solvent particle is in the cavity,
and zero otherwise. This implies that the solvation energy Gv of the cavity
depends on Pv(N), the probability of finding in a volume v of pure solvent, N
solvent molecules. According to equation (2) from Box 1, Gv  –kBTlnPv(0).
For small volumes, the probability Pv(N) is almost exactly gaussian60, and
Gv can therefore be expressed analytically in terms of the cavity volume v,
the mean number of molecules that occupy that volume in the pure liquid
〈N〉v ( v , where is solvent density), and the mean-square fluctuation in
that number of molecules v. In particular we find that50:
GkBT 2v2/2 v  kBT(ln2 v)/2

(4)

with
v

〈(δN)2〉v v 2∫vdr ∫vdr’ [g(|rr |)1]

(5)

The integrand for integrals over the cavity volumes in the second equality
in equation (5) is the pair correlation function for the pure liquid. Given that
the radial distribution function, g(r), is unity beyond the correlation length of
the liquid, it follows that v is roughly proportional to v. This behaviour
together with equation (4) explains why G for small hydrophobic solutes is
approximately linear in solute volume.
The temperature dependence obtained from equation (4) approximates
the temperature dependence of G for small hydrophobic molecules in
water50. For example, consider a cavity of diameter 0.35 nm, as would be
appropriate for methane. The entropy of solvation, S∂G/∂T,
calculated from equation (4) at room temperature, is 20 cal mol–1 K–1. The
heat capacity of solvation, CpT∂2G/∂T2, computed from equation (4)
for that same cavity in water, is about 50 cal mol–1 K–1. These numbers agree
well with those measured for methane in water at room temperature, about
17 cal mol–1 K–1 and 50 cal mol–1 K–1 for the solvation entropy61 and heat
capacity51, respectively.
Equations (4) and (5), due to Pratt and his coworkers50,60, can be applied
easily to cavities and yield accurate solvation free energies for hydrophobic
molecules of arbitrary shape, provided the molecules are not large. The older
theory8–10 of hydrophobic solvation and interaction has similar generality, a
similar range of applicability, and a similar, although less transparent, basis
in gaussian statistics62. When this approach fails, the failure is due to the
formation of interfaces, in which case a more general theory is applicable20.
These theories do not require the extent of microscopic detail that is
considered important in some approaches63,64. Once a cavity is specified,
whether spherical or otherwise, all quantities entering into formulae for
solvation free energies and solute distribution functions are experimentally
measurable.
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small alkane at room temperature is negative (and reasonably large in
magnitude), it becomes positive near the boiling temperature of
water19.
At ambient conditions (room temperature and 1 atm pressure), liquid
water lies close to phase coexistence with its vapour; that is, the freeenergy difference between water in its liquid and vapour phases is
small compared with the thermal energy available for molecules to
move from the liquid to the vapour phase. This condition ensures that
large cavities in water are accompanied by an interface like that
between liquid and vapour, as suggested by Stillinger17, and confirmed
by theoretical analysis20,21 and simulation22–26. The cost to hydrate the
large spherical cavity of radius R is thus G  4R2(4/3)R3p 
4R2, where  refers to the liquid–vapour surface tension, and p to
the pressure, both at the temperature considered. The pressure–volume term (4/3)R3p would be important for macroscopic cavities, but
is negligible at standard pressures provided R is less than several
nanometres.
Changing the thermodynamic state, so as to move away from
liquid–vapour coexistence, reduces the tendency to form a
liquid–vapour-like interface near large cavities. Furthermore, the
demand for interface formation — to minimize the number of broken
hydrogen bonds — is diminished at high pressures, high temperatures,
or both because these conditions lead to high concentrations of broken hydrogen bonds, even in the absence of interfaces. At standard
conditions, however, a large hydrophobic solute does induce the surrounding water to form an interface, so that its solvation free energy
contains a component that is proportional to surface area.
In contrast, the hydration of a small solute does not lead to broken
hydrogen bonds, but involves a re-ordering of hydrogen bonds. This
re-ordering persists into the surrounding liquid for a distance of about
one correlation length (see also Box 2). Because correlations in water
extend over the girth of a typical small molecule, adding up the points
over which a small solute will affect correlations in water gives a solvation free energy that scales more like the volume than like the surface area of the solute. The G needed to hydrate a small sphere will
thus scale more accurately as R3 than as R2 (Box 2).
Figure 2 illustrates how solvation free energy (normalized to surface area) changes with solute size, and how the different trends for
small and large hydrophobic solutes change once a radius of about
1 nm is reached. For smaller solutes, the solvation free energy grows
linearly with solute volume; for larger solutes, it grows linearly with
surface area. The crossover behaviour arises because only larger
solutes induce adjacent water to form an interface. However, this
crossover phenomenon is not a phase transition where collective
motion on a macroscopic scale results in sudden or singular changes.
The crossover pertinent to hydrophobicity is collective, but it occurs
on a microscopic scale where nothing so precipitous as a true transition can occur.

