
Luciferin + ATP + O2 S oxyluciferin + AMP + PPi + light. Fireflies expend significant 
metabolic energy to attract mates via bioluminescence. How do organisms extract 
energy from their environment and use it to carry out critical cellular functions?

3
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The Energetics of Life

A living cell is a dynamic structure. It grows, it moves, it 

synthesizes complex macromolecules, and it selectively 

shuttles substances in and out and between membrane-bound 

compartments. All of this activity requires energy, so every cell 

and every organism must obtain energy from its surroundings 

and expend it as efficiently as possible. Plants gather radiant 

energy from sunlight; animals use the chemical energy stored 

in plants or other animals that they 

consume. Much of the elegant 

molecular machinery that exists in 

every cell is dedicated to the production and utilization of the 

energy necessary for an organism to maintain the living state.

How much food must an animal eat every day to maintain 

its health? Why does the brain consume energy even when 

“resting”? Why is it important to maintain the proper balance of  

ions (electrolytes) in cells? These are just a few  

of the questions that can be answered with a 

basic understanding of bioenergetics—the  

quantitative analysis of the capture, 

transformation, storage, and utilization of 

energy in organisms. 

 Chapter 3

 3.1 Free Energy

 3.2 Free Energy: The Second Law In 
Open Systems

 3.3 The Relationships Between 
Free Energy, the Equilibrium 
State, and Non-Equilibrium 
Concentrations of Reactants and 
Products

 3.4 Free Energy in Biological 
Systems

ConCept Bioenergetics describes 
how organisms capture, transform, 
store, and utilize energy.
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The First Law of Thermodynamics and Enthalpy
The first law of thermodynamics states that in a closed system, 
energy is conserved. In other words, although energy can be trans-
ferred between the system and the surroundings in different ways 
(i.e., in the form of heat or work), in the chemical processes we will 
consider here, energy can be neither created nor destroyed. For the 
total energy of a system to remain constant as it loses energy by 
doing some work on its sur-
roundings (e.g., as happens 
during muscle contraction), 
an equal amount of energy 
must be absorbed by the sys-
tem. In the case of muscle con-
traction, the energy to do work comes from the energy released 
from the hydrolysis of ATP, which in turn, is produced by metabolic 
reactions in cells that extract energy from nutrients such as carbo-
hydrates, fats, or proteins.

To appreciate how much metabolic energy can be extracted from 
nutrients, let us consider a specific chemical reaction—the complete 
oxidation of 1 mole of a fatty acid, palmitic acid:

CH3(CH2)14COOH (solid) + 23O2(gas) ¡
16CO2(gas) + 16H2O (liquid)

This is a combustion reaction that results in the complete oxida-
tion of palmitic acid to CO2 and H2O. This process also releases a 
tremendous amount of energy 
in the form of heat. We can 
measure the heat released by 
igniting the mixture of O2 and 
palmitic acid in a sealed vessel 
(a “bomb” calorimeter) immersed in a water bath (FigurE 3.1). If these 
measurements are made under conditions of constant pressure, the 
heat released in the reaction is equal to the change in enthalpy (∆H). 
For the oxidation of palmitic acid ∆H = -9977.6 kJ>mol. The nega-
tive sign indicates that the reaction releases energy. The energy within  
the system decreased as this energy was transferred as heat to the 
surroundings. To put this energy change in perspective, the average  
human requires the expenditure of about 6000 kJ per day (roughly 
1500 kcal or 1500 of the “calories” used in dietetics) just to sustain 
basal metabolic function. With moderate exercise, this need for meta-
bolic energy may easily double.

The value of a state function depends only on the initial and final 
states of the system it describes, and is therefore independent of the 
pathway taken to get from the initial to the final state. Examples of 
state functions include temperature, pressure, free energy, enthalpy, 
and entropy (defined later in this chapter). The change in enthalpy for 
any system is defined as the difference in the enthalpy between the 
final and initial states of the system:

 ∆H = Hfinal - Hinitial (3.1)

The pathway independence of state functions is critically impor-
tant for the analysis of bioenergetics. For example, the complete oxi-
dation of palmitic acid is an important biochemical reaction that takes 
place in our bodies in a much more indirect way than that described 

Bioenergetics may be regarded as a special part 
of the general science of energy transformations, 
which is called thermodynamics. In this chapter 
we review a few fundamental concepts in that 
field—such as enthalpy, entropy, and free energy—
that provide the biochemist or biologist with the 
conceptual framework to provide quantitative 
answers to questions such as those listed  
on the previous page.

3.1 Free Energy
The central purpose of this chapter is to illustrate how the free en-
ergy change (∆G) of a process tells us whether that process will 
require energy or release energy—and if the latter is the case, how 
much energy it will make available to do useful work. In a cell, a 
favorable free energy change drives many critical processes such 
as protein synthesis, the folding of proteins into their functional 
conformations, the transport of ions across membranes, and the 
extraction of metabolic energy from nutrients to make adeno-
sine triphosphate (ATP), which plays a central role in cellular 
bioenergetics.

Various thermodynamic equations are used to calculate the 
changes in free energy for biochemical processes. In this chapter we 
introduce several of these equations and the associated fundamental 
concepts in cellular bioenergetics. These topics will then be devel-
oped further in subsequent chapters where the molecular details of 
 biochemical processes are described.

Thermodynamic Systems
In any discussion involving thermodynamics, it is important to dis-
tinguish clearly between the system and the surroundings. In this 
context, a system is any part of the universe that we choose for 
study. It can be a single bacterial cell, a Petri dish containing nutri-
ents and millions of cells, the whole laboratory in which this dish 
rests, or the entire Earth. A system must have defined boundaries, 
but otherwise there are few restrictions. Anything not defined as 
part of the system is considered to be the surroundings. The sys-
tem may be isolated, and thus unable to exchange energy and matter 
with its surroundings; it may be closed, able to exchange energy but 
not matter; or it may be open, so that both energy and matter can 
pass between the system and surroundings. For example, our plan-
et displays the essential features of a closed system: Earth can ex-
change energy (e.g., in the form of electromagnetic radiation) with 
its surroundings, but except for a few human artifacts (spacecraft 
and satellites) and some astronomical debris (such as meteorites), 
material is not exchanged between the planet and its surroundings. 
In contrast, organisms are open systems, as they can exchange both 
energy (e.g., heat) and material (e.g., nutrients and excreted wastes) 
with their environments.

ConCept According to the first 
law of thermodynamics, energy can 
be converted from one form to an-
other; but it is conserved in a closed 
system.

ConCept The heat evolved in a 
reaction at constant pressure is equal 
to the change in enthalpy, ∆H .
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Reaction vessel
with piston

Initial state Reaction Final state

1 bar

Palmitic acid

q

Oxidation of 1 mole of 
palmitic acid is carried out in 
a reaction vessel fitted with a 
piston held at 1 bar pressure 
in a water bath.

During the reaction, heating 
of the gas in the vessel 
causes the piston to be 
pushed up.

The reaction results in a 
decrease in the number of 
moles of gas, so after the 
vessel and gas have cooled 
to the water temperature, the 
volume of the gas is smaller 
than the initial volume.

H2O

CO2

O2

1 bar

H2O

H2O

1 bar

H2O

Figure 3.1
Measuring the heat of reaction. 
The total amount of heat (“q” in the 
middle panel) delivered to the bath 
at constant pressure is equal to the 
change in enthalpy (∆H). By using 
this apparatus, the calorie content of 
foodstuffs can be determined.

in Figure 3.1. Even so, measuring changes in ∆H in a calorimeter is of 
practical use to biochemists and dieticians because the values of ∆H 

for the oxidation of palmitic 
acid are exactly the same in 
both pathways. Because ∆H 
depends only on the final and 
initial states, the calorimeter 

provides an exact measurement of the energy available to a human 
from each mole of palmitic acid oxidized completely to CO2 and H2O 
in a mitochondrion.

The Driving Force for a Process
However useful the first law may be for keeping track of energy 
changes in processes, it cannot give us one very important piece of 
information: What is the thermodynamically favored direction for a 
process? The first law cannot answer questions like these:

  We place an ice cube in a glass of water at room temperature. It 
melts. Why doesn’t the rest of the water freeze instead?

  We place an ice cube in a jar of supercooled water. All the water 
freezes. Why?

  We touch a lit match to a piece of paper. The paper burns to 
carbon dioxide and water. Why can’t we mix carbon dioxide and 
water to form paper?

One characteristic of such processes is their irreversibility under 
the conditions described above. An ice cube in a glass of room-tem-
perature water at 1 bar will continue to melt—there is no way to turn 
that process around without making major changes in the conditions. 

ConneCtion The calorie content 
of food can be determined by measuring 
∆H  of combustion in a calorimeter.

