
Chapter 2 - Water

Physical properties

Structure

             We need to include a study of the properties of water in our introductory material for a

number of reasons.  Since it comprises about 70% of our mass, it is the medium in which the

large majority of our biomolecules reside. It has a great influence on their shapes and functions,

it affects metabolism, and even participates in biochemical reactions.  H+ and OH-, recall, can

have a large effect on the reactivity of various functional groups.  Water is the an end product of

cellular combustion, and participates in photosynthesis by donating electrons to become

molecular oxygen.  

The properties of water, when compared to other substances with similar elemental

composition, such as H2S, NH3 etc., are highly unusual.

Recalling that O has 2  lone pairs, we would expect that water would be tetrahedral. (sp3
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hybridization).   The H-O-H angle is somewhat less than the expected value of 109.50 because

the diffuse lone pairs “push” the H atoms closer together.  Water is thus a very polar molecule

and an excellent solvent for dissolving polar solutes, like NaCl.

Water is also capable of forming hydrogen bonds, in which H is shared between an

electronegative donor and an electronegative acceptor.  Biologically relevant donors and

acceptors are atoms such as O and N.

The partially charged H (+) and O (-) interact largely via Coulombic interaction energies,

which are dependent only on 1/r.    However, it is found that H-bonds are strongest when the

donor H acceptor are colinear.  Since there is no such directionality associated with Coulombic

interactions , some overlap with outer-shell orbitals is involved.

Note that water can donate and simultaneously accept 2 H-bonds.  It is the tremendous H-

bond capabilities of water that are responsible for its unique properties:

Melting and boiling points are much higher than they are for substances such as CH4 and

H2S.  Tmp for CH4 = -2640C, for example.  Much higher temperatures than one would expect are

necessary to disrupt the attractions between water molecules.

 Ice is less dense than water because H-O-H angles in ice are more linear than they are in

water.  This forces the water molecules further apart, thus lowering the density.  In ice there are

an average of 4 H-bonds per water molecule.  Since ice is less dense than liquid water, ice forms

on the surfaces of lakes, allowing life to continue underneath.  It also skis and skates to slide so

well across the surfaces of snow and ice.  

Surprisingly, there are about 3.4 H-bonds per molecule in liquid water, thus accounting

largely for the unusually large boiling point of water.

Hydrogen bonds are examples of noncovalent interactions (as opposed to covalent bonds,

which are much stronger).  Other types of noncovalent interactions that occur between biological

molecules (including water) are ionic, or electrostatic,  interactions (Coulombic) between

molecules or ions with formal charges, van der Waals interactions in neutral molecules, which

consist of dipole-dipole interactions (permanent or induced dipoles) and London dispersion

forces.



It can be seen from this table that ionic interactions and hydrogen bonds are two

examples of noncovalent interactions that can occur within and between biological molecules.

All are much weaker than covalent interactions.  As we’ll see, such noncovalent interactions are

largely responsible for the shapes, or conformations, that biological molecules assume that give

rise to their functionality.  

Van del Waals interactions refer to the noncovalent interactions that occur between

neutral (as opposed to charged) molecules and consist of consist of interactions between dipoles

(dipole dipole, dipole induced dipole, induced dipole induced dipole (see Figure 2-5).  Van der

Waals interactions also include very short-range repulsive interactions that occur at very close

distances (steric repulsions %1/r12).

Solvent Properties

Recall the expression, “like dissolve like.”  The polar character of water makes it an

excellent solvent for polar, as well as ionic, solutes.  Such solutes are hydrophilic.  Water

dissolves hydrophilic solutes such as table salt (NaCl) by replacing the strongly attracting ionic

interactions in salt (the extremely high melting point of salt is an indication of such strong

interactions) by even stronger interactions between water molecules and individual Na+ and

Clions (Figure 2-6) 



The hydration (in general, solvation) of such ions is in itself energetically favorable. 

Additionally, hydration reduces the attraction of positive and negative ions.

Because of the hydrogen bonding capability of water, solutes with hydrogen bond donors

(NH), OH) and/or acceptors (C=O) are more readily soluble in water.

Hydrophobic Effect

Nonpolar substances, in contrast, are not readily soluble in water. Water tends to

minimize its contact with such substances, resulting in the formation of solute aggregates in

water.  The thermodynamic data of Table 2 for the enthalpies, entropies and free energies of

transfer of nonpolar hydrocarbons from water to nonpolar solvents is informative:



Positive )H values tell us that the solutes would rather remain in water.  Positive )S values tell

us that the solutes would much rather not be in water.  In this case the entropic effects dictate

that hydrocarbons spontaneously transfer from water to nonpolar solvent (although it might be

possible to lower the temperature enough so the enthalpic contributions dominate and the solute

remains in water).  Recalling the relationship between entropy and randomness, it turns out that

water becomes highly structured in the presence of hydrocarbons in an attempt to maintain its

extensive network of hydrogen bonds.   When the hydrocarbon is removed from water into the

nonpolar solvent, water loses its structure and regains its entropy.   

