
Aqueous solutions 
 

Solubility of different compounds in water 
 
The dissolution of molecules into water (in any solvent actually) causes a volume change 
of the solution; the size of this volume change is often, but not always, larger than the van 
der Waals volume of the substance, and this is also found for the amino acids. This extra 
volume is thought to arise from the expanded structure of the water that is in the 
immediate vicinity of the surface of the “solute” molecule. There is a tendency for the 
nonpolar amino acids to show a larger volume difference, compared to the van der Waals 
volume, than the non-polar amino acids. The tendency to increase the effective molecular 
volume by a surrounding water sheath means that a protein will tend to remove these 
molecular groups from solution upon the application of pressure, if this is possible, and 
the volume of the amino acid groups is often smaller when they are removed from an 
aqueous environment, and just interact with each other. 
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One can approximately divide the properties of chemical groups according to the way 
water interacts with them, and the ability of water to dissolve the different substances. In 
this way we can speak of the hydrophilic and hydrophobic characteristics of the 
substances. The partition coefficient of a substance X is a measure of the tendency of a 
compound to be in water, compared to a vapor state, and it is defined as: 
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where [X] refers to the concentration of X in the corresponding environment. The free 
energy of transfer from the vapor to the water is: DnKRTG −=∆  and it is this free 
energy that is a measure of the hydrophilicity of a molecule. 
 

 
 

In this figure the values for the ionizable molecules have been corrected for the fraction 
of molecules ionized at pH=7. Glycine is given the value of zero. 
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The tendency of substances to dissolve in water depends mainly on 
1) the polar character of water,  
2) its H-bonding propensity, and  
3) the tendency for water molecules to be in certain non-random orientations relative 

to the other surrounding water molecules (often referred to as the “structure” of 
H2O).  

 
This ordering propensity for liquid water is a statistical dynamic effect, and does not 
refer to a static orientation or configuration (as in ice). It should be understood similarly 
to the inhomogeneous distribution of molecules that one sees in every condensed liquid 
phase, where the radial distribution function shows tendencies of the liquid molecules to 
be in certain locations more than in other locations surrounding any particular solvent 
molecule. For water the density distribution function is not spherically symmetric 
around a particular water molecule. However, on the average, for many molecules seen in 
a scattering experiment, they are spherically symmetric relative to the center of mass of 
the central water molecules, because of the rotational distribution of all the molecules. 
This reflects the tetrahedral structure of H2O molecules, together with their H-bonding 
possibilities. The water molecule is approximately spherical – more correctly, a sphere 
that is slightly deformed into a “V” shape, so that there is little steric hindrance for the 
water molecules to change orientations, or move to new neighboring locations. Thus, the 
configurational entropy of liquid water is high (compared to what we might think 
when we hear of the “structure” of water. 
 
We see exactly what we would expect from a solvent molecule with an asymmetric 
distribution of electronic charge. The polar molecules interact much more favorably 
with water, than the less polar - or the non-polar - amino acids The van der Waals 
interactions between water and the amino acids are not very different from the van der 
Waals interactions between the amino acids themselves. We cannot interpret these data 
until we discuss the hydrophobic effect (see below), but we can note here that the 
tendency of molecules to dissolve in water must be related to the total free energy 
involved in making a “cavity” in the water the size of the guest molecule, and the specific 
interactions (or lack of) between the water and the “surface” of the amino acid 
molecules. 
 