Hydrophobic molecules: wet or dry?
The behaviour of water near hydrophobic solutes can be probed in
detail by microscopic calculations, which average behaviour over
microstates of the solvent in the presence (or absence) of the solute
(see also Box 1). For example, Fig. 3 shows the density of solvent, relative to that of the bulk solvent, near a series of hydrophobic solute
models of different sizes. For the cavity with the smallest excluded
volume radius, R  0.4 nm, the water density immediately adjacent
to the solute surface is increased by a factor of two. In this case, the
solute is said to be ‘wet’. The significant increase in water density adjacent to this cavity results from the liquid responding elastically to the
cavity: water molecules are localized so as to maintain hydrogen
bonding. In contrast, the larger cavities with R  1, 10 and 100 nm
are ‘dewetted’ or ‘dry’ because the large cavity has caused the source
of elasticity — the hydrogen bond network — to break, so that the liquid moves away. The similarity between the interfaces formed here
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Figure 3 | The average equilibrium density of water a distance r + R from
spherical cavities in liquid water at standard conditions. R is the distance
of closest approach between the centre of a water molecule (red circle)
and the centre of the cavity (blue circle). The lines representing g(R + r),
(rR)> relative to that of the bulk water, , are the results
the density,
of microscopic theory21,24. Solid lines refer to the ideal hydrophobic

solute, which expels water from the sphere of radius R. Dashed lines refer
to the case where the cavity also interacts with water by means of a van
der Waals attraction typical of that between water and a spherical cluster
of oil. For cavities with radii less than 1 nm, the effects of this attraction
on g(R + r) are nearly negligible and not visible on the scale of the graph
in the bottom panel.

and the liquid–vapour interface is especially clear for the largest of
these cavities.
In formal statistical mechanical parlance, a wet surface is a surface covered by a macroscopically thick liquid layer or film, whereas
a dry surface is covered by a macroscopically thick vapour layer.
Capillary condensation is an example of wetting in this formal
sense27. In contrast, my use of these terms in this review refers to
microscopic phenomena, and is descriptive rather than formal. In
fact, van der Waals attraction between surface and solvent ensures
that no natural macroscopic hydrophobic surface can be dry in the
formal sense: the free-energy cost needed to move the liquid macroscopically far from the surface would be prohibitive. Nevertheless,
compared with the density of water surrounding a small hydrophobic molecule or a hydrophilic surface, nanometre-sized and larger
hydrophobic surfaces in water are indeed dewetted in the descriptive sense.
Experimental measures of the solvation free energy G come
from the free-energy change that occurs on transferring a hydrophobic molecule from its pure liquid to liquid water. For n-alkanes with
20 or fewer carbon atoms, the transfer free energy is a linear function
of carbon number28. Because the volume of a chain-like molecule
grows linearly with the number of units, the linear trend in transfer
free energies with carbon number is consistent with G growing linearly with cavity volume, as expected for a small wet solute. However,
the length of a 20-carbon alkane chain in coil conformation typically
exceeds 1 nm, the crossover length beyond which large-solute solvation is expected. Because the curvatures of these hydrophobic surfaces are sufficiently high, they can still be hydrated as in the
small-molecule regime. Globular conformations would present an
extended hydrophobic surface with lower curvature that would prevent this type of hydration: if prevalent, these globular conformations would therefore lead to a change in the transfer free-energy
trend. The fact that this trend remains linear for n-alkanes with 20,
or fewer, carbons indicates that these molecules are rarely globular.
In other words, with this number of carbons, hydrophobic forces
seem to be insufficient to overwhelm chain entropy and stiffness that
favour the coil state.

