
STRUCTURE AND 
CATALYSIS



In 1897 Eduard Buchner, the German research worker, 

discovered that sugar can be made to ferment, not only with 

ordinary yeast, but also with the help of the expressed juices of 

yeast which contain none of the cells of the Saccharomyces . . . 

Why was this apparently somewhat trivial experiment 

considered to be of such significance? The answer to this 

question is self-evident, if the development within the research 

work directed on the elucidation of the chemical nature of (life) 

is followed . . . there, more than in most fields, a tendency has 

showed itself to consider the unexplained as inexplicable . . . 



Thus ordinary yeast consists of living cells, and fermentation was 

considered by the majority of research workers – among them 

Pasteur – to be a manifestation of life, i.e. to be inextricably 

associated with the vital processes in these cells. Buchner’s 

discovery showed that this was not the case. It may be said that

thereby, at a blow, an important class of vital processes was 

removed from the cells into the chemists’ laboratories, to be 

studied there by the chemists’ methods.



It proved, too, that, apart from fermentation, combustion and 

respiration, the splitting up of protein substances, fats and 

carbohydrates, and many other similar reactions which 

characterise the living cell, could be imitated in the test tube

without any cooperation at all from the cells, and that on the 

whole the same laws held for these reactions as for ordinary 

chemical processes.

A. Tiselius, in presentation speech for the award of the Nobel Prize 
in Chemistry to James B. Sumner, John H. Northrop, and Wendell 

M. Stanley, 1946



Biochemistry is nothing less than the chemistry of life.
Life can be investigated, analyzed, and understood.
The structure and function of the major classes of 

cellular constituents:
– Water
– Amino acids and protein
– Sugars and polysaccharides
– Nucleotides and nucleic acids
– Fatty acids and lipids
– Membranes



Each class of molecules has a similar structural hierarchy: 
subunits of fixed structure are connected by bonds of 
limited flexibility to form macromolecules with three-
dimensional structures determined by noncovalent
interactions.

These macromolecules then interact to form the 
supramolecular structures and organelles that allow a cell 
to carry out its many metabolic functions.



WATER

1. Weak Interactions in Aqueous Systems

Water making 70% or more of the weight of most organisms.



Hydrogen bonds between water molecules provide the 
cohesive forces that make water a liquid at room 
temperature.

Polar biomolecules dissolve in water because they can replace 
water-water interactions with more energetically favorable
water-solute interactions. 

Nonpolar biomolecules interfere with water-water interactions 
but are unable to form water-solute interactions, nonpolar
molecules are poorly soluble in water.

Hydrogen bonds and ionic, hydrophobic and van der Waals 
interactions are individually weak.

But collectively they have a very significant influence on the 
three-dimensional structures of proteins, nucleic acids, 
polysaccharides, and membrane lipids.



Hydrogen bonding gives water its unusual properties

Water has a higher melting point, boiling point, and heat of 
vaporization than most other common solvents.

Each hydrogen atom of a water molecule shares an 
electron pair with the central oxygen atom.

The H–O–H bond angle is 104.5, slightly less than the 
109.5 of a perfect tetrahedron because of crowding by 
the nonbonding orbitals of the oxygen atom.



The dipolar nature of the H2O molecule

The dashed lines in represent the nonbonding orbitals.

There is a nearly tetrahedral arrangement of the outer-shell 
electron pairs around the oxygen atom; the two hydrogen 
atoms have localized partial positive charges (δ+) and the 
oxygen atom has a partial negative charge (2δ−).

ball-and-stick model space-filling model



The oxygen nucleus attracts electrons more strongly than 
does the hydrogen nucleus that is, oxygen is more 
electronegative.

Each hydrogen bears a partial positive charge (δ+) and the 
oxygen atom bears a partial negative charge equal to the 
sum of the two partial positives (2δ−).

There is an electrostatic attraction between the oxygen 
atom of one water molecule and the hydrogen of another  
called a hydrogen bond.



Two H2O molecules joined by a 
hydrogen bond (designated 
here, and throughout this book, 
by three blue lines) between 
the oxygen atom of the upper 
molecule and a hydrogen atom 
of the lower one.

Hydrogen bonds are longer and 
weaker than covalent O–H 
bonds.

104.5°

Hydrogen bond
0.177 nm

Covalent bond
0.0965 nm



Hydrogen bonds are relatively weak.