But there is a reversible way to melt ice—to have it in contact with 
water at 0 °C and 1 bar. Un-
der these conditions, adding 
a bit of heat to the glass will 
result in a small amount of ice 
melting, whereas removing a 
little heat will cause a small 
amount of the water to freeze. A reversible process like melting ice 
at 0 °C is always near a state of equilibrium. Two defining features of 
the equilibrium state for a system undergoing a reaction or process are 
that (1) it is the lowest energy state for the system, and (2) the forward 
and reverse rates for the process are equal. As discussed below, lower 
energy states are favored over those of higher energy; thus, systems 
tend to adopt states of lower energy. Irreversible processes (such as 
burning paper) happen when systems are set up far from an equilib-
rium state. They then drive toward a state of equilibrium.

In the jargon of thermodynamics, an irreversible process is often 
called a “spontaneous” process, but we prefer the word favorable. The 
word spontaneous implies that the process is rapid. Thermodynamics 
has nothing to say about how fast processes will be (this is described 
by “kinetics”—see Chapter 8), but it does indicate which direction 
for a process is favored. The melting of ice, rather than freezing, is 
favored at 25 °C and 1 bar. Here, the result is intuitive; you would not 
expect the ice cube to grow, or even remain unmelted, when placed 
in 25 °C water.

Knowing whether a process is reversible, favorable, or unfavorable 
is vital to bioenergetics. This information can be expressed most suc-
cinctly by the second law of thermodynamics, which tells us which pro-
cesses are thermodynamically favorable. To present the second law, we 
must consider a new concept—entropy.

ConCept Reversible processes al-
ways occur near a state of equilibrium; 
irreversible processes drive toward 
equilibrium.

M03_MATH9763_01_SE_C03_048-071v4.1.4.indd   51 24/10/14   1:32 PM



52 | Chapter 3 The Energetics of Life

Entropy
Why do chemical and physical processes have thermodynamically fa-
vored directions? A first guess at an explanation might be that systems 
simply go toward a lowest-energy state. The oxidation of palmitic acid, 
like the burning of paper, releases energy as heat. Certainly, energy 
minimization is the major factor in determining the favored direction 
for some processes. However, such an explanation cannot account for 
the melting of ice at 25 °C. In fact, energy is absorbed in that process. 
Another, very different factor must be at work, and a simple thought-
experiment gives a clear indication of what this factor may be. If we 
imagine carefully adding a layer of pure water on top of a sucrose 
solution, we would observe as time passes that the solution becomes 
more and more uniform (FigurE 3.2). Eventually the sucrose molecules 
will be evenly distributed throughout the solution. Although there is 
practically no energy change, in terms of heat and work, the process 
is clearly a favorable one. We know from experience that the opposite 
process (self-segregation of the sucrose molecules into a portion of 
the solution volume) never occurs. Thus, it appears that systems of 
molecules have a natural tendency to become less ordered.

The degree of randomness or disorder in the arrangement of a 
system is measured by a state function called the entropy (S). There 

are several ways of defining 
entropy, but for many bio-
chemical processes, the most 
useful definition depends on 

(a) High entropy. Initially, the sucrose 
solution is at equilibrium because 
its NA molecules are distributed 
randomly throughout the NI cells in 
the initial volume.

(b) Low entropy. When a layer of 
pure water is added without 
mixing, the system is no longer 
at equilibrium. It has become 
more ordered, with all the 
occupied cells located in 
one-half of the solution.

(c) Higher entropy final state. As 
sucrose and water molecules 
continue to  move randomly, their 
arrangement becomes more 
dispersed (i.e., less ordered) 
because every cell has an equal 
chance of being occupied. 
Eventually, the solution reaches a 
new equilibrium, with sucrose 
molecules randomly distributed 
throughout the larger number of cells 
(NF) in the final volume.

Pure
water

Final stateWater layer added

Sucrose
solution:

Initial state

NA molecules
in NF cellsNA molecules

in NI cells

NF cells

Time

one sucrose molecule. The drive toward equilibrium is a consequence 
of the tendency for entropy to increase. The likelihood that this system 
would go from state (c) to state (b) is improbably low. In other words, 
going from state (c) to state (b) is extremely unfavorable.

Figure 3.2
Diffusion as an entropy-driven process. The gradual mixing of a dilute 
sucrose solution and pure water is the result of random movement of 
their molecules. We can visualize the increase in entropy if we imagine the 
volume of the two liquids to be made up of cells, each big enough to hold 

the fact that a given thermodynamic state may have many substates 
of equal energy. Those substates correspond, for example, to different 
ways in which molecules can be arranged or distributed within the 
system, as in Figure 3.2. If the thermodynamic state has a number (W) 
of substates of equal energy, the entropy is defined as

 S =  kBlnW (3.2)

where kB is the Boltzmann constant, the gas constant R divided by 
Avogadro’s number.

A consequence of this definition is that entropy is seen to be a 
measure of disorder. There will always be many more ways of putting 
a large number of molecules into a disorderly arrangement than into 
an orderly one; therefore, the entropy of an ordered state is lower 
than that of a disordered state of the same system. In fact, the mini-
mal value of entropy (zero) is predicted only for a perfect crystal at 
the absolute zero of temperature (0 K or -273.15 °C). The process 
of diffusion disperses the sucrose molecules in the solution simply 
because there are more ways to distribute the molecules over a larg-
er volume than over a smaller one. In Figure 3.2 the state shown in 
panel (c) has more substates of equal energy (i.e., different random 
arrangements of the sucrose molecules in the entire volume of the 
solution) than does the state shown in panel (b), where sucrose mol-
ecules would be restricted to a much smaller volume. Thus, the value 
of W is greater for state (c), and this accounts for the greater entropy 
of state (c) compared to state (b).

ConCept Entropy is a measure 
of the randomness or disorder in a 
system.
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in terms of the system. That can be done using the classical thermody-
namic definition of entropy change at constant pressure:

 ∆Ssurroundings = -
∆Hsystem

T
 (3.4)

In Equation 3.4, ∆Hsystem represents the heat transferred from the sys-
tem to the surroundings at constant pressure and some temperature 
T. The negative sign is included to account for the fact that any loss of 
energy by the system represents a gain of energy by the surroundings 
(and vice versa). With ∆Ssurroundings defined as in Equation 3.4, we can 
reformulate Equation 3.3 solely in terms of thermodynamic param-
eters of the system:

 ∆Suniverse = ∆Ssystem -
∆Hsystem

T
 (3.5)

Multiplying Equation 3.5 by –T gives:

-T∆Suniverse = -T∆Ssystem + ∆Hsystem = ∆Hsystem - T∆Ssystem (3.6)

J. W. Gibbs recognized that at constant pressure and temperature 
-TSuniverse is a state function, which is defined as the free energy, and 
represented by the symbol G in honor of Gibbs. If we define the free 
energy change for a process as

 ∆G = -T∆Suniverse (3.7)

we can derive an important equation for predicting the favorability of 
a process:

 ∆G = ∆H - T∆S (3.8)

where T is the absolute tem-
perature measured in kelvin. 
The Gibbs free energy is rel-
evant to bioenergetics because 
most cells and organisms live under conditions of constant pressure 
and temperature.

We can gain insight into the meaning of free energy by consider-
ing the factors that make a process favorable. A decrease in energy 
(i.e., ∆H 6 0) and/or an in-
crease in entropy (∆S 7 0) 
are typical of favorable pro-
cesses. As shown by Equation 
3.8, either of these conditions 
will tend to make ∆G nega-
tive. In fact, another way to state the second law of thermodynamics 
is this: The criterion for a favorable process in a nonisolated system, at 
constant temperature and pressure, is that ∆G be negative. Conversely, 
a positive ∆G means that a process is not favorable; rather, the reverse 
of that process is favorable.

The importance of quantifying free energy lies in this predictive 
power of ∆G. Given a set of conditions for a process (e.g., tempera-
ture, concentrations of reactants and products, pH, etc.), we can cal-
culate the value of ∆G and thereby determine whether or not the 
process is favorable. Processes accompanied by negative free energy 
changes are said to be exergonic; those for which ∆G is positive are 
endergonic.

In Chapter 6 we will apply the definition of entropy given in Equa-
tion 3.2 to the analysis of protein structure and stability. Meanwhile, 
to make the concept of entropy a bit more familiar, consider the  
examples given in TabLE 3.1.

table 3.1  Examples of lower-entropy and  
higher-entropy states

Lower Entropy Higher Entropy

Ice, at 0 °C Water, at 0 °C

Water, at 10 °C Water vapor, at 10 °C (e.g., fog)

An unblended mixture of yogurt, 
whole bananas, honey, and 
whole strawberries

A fruit smoothie (i.e., the same 
ingredients after blending)

The Second Law of Thermodynamics
The previous example shows that the driving force toward equilib-
rium for the sucrose solution in Figure 3.2 is determined by the in-
crease in entropy. This observation can be generalized as the second 

law of thermodynamics. The 
entropy of an isolated sys-
tem will tend to increase to a 
maximum value. The entropy  
of such a system will not  

decrease—sucrose will never “de-diffuse” into a corner of the solution. 
This simply reflects our commonsense understanding that things, if 
left alone, will not become more ordered.