Driving force of assembly
The tendency for hydrophobic particles to cluster in water is readily
understood in terms of the dependence of hydrophobic solvation on
solute size. For example, imagine n identical small hydrophobic particles solvated in water, all well separated and thus solvated independently of each other. In this case, the overall solvation free energy is n
times the solvation free energy for any one of the solutes, and it grows
linearly with the overall excluded volume of the solutes.
When these n solutes cluster together to form a hydrophobic unit
with an extended surface (that is, a surface with low curvature and
larger than 1 nm2), the overall solvation free energy changes from
growing linearly with solvated volume to growing linearly with solvated surface area. Figure 4 illustrates that if n is large enough, the
solutes can form a cluster with a sufficiently large volume to surface
ratio that its solvation free energy is lower than the overall solvation
free energy of the individual solutes. This effect results in a favourable
driving force for cluster assembly. The figure also illustrates that near
ambient conditions, the driving force will get stronger with increasing
T. This well-known trend is often cited as implying that hydrophobic
interactions are entropic29. Entropy does indeed contribute, but the
assembly process is driven by the difference between the entropically
dominated solvation free energy of small molecules and the enthalpically dominated solvation free energy of large surfaces.
A hydrophobic force that drives cluster assembly will be proportional to the change in solvated hydrophobic surface area only if all
surfaces are sufficiently large. Generally, this is not the case. For example, when a collection of small hydrophobic units assembles into an
extended cluster, such as that depicted in Fig. 4, the force driving the
process will consist of one part that is proportional to the exposed surface area of the cluster, and another part that is proportional to the
molecular volumes of the separate units. In physical situations such as
this, with small as well as large length-scale regimes having a role,
hydrophobic forces cease to be additive. Although hydrophobic forces
between isolated small hydrophobic units can be decomposed into
pair interactions, this is no longer possible as the units combine to
form an extended hydrophobic surface and an associated solvent interface. This breakdown in additivity of hydrophobic forces is a manifes-
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tation of the collective nature of interface formation.
At extremely low hydrophobic solute concentrations, the entropy
of mixing solute molecules throughout a macroscopic container
(which gives an effectively infinite volume) overwhelms the finite driving force to assemble, making clusters of finite size no more than
metastable. On the other hand, finite solvent volumes will give rise to
modest solute densities, and thus modest entropies of mixing, which
need not defeat finite driving forces for hydrophobic association of the
solutes. A computer simulation using such a finite solvent volume confirms that stable association requires hydrophobic clusters that extend
beyond a critical radius of about 1 nm (ref. 30).
When hydrophobic particles are connected in a chain, the entropy
favouring the extended state is finite, even in a system with infinite volume. Hydrophobic collapse in such a situation, with the chain going
from a coil to a globule, involves transition states that coincide with the
formation of critical nuclei of hydrophobic particles31; subsequent
motions are committed to the stable globular conformations. The critical nuclei are formed in many ways, but always lead to the formation
of a liquid–vapour-like interface. This interface then allows for fluctuations in water density, and these fluctuations permit the solvated
chain to progress towards its stable globular state where the chain’s
interior is dry. Intriguingly, these solvent fluctuations, rather than
chain dynamics, dominate the motion of the system through the transition states. The correct treatment of the hydrophobic collapse kinetics must therefore explicitly account for water dynamics, which
precludes using solvent averaged potentials of mean force.