In liquid water have a bond dissociation energy of about 
23 kJ/mol, compared with 470 kJ/mol for the covalent 
O−H bond in water or 348 kJ/mol for a covalent C−C 
bond.

All the hydrogen bonds between H2O molecules confers 
great internal cohesion on liquid water.



The oxygen atom forms hydrogen bonds with as many as
four neighboring water molecules.

In ice each water molecule is fixed in space and forms 
hydrogen bonds with a full complement of four other 
water molecules to yield a regular lattice structure.

When ice melts or water evaporates, heat is taken up by 
the system:

H2O(solid)         H2O(liquid)      ΔH = +5.9 kJ/mol

H2O(liquid)         H2O(gas)      ΔH = +44.0 kJ/mol



Hydrogen bonding in ice
In ice, each water molecule forms 

the maximum of four hydrogen 
bonds, creating a regular crystal 
lattice. 

By contrast, in liquid water at 
room temperature and atmos-
pheric pressure, each water 
molecule hydrogen-bonds with 
an average of 3.4 other water 
molecules. 

This crystal lattice of ice makes it 
less dense than liquid water, and 
thus ice floats on liquid water.



Water forms hydrogen bonds with polar solutes

Hydrogen bonds readily form between an electronegative 
atom, usually oxygen or nitrogen with a lone pair of 
electrons and a hydrogen atom covalently bonded to 
another electronegative atom.

Common hydrogen bonds in biological systems

The hydrogen acceptor is usually oxygen or nitrogen; the 
hydrogen donor is another electronegative atom.

Hydrogen 
acceptor

Hydrogen 
donor



Uncharged but polar biomolecules such as sugars dissolve 
readily in water because of the stabilizing effect of hydrogen 
bonds between the hydroxyl groups or carbonyl oxygen of the 
sugar and the polar water molecules.

Some biologically important hydrogen bonds

Thymine

Adenine
Between the 

hydroxyl group of 
an alcohol and water

Between the 
carbonyl group of a 

ketone and water Between peptide 
groups in polypeptides

Between complementary 
bases of DNA



Water interacts electrostatically with charged solutes

Water is a polar solvent. 

It readily dissolves most biomolecules, which are generally 
charged or polar compounds.

Compounds that dissolve easily in water are hydrophilic 
(“water-loving”). 

In contrast, nonpolar solvents such as chloroform and 
benzene are poor solvents for polar biomolecules but 
easily dissolve those that are hydrophobic–nonpolar
molecules such as lipids and waxes.

Water dissolves salts such as NaCl by hydrating and 
stabilizing the Na+ and Cl− ions.



Some examples of polar biomolecules

Glucose

Glycine

Aspartate

Lactate
Glycerol



Nonpolar

Typical wax

Some examples of nonpolar and amphipathic biomolecules

Amphipathic

Phosphatidylcholine

Phenylalanine



Entropy increases as crystalline substances dissolve

Water dissolves many crystalline salts by hydrating their 
component ions.

As a salt such as NaCl dissolves, the Na+ and Cl− ions 
leaving the crystal lattice acquire far greater freedom of 
motion. 

The resulting increase in entropy of the system is largely 
responsible for the ease of dissolving salts such as NaCl in 
water.



Water as solvent

Hydrated 
Na+ ion

Hydrated 
Cl− ion

Note the orientation of 
the water molecules

H2O

Na+

Cl−

The NaCl crystal lattice is disrupted as water molecules cluster about the Cl− and Na+ ions. 



Nonpolar gases are poorly soluble in water

The molecules of the biologically important gases CO2, O2, 
and N2 are nonpolar.

In O2 and N2, electrons are shared equally by both atoms.

In CO2, each C=O bond is polar, but the two dipoles are
oppositely directed and cancel each other.



Solubilities of some gases in water

*The arrows represent electric dipoles; there is a partial negative charge (δ−) at the head of the 
arrow, a partial positive charge (δ+; not shown here) at the tail.

†Note that polar molecules dissolve far better even at low temperatures than do nonpolar
molecules at relatively high temperatures.



Nonpolar compounds force energetically unfavorable
changes in the structure of water

Amphipathic compounds contain regions that are polar (or charged) 
and regions that are nonpolar.

When an amphipathic compound is mixed with water, the polar, 
hydrophilic region interacts favorably with the solvent and tends to 
dissolve.

