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A. Thermodynamics

Chemical reactions

Chemical reactions are processes in which one set of chemicals, re-
actants, change into another set, products. Such reactions are usually
described using chemical equations such as (1).

Examples of chemical reactions

Covalent bond formation or disruption
Complex formation
Redox processes; oxidation, reduction
Dissociation, acid/base reactions

aA + bB −→ cC + dD (1)

A and B are the reactants, C and D are the products of the reaction.
Small letters a, b, c, and d denote stoichiometric coefficients1 of the 1 From Greek τὸ στοιχεῖον for element.

reaction, which tell us about the mass ratios of chemical entities
involved in the process. The term ‘equation’ suggests an equality
between the two sides: in any chemical reaction mass, energy and
electric charge must be conserved.

Let us now consider a reaction between cuprous and ferric ions
in solution:

Cu + + Fe 3+ −−⇀↽−− Cu 2+ + Fe 2+ (2)

Similar to most reactions in chemistry (and almost all in biochem-
istry) this reaction is reversible, which means that it can proceed
in either direction. As such, it will stop at a point when a certain
amount of iron has been reduced and certain amount of copper
oxidised. At this point we consider the system to be at equilibrium, Reduction is acceptance of electrons,

oxidation is removal of electrons. One
way to remember this is using the
mnemonic O I L R I G: Oxidation Is
Losing, Reduction Is Gaining.

i.e. there is no net change of reactants into products or vice versa.
This equilibrium can be mathematically described using an equi-
librium constant, Keq, which is defined as the ratio of equilibrium
concentrations2 of products to those of reactants (to the power of 2 Strictly speaking these are activities,

not concentrations, but in very di-
lute solutions this approximation is
possible.

appropriate stoichiometric coefficients). The equilibrium constant
for (1) would thus be as follows

K =
[C]c[D]d

[A]a[B]b
(3)

and for reaction (2)

K =
[Cu 2+][Fe 2+]
[Cu +][Fe 3+]

(4)

Let’s assume that the equilibrium constant for reaction (1) is equal
to 1, i.e. at equilibrium the products of the concentrations of products
and reactants are equal. If we add more compound A into this sys-
tem, the equilibrium will be disturbed and the chemical reaction
restarts in the direction that promises to restore the equilibrium.
In this case, A will react with B to form C and D until, once again,
the two products of concentrations ([A][B] and [C][D]) are equal
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and a new equilibrium state is reached.This qualitative rule is called
Le Chatelier’s Principle. Henry Louis Le Châtelier (1850-1936)

Chemical potential

We can now ask what makes a chemical reaction move in one or the
other direction in response to changes in the chemical composition
of the system? One way of putting it would be using an analogy
with a seesaw. A fat person sitting on a seesaw with a small person
on the other side will very likely move downwards; if there are two
people of the same weight on the seesaw, they will eventually end
up level.

high potential

low potential

equilibrium

unstable

stable

equal potential

This can be explained by the potential energy of the two people
in Earth’s gravitational field. Gravitational potential energy de-
pends on the weight and position in the gravitational field. The
system in this analogy, i.e. the seesaw, will tend to minimise its
potential energy by moving the fatter person as low as possible.

Similarly, we can define chemical potential (µ) as the potential
energy stored in a certain amount of a compound, which can be
released during a chemical reaction. In an analogous way to our
seesaw example in a chemical reaction we have chemicals of dif-
fering potentials on the two sides of the equation. If the sum of
chemical potentials of the reactants exceeds that of the products the
reaction will flow in the direction of the products—and vice versa.
If the potentials are equal the system is at an equilibrium.

Gibbs energy

The difference in chemical potentials between products and react-
ants gives us a new parameter called change in Gibbs energy—∆G. ∆G =

n

∑
i=1

µiproducts −
n

∑
j=1

µjreactants (5)

Josiah Willard Gibbs (1839-1903)

Gibbs energy has many definitions but two are especially import-
ant for biochemistry: 1. change in Gibbs energy is equal to the
maximum amount of (non-volume) work that can be done by the
reaction and 2. change in Gibbs energy is a measure of displace-
ment from equilibrium. The first definition tells us that ∆G can be The absolute amount of Gibbs energy

in a system cannot be measured; we
always measure its change: either
instantaneous expressed by the differ-
ential form dG or overall as ∆G.

used to determine whether or not a reaction will occur and whether
it can be used to power some other process (muscle contraction,
pumping ions across a membrane). The second definition expresses
two facts: at equilibrium ∆G is zero, as is obvious from equation
(5), and that changing the concentration of chemicals in a system
away from an equilibrium state will change (increase or decrease)
∆G.