Role of weak attractive forces
Weak attractive forces, such as van der Waals interactions, are generally assumed to have little or no influence on the structure of a dense
fluid32: because density is high, the liquid is almost incompressible,
eliminating all but small-length-scale density fluctuations. Instead,
liquid structure is thought to be influenced only by packing effects,
and by strong attractions that vary quickly in space, such as hydrogen
bonds. This idea is a useful starting point for thinking about dense fluids. But it is not entirely applicable in the context of hydrophobicity,
which involves interfaces forming in water near an extended
hydrophobic surface.
Extended fluid interfaces near or at phase coexistence are often
referred to as ‘soft’ because they can be translated in space with little or

Solvation free energy
Surface area

∆G

γ
Enthalpic

Entropic
Volume
0

1 nm

Surface area

Figure 4 | The driving force, G, for assembling a cluster of small
hydrophobic particles. For large enough clusters, G is a favourable driving
force. The horizontal and sloping lines indicate the behaviour of the
solvation free energy for the assembled and disassembled cluster,
respectively. Red lines indicate the free energies at a higher liquid
temperature; blue lines indicate the free energies at a lower temperature.
The liquid–vapour surface tension is indicated by . ‘Volume’ and ‘surface
area’ denote the volume excluded to water, and the solvated surface area of
that volume, respectively.
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Box 3 | Solvation effects of van der Waals interactions
In the case of small solutes, van der Waals attractions have little influence
on the surrounding water structure (see also Fig. 3). Their contribution to
the overall solvation free energy G can therefore be estimated according
to11
GGv ∫drgv(r)u(r)

(6)

where is the solute density, gv(r) the relative average density of solvent in the
presence and absence of the solute cavity, and u(r) the added van der Waals
potential acting on the solvent at position r. The integral in equation (6) is
approximately linear in volume for small solutes, as is Gv. The accuracy of
equation (6) in estimating van der Waals contributions to solvation free
energy has been verified by comparison against computer simulations65.
The van der Waals contribution affects the overall solvation free energy
G appreciably, but its influence on the entropy of solvation S
(∂G/∂T) is rather subtle, mediated only through the temperature
dependence of the cavity–water distribution function gv(r). This justifies
using a cavity model to estimate hydrophobic solvation entropies and heat
capacities50,52.
Van der Waals interactions are attractive, so u(r) is negative and
contributes to G such that it favours solvation. This contribution is
primarily enthalpic, whereas Gv itself is primarily entropic.
In the case of large hydrophobic solutes interacting through van der Waals
forces with surrounding water, the average water density is well
approximated as the bulk density at all points not occupied by the solute
(see also Fig. 3). That is, gv(r) in equation (6) can be approximated by unity
for all r outside the solute, and by zero otherwise. The integral then gives a
favourable enthalpic contribution to G, but scales linearly with solute
surface area rather than with solute volume. For large solutes, therefore, size
scaling and trends with temperature are the same for both the cavity and the
van der Waals contributions to G.

no free-energy change1. As a result of this softness, the location of the
liquid–vapour-like interface, and the average liquid density near a
large hydrophobic surface, can be significantly affected by van der
Waals attractions. As illustrated in Fig. 3, for the case of a small
hydrophobic solute where a soft interface does not accompany solvation, adding typical oil–water van der Waals attractions has essentially
no effect on the average density of the surrounding water. But in the
case of larger solutes that are accompanied by a soft interface, adding
weak attractive forces brings the liquid interface into contact with the
hydrophobic surface.
The resultant close proximity of the liquid interface to the
hydrophobic surface and the larger average value of the liquid density
near that surface has caused some to overlook dewetting, imagining
the surface to be wet instead24. A wet surface, however, is markedly different: although interfacial displacements and thus density fluctuations are substantial for water at its liquid–vapour interface and for
water near an extended hydrophobic surface, they are largely absent
for water adjacent to a wet surface. As a result of weak, but ubiquitous,
attractive forces between oil and water, the main signature of dewetting is thus not the mean water density near the hydrophobic surface
but the size of spontaneous density fluctuations. These fluctuations
determine the degree to which weak attractions can affect the mean
water density, even though the specific value of the mean for a particular choice of attraction has little physical significance. In contrast, the
likelihood of fluctuations has an important role in the kinetics of
hydrophobic assembly31.
Experiments confirm that the oil–water interface is much like the
liquid–vapour interface of water, with no significant excess water
density relative to the bulk water33–36. In fact, the water–oil surface
tension can be accurately approximated as the liquid–vapour surface
tension plus the negative contribution arising from oil–water van der
Waals interactions (see also Box 3). This readily explains why the
tension of the oil–water interface is 20% lower than the surface tension of water21.
Similarly, the effect of van der Waals attractions on the solvation
energies of small hydrophobic molecules can be readily computed, given