The nonpolar, hydrophobic region tends to avoid contact with the 
water.

The nonpolar regions of the molecules cluster together to present the 
smallest hydrophobic area to the aqueous solvent, and the polar 
regions are arranged to maximize their interaction with the solvent.

These stable structures of amphipathic compounds in water, called 
micelles, may contain hundreds or thousands of molecules. 

The forces that hold the nonpolar regions of the molecules together are 
called hydrophobic interactions.



Amphipathic compounds in aqueous solution I.

Long-chain fatty acids 
have very hydrophobic 
alkyl chains, each of 
which is surrounded by 
a layer of highly 
ordered water mole-
cules.

Hydrophilic 
„head group”

Hydrophobic 
alkyl group

„Flickering 
clusters” of H2O 

molecules in 
bulk phase

Highly ordered H2O molecules form „cages”
around the hydrophobic alkyl chains



Amphipathic compounds in 
aqueous solution II.

By clustering together in micelles, the 
fatty acid molecules expose the 
smallest possible hydrophobic sur-
face area to the water, and fewer 
water molecules are required in the 
shell of ordered water. 

The energy gained by freeing immo-
bilized water molecules stabilizes the 
micelle.

Dispersion of lipids in H2O
Each lipid molecule forces surrounding H2O 
molecules to become highly ordered.



Clusters of lipid molecules
Only lipid portions at the edge of the 
cluster force the ordering of water.
Fewer H2O molecules are ordered, 
and entropy is increased.

Micelles
All hydrophobic groups are sequestered 
from water; ordered shell of H2O 
molecules is minimized, and entropy is 
further increased.



Many biomolecules are amphipathic; proteins, pigments, 
certain vitamins, and the sterols and phospholipids of 
membranes all have polar and nonpolar surface regions.

These molecules are stabilized by hydrophobic interactions 
among the nonpolar regions.

Hydrophobic interactions between nonpolar amino acids 
also stabilize the three-dimensional structures of 
proteins.



van der Waals interactions are weak interatomic
attractions

When two uncharged atoms are brought very close together, 
their surrounding electron clouds influence each other.

Which induces a transient, opposite electric dipole in the 
nearby atom.

The two dipoles weakly attract each other, bringing the two 
nuclei closer. 

These weak attractions are called van der Waals 
interactions.



Weak interactions are crucial to macromolecular
structure and function

The noncovalent interactions hydrogen bonds and ionic, 
hydrophobic, and van der Waals interactions are much 
weaker than covalent bonds.

An input of about 350 kJ of energy is required to break a mole 
of C−C single bonds, and about 410 kJ to break a mole of 
C−H bonds, but as little as 4 kJ is sufficient to disrupt a mole 
of typical van der Waals interactions.

The cumulative effect of many such interactions can be very 
significant.

The noncovalent binding of an enzyme to its substrate may 
involve several hydrogen bonds and one or more ionic 
interactions, as well as hydrophobic and van der Waals 
interactions.



Macromolecules such as proteins, DNA, and RNA contain 
so many sites of potential hydrogen bonding or ionic, van 
der Waals, or hydrophobic interactions that the
cumulative effect of the many small binding forces can 
be enormous.

The large size of enzymes and receptors is that their 
extensive surfaces provide many opportunities for weak 
interactions.



When the structure of a protein is determined water 
molecules are often found to be bound so tightly as to be 
part of the crystal structure.

These bound water molecules have distinctly different 
properties from those of the “bulk” water of the solvent.

They are, for example, not osmotically active.

For many proteins, tightly bound water molecules are 
essential to their function.



Solutes affect the colligative propertiescof aqueous 
solutions

Osmosis, water movement across a semipermeable
membrane driven by differences in osmotic pressure, is 
an important factor in the life of most cells.

Solutions of equal osmolarity are said to be isotonic. 

Surrounded by an isotonic solution, a cell neither gains nor 
loses water.

In a hypertonic solution, one with higher osmolarity than 
the cytosol, the cell shrinks as water flows out.

In a hypotonic solution, with lower osmolarity than the
cytosol, the cell swells as water enters.



Effect of extracellular 
osmolarity on water   

movement across a plasma 
membrane. 

When a cell in osmotic 
balance with its surrounding 
medium (that is, in an 
isotonic medium) (a) is 
transferred into a  hypertonic 
solution (b) or hypotonic 
solution (c), water moves 
across the plasma membrane 
in the direction that tends to 
equalize osmolarity outside 
and inside the cell.