G

extent of reaction

dG < zero dG > zero

dG = zero

pure reactants

pure	products

equilibrium

The meaning of Gibbs energy can be also illustrated in a graph-
ical form. If we start off with a mixture of reactants the reaction
will move towards products as long as ∆G is negative. When the
chemical potential of products reaches the same value as that of re-
actants the reaction system reaches a state minimum energy and the
reaction stops. The reaction mixture is at equilibrium. The reaction
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is unlikely to proceed any further since ∆G in that part of the curve
is positive.

∆G < 0 spontaneous reaction
∆G = 0 equilibrium
∆G > 0 no reaction

The change in Gibbs energy can also be defined using other ther-
modynamic quantities. e.g. enthalpy (H) and entropy (S). Enthalpy is ∆G = ∆H − T∆S (6)

the energy released or consumed during the reaction (negative sign
means released enthalpy) and entropy is the disorder of the system.
According to the 2nd law of thermodynamics all closed systems
become increasingly disordered. As we can see here, chemical reac-
tions can be driven (i.e. achieve negative ∆G) by either favourable
(also negative) enthalpy change, or a sufficient increase in entropy
or both.

For practical reasons it is useful to define standard chemical
conditions, measure ∆G and other quantities under these condi-
tions and use them to calculate real life situations. In chemistry,
standard conditions are 1 atm pressure (101 325 Pa), 25

◦C (298.15 K)
and 1 molar concentrations of chemicals. Quantities measured
under such conditions are denoted by the superscript 
 or ◦. Bio-

∆G
 or ∆G◦

µ
 or µ◦

E
 or E◦

chemists, not to be outdone, defined their own standard conditions
with pH = 7 (unlike pH = 0 in the chemists’ version). Biochemical
standard quantities can be recognised by having ′.

∆G
′ or ∆G◦′

µ
′ or µ◦′

E
′ or E◦′

From tabulated values for ∆G
 or ∆G
′ we can calculate ∆G for
any reaction using equation (7)

∆G = ∆G
 + RT ln
[C]c[D]d

[A]a[B]b
(7)

At equilibrium ∆G is zero and [C]c [D]d

[A]a [B]b is equal to Keq. Equation (7)

R is universal gas constant
8.3 J.K−1.mol−1 and T is thermo-
dynamic temperature (K). Natural
logarithm ln is loge, where e is Euler’s
number 2.71828183. . .

then becomes
∆G
 = −RT ln Keq (8)

This expression allows the calculation of the equilibrium constant
from ∆G or vice versa.

The ready availability of ∆G
 values brings about one major
temptation to all followers of the noble biochemical path. Many a
disciple will peruse the tables and upon seeing a positive value of
∆G
 will exclaim:“This reaction shall not occur!” Such hastiness,
however, would not serve well the novice biochemist.

O OH

OH

OH

HO

O

O

OH

OHHO

HO

O

P

P

O

HO

OH

O

HO

OH

glucose-6-phosphate isomerase

G-6-P

F-6-P

Let’s look at a real life example. One major metabolic pathway
called glycolysis contains a step, in which glucose-6-phosphate is
changed into its isomer fructose-6-phosphate. ∆G
′ for this reaction
is +1.7 kJ/mol.3 Does that mean that our cells constantly violate

3 Berg JM, Tymoczko JL, Stryer L.
Biochemistry (2002)

laws of thermodynamics by performing this reaction every second
of our lives?