3.2 Free Energy: The Second Law 
in Open Systems
The form of the second law as stated in the previous section is not very 
useful to biologists or biochemists because we never deal with isolated 
systems. Every biological system (cell, organism, or population, for 
example) can exchange energy and matter with its environment. Thus, 
to predict whether or not a process is likely to be favorable in an open 
system, we must consider how entropy changes in both the system 
and the surroundings. This overall entropy change is commonly re-
ferred to as the entropy of the universe (recall that the “universe” =  
the system +  the surroundings):

 ∆Suniverse = ∆Ssystem + ∆Ssurroundings (3.3)

Equation 3.3 allows a favorable process in an open system to be 
defined as one for which ∆Suniverse 7 0. In other words, the entropy 

of the universe must increase 
as a consequence of favorable 
processes occurring in open 
systems such as living cells.

Free Energy Defined in Terms of Enthalpy and Entropy 
Changes in the System
 It is more practical to measure parameters for the system than for the 
surroundings. Thus, it would be more useful to define ∆Suniverse solely 

ConCept The second law of ther-
modynamics states that the entropy 
of an isolated system will tend to 
increase to a maximum value.

ConCept In an open system, such 
as a living cell, ∆Suniverse  will increase 
for a favorable process.

ConCept The free energy change 
for a process at constant temperature 
and pressure is ∆G = ∆H - T∆S.

ConCept A thermodynamically 
favored process tends in the direction 
that minimizes free energy (results in a 
negative ∆G ). This is one way of stat-
ing the second law of thermodynamics.
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table 3.2 Free energy rules

If ¢G is … Free energy is … The process is …

Negative Available to do 
work

Thermodynamically 
favorable (and the 
reverse process is 
unfavorable)

Zero Zero Reversible; the 
system is at 
equilibrium

Positive Required to do 
work

Thermodynamically 
unfavorable (and 
the reverse process 
is favorable)

Suppose that the ∆H and T∆S terms in Equation 3.8 are equal. 
In this case ∆G = 0, and the process is not favored to go either 
forward or backward. In fact, the system is at equilibrium. Under 
these conditions, the process is reversible; that is, it can be displaced 
in  either direction by an infinitesimal push one way or the other. 
These simple but important rules about free energy changes are  
summarized in TabLE 3.2.

an Example of the interplay of Enthalpy and Entropy: 
The Transition between Liquid Water and ice
To illustrate these concepts, let us consider in detail a process we 
mentioned before, the transition between liquid water and ice. This 
familiar example demonstrates the interplay of enthalpy and entropy 
in determining the state of a system. In an ice crystal there is a maxi-
mum number of hydrogen bonds between the water molecules (see 
Figure 2.11(b)). When ice melts, some of these bonds must be broken. 
The enthalpy difference between ice and water corresponds almost 
entirely to the energy that must be put into the system to break these 
hydrogen bonds. Because energy is added to break these hydrogen 
bonds, the enthalpy change for the transition ice S  water is positive 
(∆H 7 0).

The entropy change in melting arises primarily because liquid wa-
ter is a more disordered structure than ice. In an ice crystal, each water 
molecule has a fixed place in the lattice and binds to its neighbor in 
the same way as every other water molecule. On the other hand, mol-
ecules in liquid water are continually moving, exchanging hydrogen- 
bond partners as they go (compare Figures 2.11(b) and 2.11(c)). For 
this reason, the entropy change for melting ice to liquid water is a 
positive quantity (∆S 7 0). If we use Equation 3.8 to calculate the 
free energy change for the ice S  water transition, we find the fol-
lowing: At low temperatures, ∆H dominates and ∆G is positive. 
For example, at 263 K 1 -10 °C2 , where ∆H = +5630 J>mol and 
∆S = +20.6 J>K # mol, we find:

 ∆G = ∆H - T∆S = 5630 
J

mol
- (263 K)a20.6 

J
K # mol

b

 = +212 
J

mol
 (3.9)

Because ∆G 7 0, the transition ice S  water is not favorable un-
der these conditions. In fact, the opposite transition (water S  ice) is 
favorable (and irreversible) at this temperature.

At a temperature above the melting point of ice, say  
283 K 1 +10 °C2 , an ice cube will irreversibly melt. Again, we would 
predict this outcome from a calculation of ∆G at 283 K, where 
∆H = +6770 J>mol and ∆S = +24.7 J>K # mol:

∆G = ∆H - T∆S = 6770
J

mol
- (283 K)a24.7

J
K # mol

b

 = -220
J

mol
 (3.10)

The sign of ∆G is now negative because the T∆S term dominates 
when T becomes large enough.

At the melting temperature, 273 K (0 °C), the ∆H and T∆S terms 
are both equal to 6010 J/mol; thus, ∆G = 0, and we know that ice and 
liquid water are in equilibrium at 273 K. The change is now revers-
ible; when ice and liquid water are together at 273 K, we can melt a bit 
more ice by adding an infinitesimal amount of heat. Alternatively, we 
can take a minute amount of heat away from the system and freeze a 
bit more water. At this temper-
ature, the enthalpically favored 
process of freezing is in balance 
with the entropically favored 
process of melting. The melting 
point of any substance is simply the temperature at which the values 
for ∆H and T∆S are equal. Neither ∆H nor ∆S alone can tell us what 
will happen, but their combination, expressed as ∆H - T∆S, defines 
exactly which form of water is stable at any temperature.

The interplay of Enthalpy and Entropy: a Summary
For all chemical and physical processes, it is the relationship between 
enthalpy and entropy terms that determines the favorable direction. 
As FigurE 3.3 shows, in some processes the enthalpy change drives the 
overall process, whereas in others, the entropy change is the domi-
nant factor. Furthermore, because ∆S is multiplied by T in Equation 
3.8, the favorable direction may change as a function of temperature, 
depending on the signs of ∆H and ∆S. TabLE 3.3 lists the possibilities. 
Note that when ∆H is negative and ∆S is positive, ∆G must always be 
negative, so the reaction is favorable at all temperatures. The reverse 
is true when ∆H is positive and ∆S is negative; ∆G is always positive, 
and the reaction is not favorable at any temperature.

Two matters that frequently cause confusion should be cleared up 
at this point. First, we must emphasize something we have mentioned 
already: The thermodynamic favorability of a process does not deter-
mine its rate. A reaction may have a large negative free energy change 
but still proceed at a slow rate (for reasons discussed in Chapter 8).  

ConCept At the melting point of 
any substance, enthalpy and entropy 
contributions to ∆G  balance, and 
∆G = 0.

table 3.3  The effect of temperature on ∆G for a 
 process depends on the signs of ∆H and ∆S

∆H ∆S Low T High T

+ + ∆G positive; not favored ∆G negative; favored

+ - ∆G positive; not favored ∆G positive; not favored

- + ∆G negative; favored ∆G negative; favored

- - ∆G negative; favored ∆G positive; not favored
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(a)  Fermentation of glucose to ethanol

∆H = 
–82 kJ/mol

C6H12O6(s) 2C2H5OH(I) + 2CO2(g)

(b)  Combustion of ethanol

C2H5OH(I) + 3O2(g) 2CO2(g) + 3H2O(I)

(c)  Decomposition of nitrogen pentoxide

N2O5(s) 2NO2(g) + ½O2(g)

∆H = 
–1367 kJ/mol

∆H = 
+110 kJ/mol∆G = 

–1326 kJ/mol

∆G = 
–30 kJ/mol

∆G = 
–218 kJ/mol

–T ∆S = 
–136 kJ/mol

–T ∆S = +41 kJ/mol

–T ∆S = 
–140 kJ/mol

∆H negative, –T∆S negative (because 
∆S is positive). Thus, both the 
enthalpy and the entropy changes 
favor this reaction.

∆H negative, –T∆S positive (because ∆S 
is negative). The entropy decrease arises 
because there are fewer moles of gases in 
the products compared to the reactants. 
The negative ∆H favors this reaction, but 
the negative ∆S opposes it. If water vapor 
were the product, the associated entropy 
increase would favor the reactions as well.

∆H and ∆S both positive. The positive ∆H 
opposes this reaction, but the positive ∆S 
favors it. The large entropy increase 
results from the formation of gaseous 
products.

Figure 3.3
Contributions of enthalpy and entropy to favorable processes. Each of the processes shown in 
panels (a)-(c) has a negative free energy change, but the change is produced in different ways. (Note that 
the arrows in the diagrams are not to scale.)

A surprising example of this situation is the simple reaction C  
(diamond) S  C (graphite). The free energy change for this trans-
formation, at room temperature, is -2880 J/mol. Thus, relative to 
graphite, diamond is unstable. If you have a diamond ring, it should 
be turning into graphite—and in fact is doing so as you read this sen-
tence. Yet the reaction is imperceptibly slow because it is very difficult 
for the rigid crystal lattice to change its form. A catalyst may increase 

the rate for some reactions, 
but the favored direction is 
always dictated by ∆G and 

is independent of whether or not the reaction is catalyzed. We will 
see in Chapter 8 that the protein catalysts called enzymes selectively 
increase the rates for specific, thermodynamically favorable, reactions.