Extracellular solutes
Intracellular solutes

(a) Cell in isotonic
solution; no net 
water movement.

(b) Cell in hypertonic 
solution; water moves 
out and cell shrinks.

(c) Cell in hypotonic 
solution; water moves in, 
creating  outward 
pressure; cell swells, 
may eventually burst.



In natural environments, cells generally contain higher 
concentrations of biomolecules and ions than their 
surroundings, so osmotic pressure tends to drive water 
into cells.

The effect of solutes on osmolarity depends on the number 
of dissolved particles, not their mass, macromolecules 
(proteins, nucleic acids, polysaccha-rides) have far less 
effect on the osmolarity of a solution than would an equal 
mass of their monomeric components.



Summary for „ Weak Interactions in Aqueous Systems” I.

• The very different electronegativities of H and O make 
water a highly polar molecule, capable of forming 
hydrogen bonds with itself and with solutes. Water is a 
good solvent for polar (hydrophilic) solutes, with which it 
forms hydrogen bonds, and for charged solutes, with 
which it interacts electrostatically.

• Nonpolar (hydrophobic) compounds dissolve poorly in 
water; they cannot hydrogen-bond with the solvent. To 
minimize the surface exposed to water, nonpolar
compounds such as lipids form aggregates in which the 
hydrophobic moieties are sequestered in the interior, 
associating through hydrophobic interactions, and only 
the more polar moieties interact with water.



• Numerous weak, noncovalent interactions decisively 
influence the folding of macromolecules such as 
proteins and nucleic acids.

• The physical properties of aqueous solutions are strongly 
influenced by the concentrations of solutes. When two 
aqueous compartments are separated by a 
semipermeable membrane, water moves across that 
membrane to equalize the osmolarity in the two 
compartments.

Summary for „ Weak Interactions in Aqueous 
Systems” II.



2. Ionization of Water, Weak Acid, and 
Weak Bases



Many of the solvent properties of water can be explained 
in terms of the uncharged H2O molecule.

The small degree of ionization of water to hydrogen ions 
(H+) and hydroxide ions (OH−). 

The ionization of water can be described by an 
equilibrium constant.

Weak acids are dissolved in water, they contribute H+ by 
ionizing; weak bases consume H+ by becoming 
protonated.



Pure water is slightly ionized
Water molecules have a slight tendency to undergo reversible 

ionization to yield a hydrogen ion (a proton) and a hydroxide 
ion, giving the equilibrium:

H2O        H+ + OH–

Free protons do not exist in solution; hydrogen ions formed in 
water are immediately hydrated to hydronium ions (H3O+).

The ionization of water can be measured by its electrical 
conductivity.

Pure water carries electrical current as H+ migrates toward the 
cathode and OH− toward the anode. 

The movement of hydronium and hydroxide ions in the electric 
field is anomalously fast compared with that of other ions.



Proton hopping
Short “hops” of protons between a 

series of hydrogen-bonded water 
molecules effect an extremely  
rapid net movement of a proton 
over a long distance. 

As a hydronium ion (upper left) 
gives up a proton, a water 
molecule some distance away 
(lower right) acquires one, 
becoming a hydronium ion. 

Proton hopping is much faster than 
true diffusion and explains the 
remarkably high ionic mobility of 
H+ ions compared with other  
monovalent cations such as Na+ or 
K+.

Hydronium ion gives up a proton
Proton hop

Water accepts proton and 
becomes a hydronium ion



No individual proton moves very far through the bulk 
solution.

A series of proton hops between hydrogen-bonded water 
molecules causes the net movement of a proton over a 
long distance in a remarkably short time.

The position of equilibrium of any chemical reaction is 
given by its equilibrium constant, Keq.



For the generalized reaction A + B       C + D
an equilibrium constant can be defined in terms of the 
concentrations of reactants (A and B) and products (C and 
D) at equilibrium:

The equilibrium constant is fixed and characteristic for any 
given chemical reaction at a specified  temperature.

It defines the composition of the final equilibrium mixture, 
regardless of the starting amounts of reactants and products.
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The ionization of water is expressed by an equilibrium
constant

The degree of ionization of water at equilibrium is small.

At 25 °C only about two of every 109 molecules in pure water 
are ionized. 