©2005 Nature Publishing Group

INSIGHT REVIEW

NATURE|Vol 437|29 September 2005

that these attractions have no appreciable effect on average solvent density (Box 3). This fact is codified in equation (6) in Box 3. Theory
accounting for these attractions can also explain why methane, ethane
and propane all have similar solvation free energies, an observation that
is often incorrectly perceived as puzzling and incompatible with our
understanding of hydrophobic interactions (see Box 4). Finally, because
scaling with respect to solute size is not affected by van der Waals interactions in either the small-molecule or large-surface regime, it is
straightforward to anticipate the effects of these interactions on the
crossover length and on the thermodynamic driving force for clustering.

Strong attractive forces and amphiphile assembly
The effects of strong attractions between water and hydrophilic units
differ from the effects of weak interactions, in that strong attractions
tend to localize water molecules to specific locations and thereby limit
fluctuations. This effect is important for the self-assembly in water of
amphiphilic molecules, which contain hydrophobic as well as
hydrophilic components. Such solutions form an array of mesoscopic
assemblies that are at least partly stabilized by hydrophobic forces1,29,37.
Box 4 | The small alkane solubility ‘paradox’
In water at standard conditions, the solvation free energies of methane
(CH4), ethane (CH3–CH3), and propane (CH3–CH2–CH3) are all about the
same, differing by no more than 10% from 2 kcal mol–1 (ref. 66). This
similarity, often perceived as perplexing, is readily explained.
Consider first methane. Its solvation free energy GMe accounts for the
formation of the methane cavity, GMe(0), and for van der Waals attraction
between methane and water,  . We assume that methane forms a
spherical cavity in water with R0.35 nm, and use equation (4) from Box 2 to
estimate GMe(0)7 kcal mol–1. From GMeGMe(0), and the
experimental value of GMe of about 2 kcal mol–1, we obtain 5 kcal mol–1.
The solvation free energy of ethane GEt might be estimated relative to
that of two methane molecules, given that the solvation of an ethane
molecule should be nearly identical to that of two overlapping methane
particles67. (The idea of two undistorted methane molecules occurring in
such close proximity is unrealistic, but it is only the appearance of the solute
to the solvent that determines the solvation free energy.) Thus
GEt2GMew(L), where w(L) is the reversible work to bring two
methane cavities in water to a separation L (equal to the C–C bond length in
ethane). The reversible work must account for the difference in solvation
free energies for cavities at infinite separation  and at separation L,
Gv(L)Gv(), and for attractive methane–methane interactions, uMeMe(L).
(The latter must be added to the cavity–cavity potential of mean force to
account for the fact that the full radial distribution function is well
approximated by the cavity radial distribution function32.) For water at
standard conditions, the result is w(L)Gv(L)Gv()uMeMe(L)
2 kcal mol–1. Together with the methane solvation free energy GMe, this
yields an ethane solvation free energy GEt2 kcal mol–1.
Similarly, the solvation free energy of propane GPr might be estimated by
considering separated cavities for methane and ethane in water that are
reversibly moved together, so as to form a propane cavity. As this can be
done roughly collinearly, the reversible work required to achieve this should
be about the same as that needed for joining two methane cavities:
GPrGEtGMew(L). Again, w(L) approximately cancels GMe, so
GPr has a value similar to GEt and GMe. Similar arguments can be used to
estimate solvation free energies of short cyclo-alkanes in water relative to
those of the corresponding normal alkane, indicating that
GcycloGnormalw(L). Experiment68 confirms that the former is indeed
between 1–2 kcal mol–1 less than the latter.
The fact that w(L) is close to GMe is a coincidence, true for water at
standard conditions but not true in general. Somewhat different values for
the van der Waals attraction  and the mean water density fluctuation v
would not change the basic physics, but would void the near cancellation
that results in similar solvation free energies for methane, ethane and
propane. The argument sketched here does, however, result in the generally
valid prediction that the solvation free energy of a small normal alkane chain
should scale linearly with the number of carbons, with a slope GMew(L).
The scaling is found experimentally for the free energy to transfer an alkane
chain from oil to water28,29, with the cavity model yielding an estimate8,9 of
the difference between GMew(L) for oil and for water that agrees well
with the experimental slope.