Second, the entropy of an open system can decrease. We have just 
seen that this happens whenever water freezes. More important to 
biochemists is that decreases in entropy happen all the time in living 
organisms. An organism takes in nutrients, often in the form of dis-
organized small molecules, and from them it builds enormous, com-
plex, highly ordered macromolecules like proteins and nucleic acids. 
From these macromolecules, it constructs elegantly structured cells, 
tissues, and organs. All of this activity involves a tremendous entro-
py decrease. The implication of Equation 3.8 is that entropy can de-
crease in a favored process, but only if this change is accompanied by 
a large enthalpy decrease. Energy must be expended to pay the price of 

organization. This exchange 
is what life is all about. Liv-
ing organisms spend energy 
to overcome entropy. For 

these life processes to occur, the overall free energy changes in the 
organism must be negative; thus, life is an irreversible process. An 
organism that comes to equilibrium with its surroundings is dead.

ConCept Favorable processes are 
not necessarily rapid.

There is an even deeper philosophical implication of bioenerget-
ics. The universe as a whole is an isolated system. Thus, the entropy of 
the whole universe must be increasing. It follows that each of us, as a 
living organism that locally and temporarily decreases entropy, must 
produce somewhere in the world around us an increase in entropy. As 
we metabolize food, for example, we give off heat and increase ran-
dom molecular motion around us. Thus, life is sustained in exchange 
for increasing the entropy of the universe.

Free Energy and useful Work
Why is the quantity ∆G called free energy? The reason is that ∆G 
represents the portion of an energy change in a process that is avail-
able, or free, to do useful work (such as driving some process toward 
completion). The term free energy recognizes that some portion of the 
energy change in a process cannot be harnessed to do work; typically 
this would be energy dissipated as heat.

The sign of ∆G for a process tells us whether that process, or its re-
verse, is thermodynamically favorable. The magnitude of ∆G is an indi-
cation of how far the process is from equilibrium, and how much useful 
work may be obtained from it. Thus, ∆G is a quantity of fundamental 
importance in determining which processes will or will not occur in a 
cell, and for what purposes they may be used. Knowing that ∆G mea-
sures the maximum amount of useful work that can be obtained from a 
chemical process is of great importance to biochemistry because quanti-
fying free energy changes allows us to answer questions such as: Which 
chemical reactions are capable of achieving muscle contraction or cell 
motility? How much energy is required to transport ions across mem-
branes in neurons to support the proper function of nervous tissues?

To determine how much work a typical biological system can do, 
we need to answer this question: How does the free energy of a system 

ConCept Life involves a tempo-
rary decrease in entropy, paid for by 
the expenditure of energy.
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concentration of solute A? Le Chatelier predicts that the system 
would act to restore the equilibrium ratio of reactants and products 
by increasing the concentrations of solutes C and D, and decreas-
ing the concentrations of solutes B and A. Another way to state  
Le Chatelier’s Principle is that 
for any system not at equilib-
rium, there is a driving force 
toward the equilibrium state. 
The important concept for 
this discussion is that the 
magnitude of this driving force is described by ∆G, which is deter-
mined, in turn, by the relative concentrations of reactants and prod-
ucts. How can we use this concept to evaluate ∆G for a given process? 
First we must define a point of reference, called the standard free 
energy, or ∆G°, which is related to the chemical standard state.

The chemical standard state is defined by the following con-
ditions: pressure =  1 bar, T =  25 °C (273.15 K), and solutes at 
concentrations of 1 M each. For the sake of argument, let us assume 
that for the reaction above (Equation 3.11), K ∙  1. If solutes A, B, 
C, and D were mixed together at 25 °C such that they were each at 
their standard state concentration of 1 M, then the system would not 
be at equilibrium. This is evident by comparing the value of the mass  
action expression for the standard state to K. We use the symbol Q to 
distinguish the value of the mass action expression for a system that 
is not at equilibrium, from K (which is a constant that only describes 
mass action for a system at equilibrium). Thus, under standard state 
conditions:

 Q =
3C4 c 3D4d

3A4 a 3B4 b =
(1)c (1)d

(1)a (1)b = 1 (3.13)

Recall that we assumed K ∙ 1 for this reaction; thus, in this case the 
standard state ∙  the equilibrium state. Because this system is not 
at equilibrium, Le Chatelier’s Principle predicts a driving force that 
would move the system from the standard state (i.e., the “reference 
state”) toward the equilibrium state. The magnitude of that driving 
force is defined to be ∆G°. Before we can use this definition of ∆G° 
to evaluate the overall driving force, ∆G, for a reaction that is not at 
equilibrium, we must know how changes in concentration alter the 
value of free energy.

Changes in Concentration and ∆G
Classical thermodynamics shows that the free energy of any compo-
nent of the system increases from its standard value with a logarithmic 
dependence on its activity†. For example, the free energy, GA, of 1 mol 
of solute A can be described by Equation 3.14

  GA =  G°A + RT ln3A4  (3.14)

where G°A is the standard free energy for solute A, R is the gas constant, 
and T is temperature in units of kelvin. We can now use Equation 3.14 
and the fact that free energy is a state function, to relate the concentra-
tions of reactants and products to ∆G for the reaction. For any chemi-
cal reaction we can equate the reactant state with the “initial state” 

depend on the concentra-
tions of various components 
in the system? In the next 
two sections of this chapter, 

we derive an alternative expression for ∆G that allows us to answer 
that question.

3.3 The relationships between Free Energy, 
the Equilibrium State, and Non-Equilibrium 
Concentrations of reactants and Products
An important distinction between reactions carried out in a labora-
tory and those carried out in the cells of a living organism is that the 
reactions in the laboratory come to equilibrium, whereas those in 
a living organism do not—until the organism dies. In the following 
pages we will see that to properly evaluate ∆G for a reaction in a cell  
we must know how far the reaction conditions are from the equilib-
rium state. For many biochemical reactions, this is determined  
primarily by the relative concentrations of reactants and products.

Equilibrium, Le Chatelier’s Principle, and the 
Standard State
To begin, let us consider the general reaction scheme

 aA + bB ∆ c  C + d D (3.11)

Even though the reaction can proceed in either direction, we have 
written it with C and D on the right, so we call them products, and 
A and B reactants. Here the symbols a, b, c, and d represent the 
coefficients that are needed to balance the chemical equation. The 
Law of Mass Action states that when the rates of the forward and 
reverse reactions are equal, the system will be at equilibrium, and 
the ratio of products and reactants will be given by the mass action 
expression:

 K = a 3C4
c 3D4d

3A4 a 3B4 b b
eq

 (3.12)

Here K represents an equilibrium constant, and the terms in the 
square brackets are dimensionless quantities, with values equal to 
the concentrations of the reactants and products expressed in stand-
ard units.* In solutions, the standard concentration unit for each 
solute is mol per liter (m). Thus, if A, B, C, and D are solutes, we 
could calculate K using Equation 3.12 and their respective molar 
concentrations.

Le Chatelier’s Principle states that a system at equilibrium will 
respond to any perturbation to the equilibrium, by moving to re-
establish the equilibrium state as defined by Equation 3.12. What 
would happen if the reaction described by Equation 3.11 were at 
equilibrium, and we perturbed that equilibrium by increasing the 

ConCept The free energy change, 
∆G , is a measure of the maximum use-
ful work obtainable from any reaction.

ConCept Le Chatelier’s Principle 
states that for any system not at 
equilibrium, there is a thermodynamic 
driving force that favors reestablish-
ing the equilibrium state.

*As mentioned in Chapter 2, the proper terms to use in a mass action expression 
are activities, rather than concentrations. However, in most biochemical reactions 
the differences between the values of activities and molar concentration are not 
significant. Thus, we can frequently substitute molar concentration values for 
activities without introducing significant error in the evaluation of the relevant 
mass action expression.

†Again, we will approximate the value of the activity by the molar concentration 
of the solute A.
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and the product state with the “final state.” Therefore, the free energy 
change for any reaction will equal the free energy of the products mi-
nus that of the reactants:

 ∆G = Gfinal - Ginitial = G(products) - G(reactants) (3.15)

From the example given in Equation 3.11, the products are c mol 
of C and d mol of D, and the reactants are a mol of A and b mol  
of B. The driving force for the reaction, ∆G, is the total free energy of 
the products minus that of the reactants, which is derived by combin-
ing Equations 3.11 and 3.15, and multiplying the free energy term for 
each component by the proper coefficient given in Equation 3.11:

 ∆G = cGC + dGD - aGA - bGB (3.16)

Substitution of the appropriate expressions for GA, GB, and so forth 
from Equation 3.14 into Equation 3.16 yields

∆G = cG°C + cRT ln3C4 + dG°D + dRT ln3D4
- aG°A - aRT ln3A4 - bG°B - bRT ln3B4  (3.17a)

or

∆G = 1cG°C + dG°D - aG°A - bG°B2 + 1RT ln3C4 c

+ RT ln3D4d - RT ln3A4a - RT ln3B4 b2  (3.17b)
or

 ∆G = ∆G° + RT ln a 3C4
c3D4d

3A4 a3B4 b b  (3.18)

In going from Equation 3.17a to 3.18, we have done two things: 
grouped the G° terms for each solute into ∆G° and made use of rear-
rangements like: aRT ln3A4 = RT ln3A4a. ∆G° represents the stan-
dard state free energy for the reaction. As described in the preceding 
section, it represents the driving force from a reference state (i.e., the 
standard state—where all solute concentrations equal 1 M) toward the 
equilibrium state.