The equilibrium constant for the reversible ionization of water 
is:

In pure water at 25 °C, the concentration of water is 
55.5 M (grams of H2O in 1 L divided by its gram molecular 
weight: (1,000 g/L)/(18.015 g/mol)) essentially constant in 
relation to the very low concentrations of H+ and OH−, 
1×10−7 M. 

]OH[
]OH][H[K

2
eq

−+

=



We can substitute 55.5 M in the equilibrium constant 
expression to yield:

rearranging: (55.5 M)(Keq) = [H+][OH−] = Kw

Where Kw designates the product, the ion product of water 
at 25 °C.

The value for Keq is 1.8 × 10−16 M at 25 °C.

Substituting this value for Keq:

Kw = [H+][OH−] = (55.5 M)(1.8×10−16 M) = 1.0×10−14 M2

M5,55
]OH][H[Keq

−+

=



The product [H+][OH−] in aqueous solutions at 
25 °C always equals 1×10−14 M2.

When there are exactly equal concentrations of H+ and OH−, as 
in pure water, the solution is said to be at neutral pH. 

At this pH, the concentration of H+ and OH− can be calculated 
from the ion product of water:

Kw = [H+][OH−] = [H+]2

Solving for [H+]:

As the ion product of water is constant, whenever [H+] is 
greater than 1×10−7 M, [OH−] must become less than 
1×10−7 M.

When [H+] is very high, as in a solution of hydrochloric acid, 
[OH−] must be very low.

[ ]
[ ] [ ] M10OHH

M101KH
7

214
w

−−+

−+

==

×==



The ion product of water, Kw, is the basis for the pH scale.

The term pH is defined by the expression:

The symbol p denotes “negative logarithm of.”

For a precisely neutral solution at 25 °C, in which the 
concentration of hydrogen ions is 1.0×10−7 M, the pH can be 
calculated as follows:

The pH scale designates the H+ and OH− concentrations

[ ] [ ]+
+ −== Hlog

H
1logpH

( ) 77010log0.1log100.1log
100.1

1logpH 77
7 =+=+=×=

×
= −



The pH scale

*The expression pOH is 
sometimes used to describe 
the basicity, or OH− con-
centration, of a solution; 
pOH is defined by the 
expression

pOH = − log [OH−]
which is analogous to the 
expression for pH. 
Note that in all cases

pH + pOH = 14.



Solutions having a pH greater than 7 are alkaline or basic;
the concentration of OH− is greater than that of H+.

Solutions having a pH less than 7 are acidic.

The pH scale is logarithmic.

Two solutions differ in pH by 1 pH unit means that one 
solution has ten times the H+ concentration of the other.

A cola drink (pH 3.0) or red wine (pH 3.7) has an H+

concentration approximately 10,000 times that of blood 
(pH 7.4).



The pH of some 
aqueous fluids

14

13

12

11

10

9

8

7

6

5

4

3

2

1

0

1 M NaOH

Household bleach

Household ammonia

Solution of baking soda 
(NaHCO3)

Seawater, egg white
Human blood, tears
Milk, saliva

Black coffee
Beer
Tomato juice
Red wine

Cola, vinegar

Lemon juice
Gastric juice

1 M HCl



The pH can be approximately measured using various 
indicator dyes, including litmus, phenolphthalein, and 
phenol red, which undergo color changes as a proton 
dissociates from the dye molecule.

Accurate determinations of pH are made with a glass 
electrode that is selectively sensitive to H+ concentration 
but insensitive to other cations.

Measurement of pH is one of the most important and 
frequently used procedures in biochemistry.



The pH affects the structure and activity of biological 
macromolecules.

The catalytic activity of enzymes is strongly dependent on 
pH. Measurements of the pH of blood and urine are
commonly used in medical diagnoses.

The pH of the blood plasma at uncontrolled diabetes, is
often below the normal value of 7.4; this condition is
called acidosis.



Weak acids and bases have characteristic dissociation 
constants

Hydrochloric, sulfuric, and nitric acids, commonly called strong 
acids, are completely ionized in dilute aqueous solutions.

The strong bases NaOH and KOH are also completely ionized.
Acids may be defined as proton donors and bases as proton

acceptors. 
A proton donor and its corresponding proton acceptor make up a 

conjugate acid-base pair.
Acetic acid (CH3COOH), a proton donor, and the acetate anion 

(CH3COO−), the corresponding proton acceptor.
CH3COOH         H+ + CH3COO−



Each acid has a characteristic tendency to lose its proton in 
an aqueous solution.