- See table on next page -
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Molecules interacting in an aqueous environment 
 
The interaction of molecules is described in terms of “mass action” as: 
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Substances that are very soluble in water, often do not associate very strongly with each 
other in water. This is because in order for the molecules A and B to interact, they must 
break their interactions at their interfaces with the surrounding solvent molecules. Water 
plays a central role in these interactions of dissolved compounds with each other, 
because water often interacts strongly in various different ways with the “reactants” 
and “products” of these non-covalent interactions. The interaction of water with some 
dissolved substances can also have a major effect on the properties of the “bulk” water. 
This is due to the “many body”, or “all encompassing” statistical mechanical nature of 
the interactions which lead to the molecular distributions of water molecules. In addition, 
there is an entropic barrier to overcome, because the two molecules, A and B, become 
one entity (AB),  but this often plays a minor role.  
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However, it is also possible for the molecules to interact through water molecules 
placed between them.  
It is even possible for two larger nonpolar surfaces to interact over multiple layers of 
water, and the interaction energy is not a smooth function of the distance between the 
two surfaces, but varies with a period of about 2.5 Å, the diameter of a water molecule. 
So it seems that the most favorable interactions happen when there are an integral 
number of water molecules between the two surfaces.  
In addition, water can be shown to interact with certain areas of proteins, and in the 
grooves of DNA. In the DNA grooves, the water sometimes becomes an integral part of 
the structure, and it is thought that transitions between different conformational states 
involve also the dissociation of this “bound” (but labile) water. 
 
The presence of ions in solution can have large effects on the “structure” and other 
properties of water. These effects are often well correlated with the  
 

“Hofmeister” series (effectiveness of precipitating serum globulins): 
 
Cations: NH4

+>K+>Na+>Li+>Mg+>Ca2+>guanidinium 
 
Anions: SO4

2->HPO4
2->acetate>citrate>tartrate>Cl->NO3

->ClO3
->I->ClO4

->SCN- 

 
Disrupt structure     Increase structure of water 
Increase surface tension    No effect on surface tension 
Decrease solubility of non-polar   Increase solubility of non-polar 

substances (salting out)  substances (salting in) 
The ions at the beginning of each series, tend to disrupt the structure of water, increase 
its surface tension, and decrease the solubility of non-polar molecules (salting out).  
The ions at the end of each series, increase the structure of water, do not affect the 
surface tension, and increase the solubility of non-polar molecules (“salting in”).  
 
Na+ and Cl- are at the dividing line. Part of the effect of these ions can be understood by 
realizing that they remove water from the “bulk” phase (by attracting a water sheath 
around themselves) and this leaves less water available for other compounds. This is an 
oversimplistic view of things, and glosses over the real statistical mechanical reason for 
the effects, but is a useful, and certainly partially true, paradigm. 
 
Non-polar molecules, such as urea (H2N-(C=O)-NH2), also interfere with the H-
bonding in the bulk water. Urea was the first biological molecule to be synthesized from 
inorganic compounds by Woehler. This was a very important happening, because it 
showed that “bio-organic” molecules were not the result of some “vital” characteristic of 
living organisms. 
 
The additives are usually excluded from the interface to the non-polar surfaces of 
molecules, or from air water interfaces. This is the reason why the surface tension 
increases for those ions that disrupt the “structure” of water in the bulk phase. Remember 
what we discussed about the meaning of the “structure” of water. 
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Short summary of the different important intermolecular forces acting on macro-
biomolecules. 

 
 
Covalent bonds: 
 
These are Quantum Mechanical, and act only at very short range. They are very strong, 
in general between 150 to 900 kJ/mol, and they are chemical bonds, not physical bonds 
(as the rest which we discuss are). The form and stereochemistry of the smaller molecules 
and molecular groups are in general set by these covalent interactions, as well as the van 
der Waals dimensions (atomic radii) of the molecules.  
The optimal van der Waals interactions occur at a distance of 1.2 Å greater than the 
covalent bond length. The atoms are in contact when they are 0.8 Å greater than when 
they are covalently attached to each other.  
 

 7



 
 

 8



The accessible surface area of a molecule (small or large) is found by rolling a ball (1.4 
Å in diameter – a water molecule) over the surface of the macromolecular structure (in 
the computer). This parameter is often given for structures presented in the literature, and 
many parameters are correlated with this surface area. 
 