You will recognize that the ratio of concentrations given inside the 
large parentheses in Equation 3.18 is a mass action expression, which 
can be represented by the symbol Q (as was done in Equation 3.13). 
Making this substitution gives the general form of Equation 3.18:

 ∆G = ∆G° + RTln Q (3.19)

Equation 3.19 shows that ∆G depends both on the standard free en-
ergy change (∆G°), which is a reference value, and a term that accounts 

for the actual concentrations 
of the reactants and products 
(RT lnQ) relative to that refer-
ence value. Thus, we can use 
Equation 3.19 to calculate ∆G 
for a reaction at any concen-
tration of reactants and prod-
ucts that may occur in a cell.

∆G  versus ∆G∙, Q versus K, and Homeostasis versus 
Equilibrium
If a reaction comes to equilibrium, two things must be true. First, the 
concentrations in the mass action expression must be equilibrium con-
centrations. Thus, at equilibrium, the factor Q in Equation 3.19 has a 

ConCept The free energy change 
in a chemical reaction depends on the 
standard state free energy change 
(∆G∙) and on the concentrations of 
reactants and products (described by 
RT ln Q).

value that is identical to the equilibrium constant K for the reaction 
(see Equation 3.12). Second, if the system is at equilibrium, there is no 
driving force in either direction, so ∆G must equal zero. In this case, 
Equations 3.18 and 3.19 reduce to

 0 = ∆G° + RT ln a 3C4
c3D4d

3A4 a3B4 b b
eq

= ∆G° + RT ln K (3.20)

or

 ∆G° = -RT ln K (3.21)

This can be rearranged as

 K = e-∆G°/RT (3.22)

Equations 3.21 and 3.22 express an important relationship be-
tween the standard free energy 
change, ∆G°, and the equilibrium 
constant, K, that we shall use 
many times throughout this text-
book. These equations make it 
possible, for example, to use data 
from tables of standard state free energy changes to calculate the value 
of the equilibrium constant for a reaction.

To illustrate an application of these thermodynamic concepts, let 
us consider an example—a very simple but important biochemical 
reaction, the isomerization of glucose-6-phosphate (G6P) to fructose-
6-phosphate (F6P) shown in FigurE 3.4:

Glucose@6@phosphate ∆ Fructose@6@phosphate
∆G° = +1.7 kJ/mol

which may be written more compactly as

G6P ∆  F6P  ∆G° = +1.7 kJ/mol

This is the second step in the glycolytic pathway, which is dis-
cussed in Chapter 12. The reaction is clearly endergonic under 
standard conditions. In other words, the system is not at equilib-
rium when G6P and F6P are both at 1 M because ∆G° is positive  
(+1.7 kJ/mol), and the reverse reaction is favored under standard 
conditions. Therefore, the equilibrium must lie to the left, with a 
higher concentration of G6P than F6P. We can express this quanti-
tatively by calculating the equilibrium constant using Equation 3.22. 

ConCept The equilibrium con-
stant K can be calculated from the 
standard state free energy change 
∆G∙ and vice versa.

H OH

OH

HO
H

CH2OPO3
22

HO

H

OH H
H

OH H

CH2OPO3
22

CH2OH

OH
H OH

O

Glucose-6-phosphate Fructose-6-phosphate

Figure 3.4
Isomerization of glucose-6-phosphate (G6P) to fructose-6-
phosphate (F6P). 
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Because ∆G =  0 there is no driving force in either direction. On the 
other hand, for a system that is not at equilibrium Q ∙ K thus

 ∆G = -RT ln K + RT ln Q ∙ 0 (3.26)

In this case, ∆G ∙  0, so there is a driving force for the reaction, 
which Le Chatelier predicts will favor the direction that reestablishes 
equilibrium. We can predict which direction, toward reactants or to-
ward products, will be favored by considering the relative values of K 
and Q. This is most easily seen if we rearrange Equation 3.24:

 ∆G = RT (ln Q - ln K) = RT ln aQ
K
b  (3.27)

Equation 3.27 predicts that a reaction will proceed as written 
whenever the ratio Q>K 6  1 (see TabLE 3.4). We can imagine two 
ways that a living cell could maintain Q>K 6  1 for a particular reac-
tion. The first is by consuming products as fast as they are formed, 
such that the homeostatic concentrations of the products are always 
relatively low compared to the reactant concentrations. This is a com-
mon strategy employed in multistep metabolic pathways. For exam-
ple, for the hypothetical pathway

A ¡ B ¡ C ¡ D ¡ E

B is the “product” of the first step; but it is also the “reactant” for the 
second step. The concentration of B in the cell will be low if B is rapid-
ly converted to C. By Le Chatelier’s Principle, the reaction A S B will 
be driven to the right as a result of removing B from the system. The 
second way to maintain Q>K 6  1 is by keeping the concentrations of 
the “reactant” species relatively high. Again, Le Chatelier’s Principle 
predicts that as [A] increases there is a greater tendency to drive the 
reaction A S B to the right. The magnitude and sign of that driving 
force is succinctly expressed as ∆G and can be readily calculated using 
Equation 3.19.

The importance of Equation 3.19 is that it allows us to calculate 
∆G under the homeostatic conditions (i.e., non-equilibrium condi-
tions) that are relevant to the myriad biochemical reactions that sup-
port the living state. Tabulations of ∆G° values for different reactions 
are common, but in apply-
ing such data to biochemical 
problems, we must always 
keep in mind that it is ∆G 
as determined by the actual 
concentrations of reactants 
and products found in the cell, rather than ∆G°, that determines 
whether or not a reaction is favorable under the homeostatic condi-
tions found in vivo.

Using the given value for ∆G° and the standard state temperature of 
25 °C (298 K), we obtain:

K = e
a -∆G°

RT
b

= e

±
-a1700 

J
molb

a8.314 
J

mol #  Kb(298 K)
≤

= 0.504 = a 3F6P4
3G6P4 b eq

 (3.23)

where 1 3F6P4 > 3G6P4 2 eq is the equilibrium ratio of the concentra-
tions of fructose-6-phosphate and glucose-6-phosphate. The fact that 
K 6 1 shows that the equilibrium lies to the left, or favors the reac-
tants (in this case, G6P, which at equilibrium will have a concentration 
about twice that of F6P).

However, as emphasized above, the concentrations of metabolites 
for any process in living cells are not typically the equilibrium con-
centrations defined by ∆G° for that process. The state of chemical 
equilibrium is characteristic of dead cells, not living ones. As stated at 
the beginning of this chapter, characteristics of the living state include 
the capture, transformation, storage, and utilization of energy. Such 
processes can occur only when each has a favorable thermodynamic 
driving force, that is, when ∆G 6  0.

Life occurs within relatively narrow ranges of temperature, pH, 
and concentrations for ions and metabolites. This set of conditions 
is referred to as homeostasis or the homeostatic condition. Because 
the concentrations of certain solutes inside cells remain relatively con-
stant, homeostasis is frequently confused with true thermodynamic 
equilibrium; however, homeostasis must not be confused with equilib-

rium! The critical distinction 
between the two is that under 
homeostatic conditions, ∆G 
for numerous vital processes 
is 6  0, whereas, at equilibri-

um, ∆G for any process = 0. In addition, energy is required to maintain 
homeostasis—hence, the need to capture, transform, and store energy.

We know from Le Chatelier’s Principle that any system that is not 
at equilibrium has a driving force (∆G 6  0) to move in the direction 
that reestablishes the equilibrium state. We can understand the magni-
tude of these driving forces by comparing equilibrium and nonequilib-
rium systems. As stated earlier, for the reaction shown in Equation 3.11

aA + bB ∆ c  C + d D

at equilibrium, Le Chatelier’s Principle predicts that a perturbation 
of the equilibrium by increasing the concentration of either reactant, 
[A] or [B], would result in an increase in the concentrations of both 
products, [C] and [D], as the system moves back to the equilibrium 
state. Likewise, if the equilibrium were perturbed by an increase in 
either [C] or [D], the system would respond by increasing [A] and [B]. 
We can now express Le Chatelier’s Principle in terms of the thermo-
dynamic arguments developed above. Let us reconsider Equation 3.19

∆G = ∆G° + RT ln Q

and substitute -RT ln K for ∆G° (see Equation 3.21) to give:

 ∆G = -RT ln K + RT ln Q (3.24)

For a system at equilibrium Q = K, thus

 ∆G = -RT ln K + RT ln K = 0 (3.25)

ConCept The homeostatic condi-
tion, which is characteristic of living 
cells, must not be confused with true 
thermodynamic equilibrium.