The stronger the acid, the greater its tendency to lose its 
proton.

The tendency of any acid (HA) to lose a proton and form 
its conjugate base (A−) is defined by the equilibrium 
constant (Keq).

HA       H+ + A–

Equilibrium constants for ionization reactions are usually 
called ionization or dissociation constants, often 
designated Ka.

aeq K
HA

]A][H[K ==
−+



Conjugate acid-base pairs consist of a proton donor and a 
proton acceptor

The dissociation reactions for each pair are shown where they occur 
along a pH gradient. 

The equilibrium or dissociation constant (Ka) and its negative 
logarithm, the pKa, are shown for each reaction.

Some compounds, such as acetic acid and ammonium ion, are 
monoprotic; they can give up only one proton.

Monoprotic acid

Acetic acid
(Ka = 1.74×10−5 M)

Ammonium ion
(Ka = 5.62×10−10 M)



Others compounds are diprotic, H2CO3 (carbonic acid) and glycine
or triprotic H3PO4 (phosphoric acid).

Diprotic acids

Carbonic acid Ka = 1.70×10−4 M Bicarbonate Ka = 6.31×10−11 M

Glycine, carboxyl Ka = 4.57×10−3 M Glycine, amino Ka = 2.51×10−10 M



Phosphoric acid 
Ka = 7.25×10−3 M

Dihydrogen phosphate
Ka = 1.38×10−7 M

Monohydrogen
phosphate

Ka = 3.98×10−13 M

Triprotic acids

The pKa, which is analogous to pH and is defined by the 
equation:

The stronger the tendency to dissociate a proton, the stronger 
is the acid and the lower its pKa.

a
a

a Klog
K
1logpK −==



Titration curves reveal the pKa of weak acids
A measured volume of the acid is titrated with a solution of 

a strong base, usually sodium hydroxide (NaOH), of 
known concentration. 

The NaOH is added in small increments until the acid is 
consumed (neutralized), as determined with an indicator
dye or a pH meter.

The concentration of the acid in the original solution can be 
calculated from the volume and concentration of NaOH
added.

A plot of pH against the amount of NaOH added (a 
titration curve) reveals the pKa of the weak acid.



The titration curve of acetic 
acid

After addition of each 
increment of NaOH to the 
acetic acid solution, the pH 
of the mixture is measured. 

This value is plotted against 
the amount of NaOH
expressed as a fraction of the 
total NaOH required to 
convert all the acetic acid to 
its deprotonated form, 
acetate. 

The points so obtained yield 
the titration curve. 



Shown in the boxes are the 
predominant ionic forms at 
the points designated.

At the midpoint of the 
titration, the concentrations 
of the proton donor and 
proton acceptor are equal, 
and the pH is numerically 
equal to the pKa.

The shaded zone is the useful 
region of buffering power, 
generally between 10% and 
90% titration of the weak
acid. 



The titration curves of three weak acids with very different 
dissociation constants:

• acetic acid (pKa = 4.76),
• dihydrogen phosphate, H2PO4 (pKa = 6.86),
• ammonium ion, NH4 (pKa = 9.25).

The titration curves of these acids have the same shape.
They are displaced along the pH axis because the three acids have

different strengths. 
Acetic acid, with the highest Ka (lowest pKa) of the three, is the 

strongest (loses its proton most readily); it is already half 
dissociated at pH 4.76. 

Dihydrogen phosphate loses a proton less readily, being half 
dissociated at pH 6.86.

Ammonium ion is the weakest acid of the three and does not become 
half dissociated until pH 9.25.

+



Summary of „Ionization of Water, Weak Acid and 
Weak Basis” I.

• Pure water ionizes slightly, forming equal numbers of 
hydrogen ions (hydronium ions, H3O+) and hydroxide 
ions. The extent of ionization is described by an 
equilibrium constant,

from which the ion product of water, Kw, is derived. At 
25 °C, Kw = [H+][OH−] = (55.5 M)(Keq) = 10−14 M2.

• The pH of an aqueous solution reflects, on a logarithmic 
scale, the concentration of hydrogen ions: 

OH
]OH][H[K

2
eq

−+

=

[ ]+
+ −== Hlog

]H[
1logpH



Summary of „Ionization of Water, Weak Acid and 
Weak Basis” II.