The principles that hold for purely hydrophobic solutes also apply to
molecules containing some hydrophilic units. But additional entropic
effects arise because molecular configurations are restricted when
both hydrophilic and hydrophobic interactions need to be accommodated. This is illustrated in the simplest example of amphiphilic assembly — micelle formation (see Fig. 5).
The free energy for solvating an amphiphile either in water or in
a micelle with an oily interior can be approximated by considering
the free-energy contributions of its hydrophilic head and hydrophobic tail separately. The hydrophilic head will always be in an aqueous
environment, so the free energy for transferring an amphiphile from
a micelle into water, gtrans, approximately equals the free energy for
transferring the corresponding hydrophobic molecule from oil to
water. The force driving the assembly of a micelle with n amphiphilic
molecules, Gn , will therefore contain the contribution ngtrans.
This contribution favours the formation of a micelle, but is opposed
by two other free-energy contributions. One arises from the fact that
the formation of a micelle involves the creation of an interface, as is
familiar from nucleation theory12. A second opposing contribution
is entropic. This accounts for the reduction in configurations available to amphiphilic molecules when hydrophobic chains are constrained to lie within a micelle while the head groups are confined to
the micelle surface. This effect limits micelle growth to a finite size:
for large n, there is simply no space available to maintain a dense
micelle interior while simultaneously placing head groups on the
exterior.
Given these different free-energy contributions, the principle of association equilibrium11 (that is, the law of mass action) readily explains38
why the critical micelle concentration decreases exponentially with
amphiphile chain length, and further why this concentration decreases
with increasing T at low T, but increases with T at high T. The exponential behaviour with chain length reflects the linearity of oil–water transfer free energy as a function of hydrophobic molecule chain length29. The
non-monotonic trend with temperature reflects the fact that transfer free
energies are similarly non-monotonic (that is, S for hydrophobic solvation passes through zero at a convergence temperature).

δ
L

α

Figure 5 | Length scales of amphiphiles in dynamic equilibrium with
micelles. The blue and red spheres depict the hydrophilic heads and the
hydrophobic tails, respectively, of the amphiphiles. The typical length over
which hydrophobic and hydrophilic components are separated within a
single molecule is given by . Assuming a roughly spherical structure and
tightly packed oily components in the centre, the micelle radius is
L(2)1/3 n1/3, where n is the number of surfactants in the micelle.
Accounting for the hydrophobic driving force for assembly, plus interfacial
and entropic free-energy costs, the average size of the micelle is found to be
n2 (where 1/kBT and  is the oil–water surface tension), and the
critical micelle concentration approximately (1/3)exp[gtransc(a2)2/3],
where gtrans is the oil-to-water transfer free energy for the oily chain of an
amphiphile and c(5,832/49)1/3  4.9 (ref. 38).
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Is water special?
Much has been written on the question of whether water is special and
about its importance in biology (for examples, see refs 39, 40). Considering its thermodynamic anomalies, patterns of hydrogen bonding,
ability to support fast proton transport and so forth, liquid water is
obviously a unique solvent. Nevertheless, the two physical features
responsible for hydrophobicity — the solvent being close to phase
coexistence with its vapour, and solute–solvent interactions being significantly less attractive than solvent–solvent interactions — are not
particularly unusual, at least in an abstract sense.
The proximity of phase coexistence and the imbalance of attractive
forces can be satisfied with model systems that have little in common
with water. Their only similarity with water is a high molecular density at conditions of low pressure; that is, the solvent, like water, is close
to its triple point. For example, a Lennard–Jones solvent41–43, a twodimensional fluid model44 and even a two-state lattice gas45,46 all provide perfectly acceptable models that will show behaviour akin to
hydrophobicity, including amphiphilic self assembly47–49.
In nature, however, it is difficult to find a pairing of liquids that show
an attractive force imbalance that is similar to that found for water and
oil. This imbalance is due to hydrogen bonding between water molecules, and produces the crossover in solvation behaviour at a length
scale of 1 nm and at thermodynamic conditions near 1 atm pressure
and room temperature. Furthermore, the temperature dependence of
the structure of water’s hydrogen-bond network leads to the relatively
large temperature dependence of solvation entropies described earlier.
This temperature dependence of solvation entropies has a significant
role in the temperature dependence of assembly processes (see Fig. 4),
and is considered important in the context of protein folding50–53.