ConCept It is ∆G  as determined 
by the actual concentrations of reac-
tants and products in the cell, rather 
than ∆G °, that determines whether or 
not a reaction is favorable in vivo.

table 3.4  Relationships between K, Q, and ∆G for a 
reaction

Value of Q Value of ∆G Favored Direction

6K 60 Forward reaction (formation of 
products)

=K =0 Neither (system at equilibrium)

7K 70 Reverse reaction (formation of 
reactants)

M03_MATH9763_01_SE_C03_048-071v4.1.4.indd   58 24/10/14   1:33 PM



 3.3 The Relationships Between Free Energy, the Equilibrium State, and Non-Equilibrium Concentrations of Reactants and Products | 59 

reactions that consume or produce H2O; thus, for the biochemi-
cal standard state, the activity of water is defined as unity.

  For chemical reactions the standard state for solutes is defined 
as 1 M; however, in living cells the concentration of H+  is 
roughly 10-7 M, much lower than the standard value of 1 M. It 
is therefore appropriate to define the reference concentration of 
H+  in biochemical reactions relative to the H+  concentration 
found in the living state (i.e., 10-7 M), rather than the value 1 M 
defined by the chemical standard state. Recall that when a solute 
in a dilute solution has a concentration of 1 M, the activity of 
that solute is unity. For the biochemical standard state we define 
the activity of H+  to be unity when [H+] = 10-7 M.

We distinguish values of ∆G° that are referenced to the chemical 
standard state from those referenced to the biochemical standard state 
by a superscript prime: ∆G°′. If we assume the activity of H2O = 1 
and we calculate the activities of the other solutes‡ relative to their 
biochemical standard state concentrations, Equation 3.29 can be writ-
ten as follows:

 ∆G = ∆G°′ + RT ln±

3ADP4
(1 M)

 
3HPO4

2- 4
(1 M)

 
3H+ 4

(10-7 M)
3ATP4
(1 M)

 (1)
≤  (3.30)

Equation 3.30 illustrates two key points regarding the calculation 
of ∆G for the reactions you will encounter throughout this text:

1. ∆G°′ is used, signifying the biochemical standard state.
2.  The mass action expression Q is unitless. We strip the units 

from each concentration term in Q by dividing each by its 
proper standard concentration (e.g., 1 M for all solutes  
except H+ ; 10-7M for H+ ; 1 bar for gases, etc.).

The significance of these 
two points is illustrated in the 
following example. Let us cal-
culate ∆G for the hydrolysis of 
ATP at pH 7.4, 25 °C, where the 
concentrations of ATP, ADP, 
and HPO4

2-  are, respectively,  
5 mM, 0.1 mM, and 35 mM. As 
we will see in the next section of this chapter, ∆G°′ = -32.2 kJ>mol 
for ATP hydrolysis. Under these conditions Equation 3.30 can be writ-
ten as

∆G = -32.2 
kJ

mol
+ a0.008314 

kJ
mol # K b(298 K)

 ln ±
(0.0001 M)

(1 M)
 
(0.035 M)

(1 M)
 
(10-7.4 M)
(10-7 M)

(0.005 M)
(1 M)

(1)
≤  (3.31a)

In summary, we have described how thermodynamically favored 
(irreversible) processes are related to equilibrium. Whenever a sys-
tem is displaced from equilibrium, it will proceed in the direction that 
moves toward the equilibrium state because the direction leading to-
ward equilibrium will have a ∆G 6  0. Because living cells are not at 
equilibrium, most cellular reactions are driven to proceed in either the 
forward or reverse direction.

We are now prepared to answer a question of fundamental im-
portance in bioenergetics: “How are unfavorable reactions driven for-
ward in living cells?” Thermodynamically unfavorable reactions can 
be driven by either, or both, of the following strategies:

1. Maintaining Q 6 K
2.  Coupling an unfavorable reaction to a highly favorable  reaction

The theoretical basis for strategy number 1 has been described 
above. In the following sections we will describe the basis for strat-
egy number 2. In later chapters we will illustrate the implementation 
of these strategies in numerous biochemical reactions where highly 
favorable processes, such as ion transport across membranes and/or 
hydrolysis of ATP, are commonly used to drive unfavorable reactions. 
The processes of ATP consumption and ATP production feature 
prominently in biochemistry; thus, we introduce here the features of 
ATP (and similar compounds) that make it suitable as the central en-

ergy-transduction molecule 
in cells. However, we must 
first recognize that standard 
conditions for reactions in 
cells are not completely com-
patible with the chemical 

standard state described earlier in this chapter. Thus, it is appropriate 
at this point to define a biochemical standard state that is used as the 
reference state in bioenergetics.

Water, H∙  in buffered Solutions, and the 
“biochemical Standard State”
In many reactions in cells, H+  and H2O appear as reactants or products. 
For example, consider the hydrolysis of adenosine triphosphate (ATP) to 
adenosine diphosphate (ADP), phosphate ion (HPO4

2-), and a proton:

 ATP + H2O ∆ ADP + HPO4
2- + H+  (3.28)

Because H+  appears in the chemical equation, the hydrogen ion con-
centration (i.e., the pH) will affect ∆G for the reaction, as shown in 
Equation 3.29.

 ∆G = ∆G° + RT ln a 3ADP4 3HPO4
2- 4 3H+ 4

3ATP4 3H2O4 b  (3.29)

Because biochemical reactions typically occur in a relatively di-
lute aqueous solution, buffered near pH 7, it is appropriate to treat 
the mass action terms for H2O and H+  differently than is done for 
thermodynamic calculations based on the standard state conditions 
described previously. Thus, we define them relative to a somewhat 
different set of conditions known as the biochemical standard state:

  In a dilute solution, the concentration of water is ∙55 M. If we  
assume that the concentration of water inside cells remains 
constant, the activity of water is not significantly changed by 

ConCept Thermodynamically un-
favorable reactions become favorable 
when Q 6 K  and/or when coupled to 
strongly favorable (i.e., highly exer-
gonic) reactions.

‡For many reactions described in this text the assumption that activity ≅ molar 
concentration will hold; but students should be aware that a rigorous calculation 
of chemical potential requires the use of more sophisticated definitions of activity 
and the biochemical standard state. Both are described in the references cited at 
the end of this chapter.

ConCept Standard free energy 
changes for biochemical reactions 
are specified by ∆G °′ where the 
water concentration is assumed to be 
constant (thus, the activity of water is 
defined as unity), and the activity of 
H+  is defined as unity at pH 7.0.
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in our previous example) that can undergo reactions with large nega-
tive free energy changes. Such substances can be thought of as energy 
transducers in the cell. Many of these energy transducing compounds 
are organic phosphates such as ATP (FigurE 3.5), which can transfer 
a phosphoryl group (-PO3

2-) to an acceptor molecule. You will see 
many examples of phosphoryl group transfer reactions in this text. As 
shown in Figure 3.5, we will use a common shorthand notation, P , to 
represent the phosphoryl group when describing these processes.

In many cases the phosphoryl group is transferred to a water 
molecule via hydrolysis. Three such hydrolysis reactions that would 
convert ATP to adenosine are illustrated in FigurE 3.6, along with the 
corresponding values of ∆G°′ for each reaction. A phosphate ion 
(HPO4

2-) is produced when water is the phosphoryl group acceptor. 
HPO4

2-  is also called inorganic phosphate and is commonly repre-
sented by the shorthand notation Pi. Note that the two reactions in-
volving cleavage of a phosphoanhydride bond are significantly more 
exergonic than the reaction that cleaves the phosphate ester bond.

The hydrolysis reactions for several important phosphate com-
pounds are shown in FigurE 3.7. You will encounter all of these sub-
stances in later chapters on metabolism. Some of these substances, like 
ATP, phosphoenolpyruvate (PEP), creatine phosphate (CP), and 
1,3-bisphosphoglycerate (1,3-BPG), have large negative standard 
free energies of hydrolysis (Figure 3.7 and TabLE 3.5). For example, hy-
drolysis of ATP to ADP is highly exergonic, with a ∆G°′ of -32.2 kJ/
mol. This value corresponds to an equilibrium constant greater than 
105. This equilibrium lies so far to the right that ATP hydrolysis can be 
considered essentially irreversible.