• The greater the acidity of a solution, the lower its pH. Weak 
acids partially ionize to release a hydrogen ion, thus 
lowering the pH of the aqueous solution. Weak bases 
accept a hydrogen ion, increasing the pH. The extent of 
these processes is characteristic of each particular weak 
acid or base and is expressed as a dissociation constant, 
Ka:

• The pKa expresses, on a logarithmic scale, the relative 
strength of a weak acid or base:

aeq K
HA

]A][H[K ==
−+

a
a

a Klog
K
1logpK −==



• The stronger the acid, the lower its pKa; the stronger 
the base, the higher its pKa. The pKa can be 
determined experimentally; it is the pH at the 
midpoint of the titration curve for the acid or base.

Summary of „Ionization of Water, Weak Acid 
and Weak Basis” III.



3. Buffering against pH changes in 
biological systems



Almost every biological process is pH dependent; a small 
change in pH produces a large change in the rate of the 
process.

The enzymes that catalyze cellular reactions, contain 
ionizable groups with characteristic pKa values.

The protonated amino and carboxyl groups of amino acids 
and the phosphate groups of nucleotides, function as 
weak acids; their ionic state depends on the pH of the 
surrounding medium.



Cells and organisms maintain a specific and constant 
cytosolic pH, keeping biomolecules in their optimal 
ionic state, usually near pH 7.

Constancy of pH is achieved primarily by biological 
buffers: mixtures of weak acids and their conjugate 
bases.

Biological buffering is illustrated by the phosphate and 
carbonate buffering systems of humans.



Buffers are mixtures of weak acids and their 
conjugate bases

Buffers are aqueous systems that tend to resist changes in 
pH when small amounts of acid (H+) or base (OH−) are 
added. 

A buffer system consists of a weak acid (the proton 
donor) and its conjugate base (the proton acceptor).

A mixture of equal concentrations of acetic acid and 
acetate ion is a buffer system.



The titration curve of acetic acid has a relatively flat zone 
extending about 1 pH unit on either side of its midpoint 
pH of 4.76.

In this zone, an amount of H+ or OH− added to the system 
has much less effect on pH than the same amount added 
outside the buffer range.

This relatively flat zone is the buffering region of the 
acetic acid–acetate buffer pair. 

At the midpoint of the buffering region, where the 
concentration of the proton donor (acetic acid) exactly 
equals that of the proton acceptor (acetate), the buffering 
power of the system is maximal.



The pH of the acetate buffer system does change 
slightly when a small amount of H+ or OH− is 
added.

This change is very small compared with the pH 
change that would result if the same amount of H+

or OH− were added to pure water.



Each conjugate acid-base pair has a characteristic pH zone 
in which it is an effective buffer.

– The H2PO4 /HPO4 pair has a pKa of 6.86 and thus can serve 
as an effective buffer system between approximately pH 5.9 
and pH 7.9.

– The NH4/NH3 pair, with a pKa of 9.25, can act as a buffer 
between approximately pH 8.3 and pH 10.3.

− 2−

+



The acetic acid–acetate pair as a buffer system
The system is capable of absorbing either H+ or OH− through 

the reversibility of the dissociation of acetic acid.
The proton donor, acetic acid (HAc), contains a reserve of 

bound H+, which can be released to neutralize an addition of 
OH− to the system, forming H2O.

This happens because the product [H+][OH−] transiently 
exceeds Kw (1×10−14 M2). 

The equilibrium quickly adjusts so that this product equals 
1×10−14 M2 (at 25 °C), thus transiently reducing the 
concentration of H+. 

But now the quotient [H+][Ac] / [HAc] is less than Ka, so HAc
dissociates further to restore equilibrium.

Similarly, the conjugate base, Ac–, can react with H+ ions 
added to the system; again, the two ionization reactions 
simultaneously come to equilibrium.



Thus a conjugate acid-base pair, such as acetic acid and acetate 
ion, tends to resist a change in pH when small amounts of acid 
or base are added.

Buffering action is simply the consequence of two reversible 
reactions taking place simultaneously and reaching their 
points of equilibrium as governed by their equilibrium 
constants, KW and Ka.

HAc
]Ac][H[K a

−+

=



Weak acids or bases buffer cells and tissues against pH 
changes

The intracellular and extracellular fluids of multicellular
organisms have a characteristic and nearly constant pH.