We saw this for instance when we calculated the solubility of cyclohexane in water (see 
earlier notes). 
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Electrostatic forces: 
 

a) point charges: energy -> 
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Calculate the energy of Na+ and Cl- ions that are separated by 2.76 Å in a crystal , D=1 
(this is the optimum distance). The energy is 2.0x10-19 cal/molecular pair; in molar units 
this is 120 kcal/mol! This is a very large number (about 200 kT units!), of the order of a 
covalent bond. However this interaction energy for ions is much less in water, where the 
water can affect the ionic interaction; the strong electrostatic interaction is decreased 
drastically due to the high dielectric constant of the water (this is ~80). For most solvents, 
as already shown, the dielectric constants are between 2 and 110. The effective range of 
the electrostatic forces between ionic charges becomes very limited by the “screening” 
effects of the other free charges in solution. See the discussion below about the Debye-
Hueckel theory. 
 
Very closely spaced oppositely charged charges in proteins are termed “salt bridges”, 
and these ions can also participate in strong hydrogen bonds, and are often physically 
“linked” by intervening water molecules. The ionic interactions change as a function of 
ionic strength. The acid dissociation constants, pKa, of the amino acids are in the pH 
range where the amino acids can easily dissociate, and this will create charges, which will 
produce electrostatic effects in proteins. The magnitude of these effects will depend on 
the pH of the solution environment (even the local environment). The pKas are 
themselves affected by environmental effects such as ionic strength, by other dissociating 
groups in the region of interest on the protein, and by their environment in the region 
where they are located in the protein structure. The lower the polarity of the solution, the 
less the tendency to dissociate, forming an ion. 
 
 
 
 
 
 
 
Acetic acid 
(HOCH2)3C-NH2 
Benzoylarginine 
Glycine: -CO2 
              -NH2
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b) dipoles: −+ − δδ ; orientation dependent 
 
1) remember the peptide bond; The dipole of the peptide backbone 

( −± = e4.0δ ) is actually quite large. The dipole = Zd, is 3.5 D for a peptide 

bond, and 1.85 D for a water molecule (1 Å separating oppositely charged single 
charges has dipole moment of 4.8 D). 
2) The π electrons of the faces of the aromatic rings of the amino acid side groups 
have a negative charge (~0.15 e-). Neighboring rings tend to align so that the 
edges of the rings, with the positive hydrogens, are perpendicular to the phase of 
the other ring. That is, the rings tend to align themselves perpendicular to each 
other. O and S (electron rich) atoms tend to interact with the edges, and the NH 
groups interact with the faces. 
3) In order to calculate the interaction energy due to all the charged groups in a 
protein, the Coulomb interactions are simply added (integrated).The energy of 
interaction goes as 1/r2, 1/r3 or 1/r6 for ion-dipole, fixed dipole-dipole, and 
freely rapidly rotating dipole-dipole. Note the dipole interactions fall off 
rapidly. 
4) Polarizability:  The charge distribution in molecules is easily perturbed by 
external charges. Large atoms are generally more easily polarized. Induced 
dipoles always lead to favorable interactions (attraction). The energy of 
interaction between a permanent dipole-induced dipole are ½ of what an 
equivalent permanent dipole- permanent dipole interaction is. 
5) In homogeneous solution the electrostatic interactions can be calculated by 
using a simple dielectric constant. But in proteins, the situation is very 
complex; one must take into account interactions within the protein, with water, 
and with the effect of the other ions in the solvent. This is very difficult to 
calculate, even if the structure is known, especially when including the solvent 
structure at the surface of the protein, and often the water is in the protein. The 
effects of electrostatic interactions, and how to correctly describe them, is still an 
active, and contentious, area of research, where the models are vigorously 
defended by their proponents. The problem is the long range of the electrostatic 
forces. 
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van der Waals interactions: 
 
These interactions actually consist of three parts: 1) permanent dipoles, 2) permanent-
induced dipoles, and 3) induced-induced dipoles.  
The induced-induced dipole interaction – the dispersion force - is always present, and it 
is quantum mechanical in nature. The effects can be large, because this force is present 
between all every pair of atoms (and it is not pairwise additive). It involves the 
correlation of transient dipoles of two interacting atoms – it is a dispersion force. The 
transient dipoles originate from temporary asymmetric distributions and orientations of 
the electrons and nucleus of the atoms. These transient dipoles of neighboring atoms 
interact with each other. The dispersion force varies as 1/r6, and it is basically 
electrostatic in nature.  The “optimal” van der Waals interaction is usually modeled as 
a balance between attraction and repulsion, as a Lennard-Jones potential. 