Note that we have expressed concentrations of all solutes in units of 
molarity, then divided by the proper standard state concentration 
(also in units of molarity). These steps ensure that the terms in Q are 
of the proper magnitude and stripped of units:

∆G = -32.2 
kJ

mol
+ a2.478 

kJ
mol
b

 ln a(0.0001)(0.035)(0.398)
(0.005)

b  (3.31b)

or

 ∆G = -32.2 
kJ

mol
+ -20.3 

kJ
mol

= -52.5 
kJ

mol
 (3.31c)

Note that the value calculated for ∆G is much more negative  
(i.e., more favorable) than the standard free energy change ∆G°′. This 
last point underscores the fact that it is ∆G and not ∆G°′ that determines 
the driving force for a reaction. However, to evaluate ∆G using Equation 
3.19 we must be given, or be able to calculate, ∆G°′ for the reaction of 
interest. Recall that ∆G°′ can be calculated from K using Equation 3.22. 
In the remaining pages of this chapter, we will use examples relevant to 
biochemistry to illustrate two alternative methods for calculating ∆G°′.

3.4 Free Energy in biological Systems
Understanding the central role of free energy changes in determin-
ing the favorable directions for chemical reactions is important in 
the study of biochemistry because every biochemical process (such 
as protein folding, metabolic reactions, DNA replication, or muscle 
contraction) must, overall, be a thermodynamically favorable process. 
Very often, a particular reaction or process that is necessary for life is 
in itself endergonic. Such intrinsically unfavorable processes can be 
made thermodynamically favorable by coupling them to strongly fa-
vorable reactions. Suppose, for example, we have a reaction that is part 
of an essential pathway, but is endergonic under standard conditions:

A ∆ B    ∆G°′ = +10 kJ/mol

At the same time, suppose another process is highly exergonic:

C ∆ D    ∆G°′ = -30 kJ/mol

If the cell can manage to couple these two reactions, the ∆G°′ for the 
overall process will be the algebraic sum of the values of ∆G°′ for the 
individual reactions:

 A ∆ B  ∆G°′ = +10 kJ/mol
 C ∆ D  ∆G°′ = -30 kJ/mol

 Overall: A + C ∆ B + D ∆G°′ = -20 kJ/mol

Equilibrium for the overall process now lies far to the right, with the 
consequence that, in the coupled process, B is more favorably pro-
duced from A. Many critical reactions in cells are driven forward by 
coupling an unfavorable reaction to a highly favorable one.

Organic Phosphate Compounds as Energy 
Transducers
Driving an unfavorable process by coupling it to a favorable one re-
quires the availability in cells of compounds (like the hypothetical C 
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Figure 3.5
The phosphoryl groups in ATP. Top: The three phosphoryl groups 
in ATP are shown in red, blue, and green. Middle: A commonly used 
shorthand for a phosphoryl group is the symbol P . Bottom: The 
three phosphoryl groups in ATP are represented by this symbol.
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Figure 3.6
Hydrolysis of ATP, ADP, and AMP. Hydrolysis of ATP or 
ADP cleaves a phosphoanhydride bond, whereas hydrolysis of 
AMP cleaves a phosphate ester bond. Inorganic phosphate is 
produced in each of these hydrolysis reactions.

table 3.5  ∆G °′ for hydrolysis of some phosphate 
compounds

Hydrolysis reaction ∆G°′ (kJ/mol)

Phosphoenolpyruvate + H2O ¡ pyruvate + Pi -61.9

1,3-Bisphosphoglycerate + H2O ¡  
 3-phosphoglycerate +  Pi + H+

-49.4

ATP + H2O ¡ AMP + PPi + H+ -45.6

Acetyl phosphate + H2O ¡  acetate + Pi + H+ -43.1

Creatine phosphate + H2O ¡  creatine + Pi -43.1

ADP + H2O ¡ AMP + Pi + H+ -32.4

ATP + H2O ¡ ADP + Pi + H+ -32.2

PPi + H2O ¡ 2Pi -19.2

Glucose-1-phosphate + H2O ¡  glucose + Pi -20.9

Glucose-6-phosphate + H2O ¡  glucose + Pi -13.8

Based on R. A. Alberty (1994) Recommendations for nomenclature and tables in 
biochemical thermodynamics. Pure & Appl. Chem. 66:1641–1666; P. Frey and  
A. Arabshahi (1995) Standard free energy change for the hydrolysis of the a, b-bridge 
in ATP. Biochemistry 34:11307–11310.

Figure 3.7 shows a wide range of ∆G°′ values for the hydrolysis 
reactions listed. Some are highly exergonic processes; others are not. 
Hydrolysis of phosphoanhydride (as in ATP, ADP, and pyrophosphate) 
and mixed anhydride (1,3-BPG) bonds is much more exergonic than 
is hydrolysis of phosphate esters (AMP, glycerol-1-phosphate). These 
differences in reactivity are expected based on the observed reactivities 
of analogous carboxylic acid anhydrides and esters. However, ∆G°′ for 
the hydrolysis of PEP, -61.9 kJ/mol, is significantly more favorable than 
one would predict for the hydrolysis of a simple phosphate ester (e.g., 
compare to ∆G°′ = -13.8 kJ>mol for AMP hydrolysis). The expla-
nation for this unexpected high reactivity of PEP lies in the structural 
isomerization, in this case called tautomerization, of the pyruvate prod-
uct that occurs following the release of Pi from PEP. The direct product 
of phosphate hydrolysis from PEP is the enol form of pyruvate, which 
rapidly tautomerizes to the thermodynamically favored keto form. The 
overall ∆G°′ for PEP hydrolysis is the result of a moderately favorable 
ester hydrolysis (with ∆G°′ ≈ -16 kJ>mol) coupled to a highly favor-
able tautomerization (with ∆G°′ ≈ -46 kJ>mol):

DG89 (kJ/mol)

216

246

Hydrolysis

keto form

enol formPhosphoenolpyruvate
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Hydrolysis reactions for some biochemically important phosphate 
compounds. The reactive phosphoryl groups in each compound are 
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phosphoryl group transfer potential). The stable inorganic phosphate ion, 
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2- , is shown in gray.
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(1) Hydrolysis of phosphoenolpyruvate PEP + H2O ∆ pyruvate + Pi ∆G°′ = -61.9 kJ/mol

(2) Phosphorylation of adenosine diphosphate ADP + Pi + H+ ∆ ATP + H2O ∆G°′ = +32.2 kJ/mol

(1) + (2): Coupled phosphorylation of ADP by PEP PEP + ADP + H+ ∆  ATP + pyruvate ∆G°′ = -29.7 kJ/mol

(1) Hydrolysis of ATP ATP + H2O ∆ ADP + Pi + H+  ∆G°′ = -32.2 kJ/mol

(2) Phosphorylation of glucose glucose + Pi ∆ G@6@P + H2O ∆G°′ = +13.8 kJ/mol

(1) + (2): Coupled phosphorylation of glucose by ATP glucose + ATP ∆  ADP + G@6@P + H+  ∆G°′ = -18.4 kJ/mol

Initial State
[A]1    [A]2

Region 1
[A]1

Region 2
[A]2

Membrane

Final State
[A]1    [A]2

Time

. 5

Two solutions of A, with 
concentrations [A]1 and 
[A]2, are separated by a 
porous membrane (tan) 
through which A can 
pass in either direction.

If the initial concentration 
is higher in region 1, the 
driving force for transport 
of A across the membrane 
will result in movement of 
A from region 1 to region 2 
until equal concentrations 
are obtained.

Figure 3.8
Equilibration across a membrane. 

At 37 °C, the equilibrium for this tautomerization lies far toward the 
keto form (Keq ≈ 6 * 107). Thus, it is this essentially irreversible 
isomerization reaction that provides most of the driving force for the 
overall hydrolysis of PEP to pyruvate and Pi.

Phosphoryl group Transfer Potential

There is another useful way in which we can think about the ∆G°′ 
values for hydrolysis of phosphate compounds. As Figure 3.7 shows, 
these values can be arranged to form a scale of phosphoryl group 
transfer potentials. The phosphoryl group transfer potential is cor-
related with -∆G°′ of hydrolysis; thus, of the compounds listed in 
Figure 3.7, PEP has the highest phosphoryl group transfer potential 
and glycerol-1-phosphate has the lowest. A given compound in Figure 
3.7 is capable of driving the phosphorylation of compounds lower on 
the scale, provided that a suitable coupling mechanism is available. 
Consider, for example, the reactions shown above.

Note that reaction (2) above is the reverse of the ATP hydrolysis 
reaction listed in Table 3.5; thus, the value of ∆G°′ has the opposite 
sign to reflect the fact that the free energy change for any reaction in 
the forward direction is equal in magnitude but opposite in sign when 
compared to the reaction in the reverse direction.

Thus, PEP, which has a 
greater phosphoryl group 
transfer potential than ATP, 
is capable of adding a phos-
phoryl group to ADP in a 

thermodynamically favored process. ATP, in turn, can phosphorylate 
glucose because the phosphoryl group transfer potential of glucose-
6-phosphate (G-6-P) lies still farther down the scale as shown below.

ConCept The phosphoryl group 
transfer potential shows which 
compounds can phosphorylate others 
under standard conditions.