The organism’s first line of defense against changes in 
internal pH is provided by buffer systems.

The cytoplasm of most cells contains high concentrations of 
proteins, which contain many amino acids with 
functional groups that are weak acids or weak bases.

– The side chain of histidine has a pKa of 6.0; proteins 
containing histidine residues therefore buffer effectively near 
neutral pH.

– Nucleotides such as ATP, as well as many low molecular 
weight metabolites, contain ionizable groups that can 
contribute buffering power to the cytoplasm.



Two especially important biological buffers are the 
phosphate and bicarbonate systems. 

The phosphate buffer system consists of H2PO4 as proton 
donor and HPO4  as proton acceptor:

H2PO4 H+ + HPO4

Its pKa of 6.86 resist pH changes in the range between 
about 5.9 and 7.9.

2––
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Blood plasma is buffered in part by the bicarbonate 
system, consisting of carbonic acid (H2CO3) as proton 
donor and bicarbonate (HCO3) as proton acceptor:

H2CO3 H+ + HCO3

The pH of a bicarbonate buffer system depends on the 
concentration of H2CO3 and HCO3 , the proton donor and 
acceptor components. 

The concentration of H2CO3 depends on the concentration 
of dissolved CO2, which depends on the concentration of 
CO2 in the gas phase, called the partial pressure of 
CO2.

−

–

–



The CO2 in the air space of the lungs is in equilibrium with the
bicarbonate buffer in the blood plasma passing through the lung
capillaries. 

The concentration of dissolved CO2 can be adjusted rapidly through 
changes in the rate of breathing, the bicarbonate buffer system of 
the blood is in near-equilibrium with a large potential reservoir of 
CO2.



Human blood plasma normally has a pH close to 7.4, pH of 
the blood can fall to 6.8 or below, leading to irreparable 
cell damage and death.

Enzymes typically show maximal catalytic activity at a 
characteristic pH, called the pH optimum.

On either side of the optimum pH their catalytic activity 
often declines sharply.

A small change in pH can make a large difference in the 
rate of some crucial enzyme-catalyzed reactions.



Pepsin is a digestive enzyme secreted into gastric juice; trypsin, a 
digestive enzyme that acts in the small intestine; alkaline 
phosphatase of bone tissue, a hydrolytic enzyme thought to aid in 
bone mineralization.

The pH optima of some enzymes



Summary for „Buffering against pH Changes in 
Biological Systems

A mixture of a weak acid (or base) and its salt resists 
changes in pH caused by the addition of H+ or OH−. The 
mixture thus functions as a buffer.

In cells and tissues, phosphate and bicarbonate buffer 
systems maintain intracellular and extracellular fluids at 
their optimum (physiological) pH, which is usually close 
to pH 7. Enzymes generally work optimally at this pH.



4. Water as a Reactant



Water is very often a direct participant in reactions.

The formation of ATP from ADP and inorganic phosphate 
is an example of a condensation reaction in which the 
elements of water are eliminated.

The reverse of this reaction − cleavage accompanied by the 
addition of the elements of water − is a hydrolysis 
reaction. 

Hydrolysis reactions are also responsible for the enzymatic 
depolymerization of proteins, carbohydrates, and nucleic 
acids.



Participation of water in biological reactions

ATP is a phosphoanhydride formed by a condensation 
reaction (loss of the elements of water) between ADP and 
phosphate. 

R represents adenosine monophosphate (AMP). 

This condensation reaction requires energy. 

The hydrolysis of ATP to form ADP and phosphate 
releases an equivalent amount of energy. 



(ATP)
Phosphoanhydrine

(ADP)

Phosphate estre

Carboxylate estre

Acyl phosphate



Water and carbon dioxide are the end products of the 
oxidation of fuels such as glucose.

C6H12O6 + 6 O2 6 CO2 + 6 H2O

Green plants and algae use the energy of sunlight to split 
water in the process of photosynthesis:

2 H2O + 2 A O2 + 2 AH2

In this reaction, A is an electron-accepting species, which 
varies with the type of photosynthetic organism, and 
water serves as the electron donor in an oxidation-
reduction sequence that is fundamental to all life.

light



Summary of „ Water as a Reactant”

Water is both the solvent in which metabolic reactions 
occur and a reactant in many biochemical processes, 
including hydrolysis, condensation, and oxidation-
reduction reactions.