In cells the above argument dictates that nonpolar groups tend to remove themselves as

much as possible in the aqueous environment, which is the driving force for membrane

formation, etc., as we’ll see.

Amphiphiles, such as phospholipids and soaps, form micelles and bilayers in an attempt

to minimize exposure of their hydrophobic groups to water:



Water in our cells is similar in composition to seawater, likely due to our primordial

origins.  The presence of a large amount of various solutes, together with that of membranes

which surround cells and organelles, leads a property called osmosis, which describes the

tendency of solvent (pure water) to move from a region of low solute concentration to high

solute concentration.  This thermodynamic effect explains how water is able to reach the tops of

trees.  It is to be distinguished from diffusion, or the random movement of solute.

Note: Small organisms rely on diffusion for acquisition of nutrients.  Larger organisms have

evolved to develop circulatory systems.  Since diffusion across a membrane is maximized when

the surface area of the cell to interior volume is maximized.  Since volume is proportional to r3,

but surface area proportional to r2, surface area is maximized when r is small, i.e., for small

organisms.  In our bodies, red blood cells are biconcave disks rather than spheres to maximize

surface area to volume, thereby increasing the flow of O2 (and CO2) into and out of, respectively,

the cell.

Chemical Properties of Water

Ionization

Recall the slight tendency of water to ionize:

H2O WH+ + OH-

(In fact, the H+ reside on water molecules to form H3O+, etc., thereby rapidly increasing the

mobility of H+, therefore also the speed of acid base reactions).  

This self-ionization is governed by thermodynamics, thus has an equilibrium constant

associated with it:

K = [H+][OH-][H2O] 

By collecting constant terms on the left as usual

K[H2O] = [H+][OH-] = Kw = 1 x 10-14  

at 250C.  (The keen observer may note here that Kw should have units of M2 here.  Actually, this

is a common mistake.  Instead of using concentrations in the expression for the equilibrium

constants, one should use concentrations normalized to standard conditions, which, if you’ll

recall from chapter 1, are 1 M except in the case of [H+].  This doesn’t change the numbers but

removes the units).  Taking the logs of both sides and multiplying by -1 gives:

-log(Kw) = log(10-14) = log[H+] -log[OH-}

or, 
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pH + pOH = 14

pH + pOH must always equal 14, so when the pH is 5 (acidic), the pOH is 9, for example.

A Bronsted-Lowry acid, HA, ( acid  = proton donor, base = proton acceptor) undergoes a

reaction with water:

HA + H2O WA+ H3O+

 for which the equilibrium is

K = Ka = [A-][H3O+]\HA][H2O]

or Ka = [H+][A-]\[HA]

Since most biologically important acids have small Ka values (10-3 = 10-10), one normally

describes them in terms of a pKa, defined similarly to pH as log Ka.  Thus for acetic acid with a

Ka value of 1.74 x 10-5, the pKa is log(1.74 x 10-5) = log (1.74) log (10-5) = -0.25 + 5 = 4.76. 

Table 4 lists several weak acids and their Ka and pKa values.

Notice that phosphoric acid, H3PO4, has three dissociable protons

Note from Table 4 that pK1 < pK2 < pK3,  indicating that the second proton is become harder to

remove than the first, etc.  That this trend also occurs for the diprotic acid carbonic acid, H2CO3

In aqueous solutions of a weak acid, [H+] depends on [HA] and [A-], which can be more

easily seen by taking the logs of both sides of the acid dissociation reaction shown above, and

rearranging:

log [Ka= [H+][A-]\[HA]]

pH = pKa + log ([A-]/[HA])

This equation (Henderson-Hasselbalch = HH equation) is useful for determining pH values only

between about 3 and 12.

Buffers

 If you were to add 0.01 mL of  1 M HCl to 1 L of H2O you would be adding



pH

mL OH-

( 0.00001 L)(1mole H Cl/L) = 0.00001 moles H+ because the HCl dissociates completely.  Using 

pH = log[H+] = log [0.00001] = log [10-5] = 5, the pH change would be 5 7 = 2, since the pH of

the distilled water was initially 7.  Graphically, you would see something like this:

i.e., there would be a sharp rise in pH upon addition of a small amount of base, or a sharp decline

in pH with addition of a small amount of strong acid.  This sharply-rising curve can be thought

of as a titration curve for distilled water.  Buffers resist abrupt changes in pH and their titration

curves are correspondingly flatter, as Figure 17 demonstrates for 3 buffers.  