To the future
It is one thing to understand the forces underlying hydrophobic interactions, but quite another to appreciate all the interesting implications
such forces have. For example, a correct and useful theory of hydrophobic effects should provide quantitative guidance for the study of biophysical systems. Do we now have such a theory? Perhaps, but its
usefulness remains to be demonstrated.
One area where progress might soon be made is the study of protein–protein interactions controlling self-assembly of large protein complexes. Here, challenges arise from the presence of two types of disorder54:
the fact that the hydrophobic surfaces of proteins are laced with
hydrophilic units, and that the surfaces are irregular in shape. These features will affect the size of hydrophobic units, and hence how hydrophobic interactions arise, as well as their strengths and kinetics. For example,
hydrophilic units will probably lessen the extent of drying and thereby
allow water to lubricate the final stages of assembly in a protein complex55.
In addition, the exact placement of hydrophilic units and the specifics of
surface topography should influence the complementarities of protein
surfaces. Similar issues should also present important challenges when
trying to elucidate the role of hydrophobic effects in intramolecular
processes such as protein folding.
Materials science is another area where our understanding of
hydrophobic effects might prove useful. For example, drying-mediated
self-assembly of nanoparticles involves competition between the kinetics of evaporation and the time scales with which solvated nano-particles diffuse on a substrate56. How these effects might be enriched by
surfaces that nucleate evaporation remains to be explored. Such systems, and also the adhesion between macroscopic surfaces, involve pertinent length scales other than just the crossover length (which is
essentially the radius of a critical nucleus of oil in a super-saturated
water–oil mixture). For example, the confinement of water by two
macroscopic hydrophobic surfaces in solution can induce evaporation
of the confined liquid because the oil–water interfacial free energy outweighs the free energy favouring liquid water over its vapour phase. For
flat, parallel surfaces in water at standard conditions, the inter-surface
separation exceeds 1,000 nm where evaporation becomes favourable.
Surface-induced evaporation of this sort between macroscopic
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plates would produce a macroscopic adhesive force, but it requires that
evaporation be kinetically accessible. This can occur through interfacial fluctuations that bring two separate interfaces in water into contact57. In the case of hydrated mesoscopic hydrophobic surfaces, such
fluctuations are feasible because the confined liquid remains stable
until the surfaces are relatively close together. But for macroscopic surfaces, the free-energy cost for such fluctuations is prohibitive, and
evaporation is possible only through other pathways. In particular, a
liquid sufficiently confined by unfavourable surfaces will become
mechanically unstable, causing, in effect, spinodal decomposition. For
pure water, this instability is estimated20 to occur when two macroscopic hydrophobic surfaces are separated by about 5 nm, which is
similar to the separation at which forces become unstable for two
hydrated hydrophobic surfaces in a surface-force apparatus58.
Whether these specific phenomena prove significant, there is no
doubt that the hydrophobic effect is fundamental. The varied and possible complexities of aqueous solutions where the hydrophobic effect
is manifested provide ample opportunity to probe the underlying general principles outlined in this review.
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