6
6 rCrCE n

nr −= , where n>6, and usually n=12. 
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The optimum distance is usually 0.3 to 0.5 Å larger than the sum of the van der Waals 
radii (see earlier). The interaction is often considered to be independent of the 
orientation of the interaction groups. But actually it is dependent on the orientation of 
the atom groups (e.g. a  -CH3 group interacting with a C-H bond is nearly 2x as strong 
when the groups are oriented along the bonds rather than perpendicular).  

 
 
 

 
Hydrogen-Bonds: 

 
Two electronegative atoms competing for the same hydrogen: 
 

−⋅⋅⋅−− AHD      ;    D=donor, and A=acceptor.  
 
Earlier it was thought that the donor and acceptor shared the hydrogen more or less 
equally between them, but structure studies and calculations now show that this is not 
true – the H remains associated with the donor, and is shared only partially with the 
acceptor. The D-H bond distance is in general shorter than the A-H distance, but the 
D-A distance is shorter than the sum of the van der Waals distances of all the atoms. 
This indicates some covalent nature of the A-H bond.  
 
The H-bond is thought to be mainly electrostatic in nature, and this explains why the H-
bond is strongest when the participating bonds are linear, but many H-bonds are at an 
angle.  

-D-H
-

+

-

···A
-

-D-H···A-
- + -

 
The hydrogen atom is quite special, because it is highly charged and has a very small 
size; in addition it can be easily polarized. As we said, linear H-bonds are thought to be 
strongest, but the orientation dependence is controversial. 
  
Multiple donors and single acceptors are possible; for instance, there are two lone e- pairs 
on the O-atom, and each can serve as an acceptor. And there are also single donors and 
multiple acceptors as with water in the grooves of DNA. 

-N
-H
···
O=

-N-H···
A··

·H-

A···
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The strengths of the H-bonds depends on the electronegativities of the donor and 
acceptor atoms. The stronger the electronegativities, the stronger the H-bonds. Charged 
groups usually participate in stronger H-bonds. Of course, the stronger H-bonds are 
shorter.  
 
The H-bonds are a ubiquitous. In proteins, the H...O distance is usually 1.9 – 2.0 Å, and 
the N-H distances 1.03 Å. So a typical N-H...O H-bond has a distance of about 3 Å (from 
the center of the two A and D atoms).  

 
 
 
H-bond donors    H-bond acceptors 
 
N-H, O-H     O=. –O-, -N= 
sometimes:     sometimes: 
S-H and C-H     -S-, and π e- of aromatics 
 
 
 
 

The strength of the H-bonds varies from approximately 10 to 40 kJ/mol; it is stronger 
than the van der Waals bonds (about 1 kJ/mol). The covalent or ionic bonds are much 
stronger.  
 
In water every acceptor and donor group will be complexed with water molecules if 
the water can get to the groups; this is true unless the acceptor/donor group either 
complexed with another H-bond complement, or sterically excluded from contact with 
water. Thus, the overall free energy contribution of the hydrogen bonds is often more 
important when they are absent. That is, the free energy in a H-bonded complex 
compared to the complexes of the free compounds with water is not large – there is 
just an interchange of the H-bonding parameters. Of course, at large concentrations this 
can have a major effect, but if a particular conformation of a protein macromolecule 
demands the absence of a H-bond (for steric reasons, for instance), then this loss of 
favorable free energy will raise the overall free energy of this conformation. This would 
be a free energy penalty to pay for having this conformation with a overall loss of a 
H-bond. 