It is essential to keep in mind the difference between ∆G and
∆G
 or ∆G
′. Only ∆G tells us something about the thermody-
namic profile of a specific reaction. ∆G
 and ∆G
′ are only valid
if reactants occur in standard concentrations and conditions, which
is rarely, if ever, true in nature. In order to evaluate the likelihood
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of a reaction occurring we must know the real concentrations of all
chemicals taking part in the reaction. Since in our cells enzymes
continually remove fructose-6-phosphate and thus keep its concen-
tration very low, the overall ∆G for the isomerisation of G-6-P to
F-6-P is negative (-2.5 kJ/mol).4 This is how some relatively unfa- 4 ibid.

vourable reactions can be coupled with more favourable reactions. If
reaction A −→ B tends to reach equilibrium with very low concen-
tration of B (i.e. it runs very poorly) we can link it to a subsequent
reaction B −→ C which, on the other hand, only reaches equilib-
rium when almost no B is left. The second reaction thus efficiently
removes any B formed by the first reaction and prevents it from
reaching equilibrium. In our glycolytic example the enzyme phos-
phofructokinase very efficiently phosphorylates F-6-P to fructose-
1,6-bisphosphate and prevents any build-up of F-6-P, which would
hinder the preceeding reaction.

O

O

OHHO

HO

O

P

O

HO

OH

phosphofructokinase

F-1,6-bisP

O

OH

OHHO

HO

O

P

O

HO

OH F-6-P

P

O

OH

OH

ATP

ADP

Electrochemical equilibria

Chemical reactions involving changes in oxidation number of ele-
ments are called redox reactions. Oxidation increases the oxidation REDuction OXidation

number while reduction decreases it. These changes usually involve
a transfer of electrons from one atom or molecule to another. His-
torically, the first redox systems studied were chemical reactions
generating electricity.

If we dip a zinc bar into a solution of zinc sulphate a reaction
will start in which metal zinc will give up two electrons and change
into Zn 2+ ions until equilibrium is reached. This leads to a build-up
of electric charge called electrode potential (E). This potential cannot
be measured directly but only as a difference from another poten-
tial. Potential difference is what we all know as voltage measured
in volts. To overcome the problem with measuring absolute po-
tentials ingenious chemists devised a neat trick: they picked one
electrode and assigned to it zero potential. This electrode is called
standard hydrogen electrode (she). As a result, E is in fact potential
difference sometimes also denoted as ∆E.

she is usually composed of a platinum
wire dipped in 1 M acid (i.e. 1 M H +)
with gaseous hydrogen bubbling
around it. The redox reaction is
H

2
−−⇀↽−− 2 H + + 2 e –

Obviously, the amount of electric charge and therefore the value
of electrode potential will be related to the equilibrium constant of
the reaction. But how? Let’s recall that ∆G is equal to the maximum
amount of work that a system can perform. In an electric field
work is performed by moving a charge over a potential difference
(similar to mechanical work by moving a mass in a gravitational
field—like climbing stairs). The relationship between ∆G and E is
then

∆G = −nFE (9)

And since we remember the relationship of ∆G
 to Keq we can

n is number of electrons transferred in
the redox reaction
F is Faraday’s constant equal to
the charge of 1 mol of electrons
(9.6485309×10

4 C.mol−1)write
E
 =

RT
nF

ln K (10)

Under non-standard conditions equation (10) becomes

∆G
 = −RT ln K = −nFE
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E = E
 − RT
nF

ln
[reduced]
[oxidised]

(11)

and is called the Nernst equation.

Nernst equation

Walther Hermann Nernst (1864 – 1941)

How does one use these equations to calculate whether or not a
specific redox reaction is likely to occur? The decisive parameter
is, as before, the value of ∆G for the reaction. This can be calcu-
lated from equation (9), where E is the overall potential difference
between the two half reactions.

Let’s consider a redox reaction like this:

Daniell cellZn + Cu 2+ −−⇀↽−− Zn 2+ + Cu (12)

The two half-reactions are

Zn −−⇀↽−− Zn 2+ + 2 e− (13)

and
Cu 2+ + 2 e− −−⇀↽−− Cu (14)

Zinc is oxidised and copper reduced. Standard electrode poten-
tials are usually tabulated5 as reductions so the value of E
 for the 5 You can find some of them for ex-

ample at http://en.wikipedia.org/
wiki/Standard_electrode_potential_

(data_page)

oxidation of zinc will have to be multiplied by -1. The two half-
potentials are then added together to give the overall potential of
the reaction. In this case E


Zn/Zn 2+ = +0.76 V (note the reversed
sign due to reversed reaction) and E


Cu 2+/Cu = +0.34 V giving
the overall potential difference at +1.1 V. For reaction (12) under
standard conditions the overall potential difference is positive, which
means that ∆G (in this case equal to ∆G
) is negative and the re-
action will spontaneously proceed. Under non-standard conditions
the full Nernst equation must be used for both half-reactions.