This figure plots titration curves for three weak acids, acetic acid, phosphate and

ammonia.  These curves could be obtained by taking each of the weak acids, adding enough HCl



so that initially, 99.9% of the buffer is in the form HA, then slowly titrating with OH-.  Think of

the x axis as being mL of OHadded then.  These curves show that as OHis added, the pH rises, as

expected.  However, it doesn’t rise as rapidly (i.e., the curves are flatter) in the pH region near

the pKa of the acid..  The titration curve of distilled water would exhibit no flat region, but would

rise sharply to high pH values.  Note that the midpoint of each flat region corresponds to the pKa

of the acid.  The curves are flattest (i.e., buffering strength is greatest) at these midpoints. 

A buffer is a solution of a weak acid (HA) such as acetic acid, together with its conjugate

base (A-), i.e., acetate.  Both of these act together to neutralize any added strong acid or base.

HA + OH6 H2O + A-

A+ H3O+ 6 HA + H2O

A buffer needs to contain both conjugate acid in order to neutralize OHas well as conjugate base

to neutralize H3O+.   

Continuing with a numerical example, let’s now assume that instead of distilled water

you added 0.01 mL H Cl to 1 L of a 1 mM solution of a weak acid with a pKa = 7, initially at the

same pH of the distilled water (7).  Whenever you have a solution of a weak acid you must use

the HH equation. [A-] and [HA] must add up to the total concentration of buffer, in this case

0.001 M, or 1 mM.   Before we add the HCl,  the concentrations, [A-] and [HA] are found using

the HH equation:

pH = pKa + log ([A-]/[HA])

7 = 7 + log(x/1-x), log (x/1-x) = 0

x/(1-x) = 100 = 1

 x = 1 x = [A-] = [HJA]  = 0.5 mM

Since in this case pH = pKa, it is easy to see that the concentrations of conjugate base and acid

are the same, i.e., half the total buffer concentration.  You should be able to do this calculation in

the case that pKa is not equal to pH.  Thus, initially both [A-] and [HA] = 0.5 mM. = 0.0005 M. 

When the H+ (in the form of H Cl) is added, the following reaction occurs:

H+ + A6 HA

It is also important to note that buffers are only efficient in fairly narrow pH ranges

centered around the pKa of the buffer.  For example, an acetic acid/acetate buffer (pKa = 4.74)



would not be effective at physiological pH values near 7.  

and this reaction goes to completion since you’re adding a strong acid to a weak base.  Thus

[HA] is increased by the concentration of H+ added, whereas [A-] decreases by the same

amount.

The pH after addition of the HCl is then

pH = 7 + log [(0.0005 0,00001)/(0.0005 + 0.00001)] = 6.98

Thus adding the same amount of H Cl to a solution of a weak acid brings about a much

smaller pH change (-0.02 units) than if you were to add the H Cl to distilled water (2 units).  The

solution of weak acid is said to be a buffer because it resists changes in pH upon addition of

small amounts of strong acids or bases.  Chemically, what is happening is neutralization of the

strong acid (H+ + A6 HA.  Question: What would the pH change be if 0.01 mL of 1 M OH were

added to the buffer: Write down the neutralization reaction).

The phosphate buffer depicted in the middle curve in Figure 17 has H2PO4as the

conjugate acid and HPO4
-2 as the conjugate base.  Phosphoric acid, H3PO4, actually has 3

dissociable protons, and its titration curve has three buffering regions, as is shown in Figure 18

Biological fluids require heavy buffering because of the sensitivity of biomolecules to

abrupt pH changes.  Two commonly-occurring biological buffers with appropriate pHa values are



bicarbonate and phosphate

H2O + CO2 W H2CO3

H2CO3 W H+ + CO3, pKa1 = 6.35

H2PO4W HCO3
-2 + H+, , pKa2 = 6.86

                Acidosis or alkalosis can result when the blood pH falls too far below or above,

respectively, Acidosis can be treated by administering NaHCO3.   In this case bicarbonate reacts

with the excess acid to bring the pH back up.  Respiratory alkalosis can be treated by breathing

into a paper bag.  In this case excess CO2 is being inhaled which forms carbonic acid which, in

turn, reacts with the excess base.  

Problems: 1, 5, 8, 9, 11, 14, 15