B. Kinetics

While thermodynamic analysis answers the question whether a
reaction is thermodynamically favourable chemical kinetics can
provide the next piece of the puzzle, i.e. how fast and if at all will
such a favourable a reaction run in real life.

There are many thermodynamically favourable reactions that do
not spontaneously occur. Everybody knows that burning wood in
air releases a fair amount of energy which can be used to do work,
e.g. in a steam engine. Clearly, oxidation of cellulose and certain
polyphenols in pine logs by oxygen to water and carbon dioxide
must have negative ∆G. How is it, then, that we can admire mighty
pine forests standing in our oxygen-rich atmosphere for centuries?
Shouldn’t they have burnt to the ground in a instant?

If you want to see a diamond burn in
liquid oxygen to carbon dioxide look
at http://www.youtube.com/watch?v=
3mKqtT8J2ms

Similarly, diamonds, which the marketing machinery depicts as
‘being forever’ are but a thermodynamically unstable (i.e. unfavour-
able) modification of graphite or soot. Under normal conditions
they do seem to last a while but if ‘forever’ is what your fiancée

http://en.wikipedia.org/wiki/Standard_electrode_potential_(data_page)
http://en.wikipedia.org/wiki/Standard_electrode_potential_(data_page)
http://en.wikipedia.org/wiki/Standard_electrode_potential_(data_page)
http://www.youtube.com/watch?v=3mKqtT8J2ms
http://www.youtube.com/watch?v=3mKqtT8J2ms
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wants graphite is a better bet (soot is a little tricky to attach se-
curely onto a gold ring). Buy her a pencil instead!

G

extent of reaction

ΔG 

reactants

products

equilibrium

EA

transition	state

Some reactions may be thermodynamically favourable but kin-
etically unlikely. Usually the reason for this phenomenon called
kinetic barrier is the existence of an unstable intermediate state
(transition state or activated complex), which only forms if more en-
ergy is supplied (i.e. formation of the intermediate is thermody-
namically unfavourable). This additional energy is called activation
energy (EA).

In our example of a pine forest the kin-
etic barrier preventing its immediate
combustion lies in the peculiar elec-
tronic configuration of dioxygen O

2
,

which is a biradical with two unpaired
electrons in the π∗ orbitals. This so
called triplet state (3O2) is rather un-
reactive with normal (non-radical)
chemicals because of spin constraints.
With sufficient energy (heat, light)
triplet oxygen becomes excited to sing-
let oxygen 1O

2
with paired antiparallel

spins, which readily reacts with almost
anything. If instead of oxygen our
atmosphere contained 20 % fluorine,
which has no spin-related hang-ups,
there would be no pine forests or, for
that matter, us.

Reaction rate

In order for two or more chemicals to react together their molecules
must collide. Such collisions become more likely with increasing
temperature, pressure and concentration.

We can define reaction rate (v) as the rate of disappearance of
reactants or rate of accumulation of products

v = −1
a

d[A]
dt

= −1
b

d[B]
dt

=
1
c

d[C]
dt

=
1
d

d[D]
dt

(15)

How is reaction rate related to the concentration of reactant(s)?
Let’s consider a simple reaction X −→ Y. The rate of this reaction

may be proportional to [X] like so

v = −d[X]
dt

= k[X] (16)

where k is the rate constant. However, the rate could also be pro-

Kinetic order must be determined
experimentally.

portional to [X]2 or not be proportional to [X] at all—in such a case
the reaction proceeds at a constant rate. The precise relationship
between reaction rate and the concentration of reactants is an em-
pirical fact and cannot be guessed from stoichiometry. Chemists
define kinetic order of a reaction based on the number of entities,
whose concentrations affect its rate. If there is no relationship and
v = k it is a zeroth order reaction. If the rate is proportional to the
concentration of one reactant we call it a first order reaction, e.g.
equation (16). If the rate is determined by the concentration of two
reactants or one reactant squared (v = k[X][Y] or v = k[X]2) it is a
second order reaction. And so forth.

0th order v = k
1st order v = k[X]
2nd order v = k[X][Y]

A pseudo first order reaction is a higher
order reaction where one or more
of the reactants are present in large
excess compared to reactant X so that
changes in their concentrations during
their reaction are negligible. Such a
reaction then looks exactly like a 1st
order reaction.

Sometimes we would like to predict how much reactant X will
be left after time t or how long it will take for [X] to fall by 1/2. For
a zeroth order reaction it is fairly simple, for higher order reactions
it is fairly complicated. Let’s try to figure it out for a first order
reaction.

− d[X]
[X]

= k dt

− 1
[X]

d[X] = k dt

−
∫ 1

[X]
d[X] =

∫
k dt

− ln[X] = kt + c

From previous paragraphs we know that

−d[X]
dt

= k[X] (17)

which is a nice simple differential equation. After integration we
obtain

− ln[X] = kt + c (18)
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and solving for t = 0 (at which [X] = [X]0)

c = − ln[X]0 (19)

and
− ln[X] = kt− ln[X]0

− ln[X] + ln[X]0 = kt

− ln
[X]
[X]0

= kt

[X]
[X]0

= e−kt

[X] = [X]0 e−kt

[X] = [X]0 e−kt (20)

[X]

tt=0

[X]0

[X]0
2

t1/2

d[X]/dt

This equation describes the exponential decrease in concentration
of X over time. One useful parameter of exponential decay is the
time needed for the initial concentration (or amount) of X to drop
by one half. The parameter is called half-time or half-life, t1/2. We can
easily express t1/2 from equation (20) as

t1/2 =
ln 2

k
(21)

(hint: at t1/2 [X] = [X]0
2 ).

Catalysis

Catalysis is a process by which a substance alters (increases or
decreases) the rate of a chemical reaction without being consumed.
There are many different kinds of catalyst but all of them change
reaction rates by affecting the value of EA. Catalysts generally enter
the reaction mechanism by forming an alternative transition state,
which requires less EA than the uncatalysed process. Since catalysts
undergo no net change during the reaction the overall reaction is
thermodynamically exactly the same as without a catalyst.

Catalysts do not change ∆G or Keq

This means that we cannot use a catalyst to achieve a higher reac-
tion yield (i.e. more products).

G

extent of reaction

ΔG 

reactants

products

equilibrium

EA

transition	state

EAcatalysed

Catalysts in biochemistry are mostly represented by enzymes.
Enzymes are often very complex protein molecules sometimes con-
taining non-protein coenzymes such as transition metal ions, vitamin
derivatives and the like. Their role is to speed up biological reac-
tions, which would otherwise be too slow to support life processes.
How do enzymes do this?

In general, we can say that enzymes stabilise transition states
in biochemical reactions. Let’s have a look once again at the G-6-P
to F-6-P isomerisation in glycolysis, where an aldehyde (glucose)
changes into a ketone (fructose). This reaction involves an interme-
diate called enediol, which is rather unstable and rarely seen under
normal conditions.

HC

O

HC OH

HC

OH

C OH

H2C

OH

C O

COO
–

Glu

enediol

G-6-P

F-6-P

COOHGlu

C

O

–O

C

O

HO

The enzyme glucose-6-phosphate isomerase stimulates the form-
ation of this intermediate by positioning proton-withdrawing and
proton-donating groups near the substrate molecule. A carboxyl
group of a glutamate removes a proton from C2 of G-6-P thus en-
abling the formation of a C−−C double bond, which then shifts onto
the C2 hydroxyl group forming a ketone. At the same time another
acidic residue donates a proton to the original aldehyde group
forming an alcohol.
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Enzyme kinetics

The rate of reactions catalysed by enzymes is described by the
Michaelis-Menten equation

v =
vmax[S]

KM + [S]
(22)

where vmax is the maximum rate of reaction, [S] is the concentration
of the substrate and KM is Michaelis constant characterising the
affinity of the enzyme to the substrate. KM is equal to substrate
concentration at which v = vmax/2, which means that enzymes with
low KM have high affinity for susbtrate and vice versa.
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