These examples emphasize how ATP can act as a versatile phos-
phoryl group transfer agent through coupled reactions. In each case, 
the coupling is accomplished by having the reactions take place on the 
surface of a large protein molecule (i.e., an enzyme). For example, the 
phosphorylation of glucose by ATP is catalyzed by the enzyme hexo-
kinase. We shall discuss in Chapter 8 how enzymes both facilitate such 
coupling and accelerate reactions.

These examples also show how ∆G°′ can be calculated for a reac-
tion of interest by summing the ∆G°′ values for two (or more) reac-
tions that, when added together, yield an overall chemical equation 
that is identical to the reaction of interest. Again, when the chemical 
equation for a reaction is reversed, the sign of ∆G°′ must also be re-
versed. (For more practice with the calculation of ∆G°′ by this meth-
od, see Problem 17b at the end of this chapter.)

Free Energy and Concentration gradients:  
a Close Look at Diffusion Through a Membrane

The reactions of the compounds listed in Figure 3.7 are not the only 
sources of free energy in cells. We will consider two more in this chap-
ter: concentration gradients across biological membranes, and elec-
tron transfer reactions. In this section we examine the former.

We know from experience that if a substance can diffuse across a 
permeable membrane, it will do so in such a direction as to make the 
concentrations on the two sides equal. Now we will see how the ther-
modynamic arguments presented earlier explain this behavior.

Suppose there are two solutions of substance A separated by a mem-
brane through which A can pass freely (FigurE 3.8). Assume that in  
region 1 the concentration is initially 3A4 1 and in region 2 the concen-
tration is 3A4 2. We must define the direction of transfer for the process 
to evaluate ∆G. Let us consider transferring some quantity of A from 
region 1 (the “initial” state of A) to region 2 (the “final” state of A). By the 
definition of ∆G given in Equation 3.15, the overall free energy change is 
determined by the difference in free energies of A in regions 1 and 2, or
 ∆G = GA2

- GA1
 (3.32)

We expect these free energies to be different because G for a solute 
depends on the concentration of that solute (see Equation 3.14). The 
free energy change for moving A from region 1 to region 2 can be 

M03_MATH9763_01_SE_C03_048-071v4.1.4.indd   63 24/10/14   1:33 PM



64 | Chapter 3 The Energetics of Life

calculated by substituting expressions for GA1
 and GA2

 from Equations 
3.14 into Equation 3.32:

GA1 = G∘
A + RT ln3A4 1

GA2 = G∘
A + RT ln3A4 2

∆G = GA2
- GA1

  = (G∘
A + RT ln3A4 2) - (G∘

A + RT ln3A4 1) (3.33)

After canceling G°A terms, Equation 3.33 simplifies to

 ∆G = RT ln
3A4 2

3A4 1
 (3.34)

Equation 3.34 predicts the following:

1. If 3A4 2 6 3A4 1, ∆G is negative; thus, transfer from region 
1 to region 2 is favorable (this is the situation described in the 
“initial state” of Figure 3.8).

2. Conversely, for a system where 3A4 27 3A4 1, ∆G is positive; 
thus, transfer from region 1 to region 2 would not be favorable 
(but transfer in the opposite direction would be favored).

3. If 3A4 2 = 3A4 1, ∆G is zero; thus, there is no net driving force in 
either direction for the transfer of A. The system is at equilibrium 
(this is the situation described in the “final state” of Figure 3.8).

The difference in concentrations across the membrane establishes 
a concentration gradient. From this analysis, we can conclude that if 
a substance can pass through a membrane, the direction of favorable 
transfer will always be from the region of higher concentration to the 
region of lower concentration. In the example of Figure 3.8, the con-
centration gradient provides the driving force (with ∆G 6 0) to move 
molecules of A from region 1 to region 2. This process is of fundamental 
importance in the transmission of neural signals, which requires rapid 
movements of Na+  and K+  ions across the membranes surrounding 
nerve cells (discussed further in Chapter 10).

There are cases in which substances pass readily from regions of 
lower concentration to regions of higher concentration; but in such 
circumstances the necessary free energy price is paid by coupling 
the unfavorable transport process to one or more thermodynami-
cally  favorable chemical reactions (for example, ATP hydrolysis). The 
 favorable ∆G for transport of some substance down its concentra-
tion gradient can also be coupled to some other unfavorable process 
to drive it forward; thus, concentration gradients across membranes 
 represent important free energy stores in cells.

∆G  and Oxidation/reduction reactions in Cells

In the final section of this chapter, we consider the calculation of 
∆G for the important class of oxidation/reduction reactions. The 
oxidation of nutrients such as carbohydrates or fats provides cells 
with substantial free energy for the synthesis of ATP. As we shall see 
in Chapter 14, the transfer of electrons from nutrients to O2 releases 
energy that is stored in the form of a proton concentration gradient 
across a membrane, which in turn provides the driving force in mi-
tochondria for the synthesis of ATP from ADP and Pi. The electron 
transfer occurs via a series of linked oxidations and reductions, or 
“redox” reactions.

Quantification of reducing Power: Standard reduction Potential

Redox chemistry is comparable in many ways to acid–base chemistry, 
which we discussed in Chapter 2. The relevant chemical species in an 
acid–base equilibrium are an acid (HA) and its conjugate base (A-), 
which represent a proton donor and a proton acceptor, respectively:

 HA ∆ H+ + A-

for example, CH3COOH1aq2 ∆ H+1aq2 + CH3COO-1aq2

Similarly, in a redox reaction a donor and an acceptor of electrons are 
paired:

reduced compound (e-donor) ∆
oxidized compound (e-acceptor) + e-

for example,             Fe2+  ∆ Fe3+ + e-

Free protons and free electrons exist at negligible concentrations 
in aqueous media, so these equilibrium expressions are merely half-
reactions in an overall acid–base or redox reaction scheme. A com-
plete redox reaction must show one reactant as an electron acceptor, 
which becomes reduced by gaining electrons, and another reactant as 
an electron donor, which becomes oxidized by losing electrons. One 
well-known mnemonic for the definitions of reduction and oxidation 
is “OILRIG”: Oxidation Is Loss (of electrons); Reduction Is Gain (of 
electrons). Of the two reactants in a redox reaction, the electron donor is 
the reductant (or reducing agent), which becomes oxidized while trans-
ferring electrons to the other reactant, the oxidant (or oxidizing agent), 
which becomes reduced. The general form of a redox reaction is then:

reductant + oxidant ∆ oxidized reductant + reduced oxidant
or: A(red) + B(ox) ∆ A(ox) + B(red)

for example, Cu1+ + Fe3+ ∆ Cu2+ + Fe2+

Cu1+ is the reductant in this reaction because it is the electron donor, 
and Fe3+ is the oxidant because it accepts an electron from Cu1+.

Critical to our understanding of acid–base chemistry is the con-
cept of pKa, which represents a quantitative measure of the tendency 
of an acid to lose a proton. In the same sense, our understanding of 
biological oxidations demands a comparable measure of the tendency 
of a reductant to lose electrons (or of an oxidant to gain electrons). 
Such an index is provided by the standard reduction potential, or E°. 
In acid–base equilibria we arbitrarily define water, with a pKa of 7.0, 
as neutral. Redox chemistry also employs a reference standard: the 
standard hydrogen electrode in 
an electrochemical cell.

An electrochemical cell con-
sists of two half-cells, each con-
taining an electron donor and its 
conjugate acceptor. In FigurE 3.9, the right-hand beaker constitutes the 
reference half-cell, a standard hydrogen electrode, with [H+] at 1 M and 
H2 at 1 bar (the standard unit of pressure, equal to 100 kPa or ~750 torr). 
The left-hand beaker is the test half-cell, with the solution containing the 
test electron donor and its conjugate acceptor, each at 1 M concentra-
tion. In this example, the solution contains Fe2+  and Fe3+  each at 1 M. 
The half-cells are connected with an agar salt bridge, which maintains 
charge neutrality by allowing ions to flow between the cells as electrons 
move through the completed circuit. A voltmeter placed between the 

ConCept E ° is the tendency of a 
reductant to lose an electron, in the 
same sense that pKa is the tendency 
of an acid to lose a proton.
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Salt bridge

Electrons flow from the 
standard hydrogen electrode 
(anode) to the copper cathode.

0.77 V

e2 e2
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Standard hydrogen 
electrode (anode)

Fe21
H1

H1Fe31

H2(g) (1 atm)

1 2

(1 M)
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Figure 3.9
A galvanic cell to measure E°. The standard hydrogen reference cell is shown on the right, and a test cell containing Fe2+ >Fe3+  
ions is shown on the left.

two half-cells measures the 
electromotive force, or emf, 
in volts. Electromotive force 
is a measure of the potential, 
or “pressure,” for electrons to 

flow from one half-cell to the other. The electrons may flow either toward 
or away from the reference half-cell, depending on whether H2 or the test 
electron donor has the greater tendency to lose electrons. Because H2 
loses electrons more readily than Fe2+ , the electrons in our example will 
flow from the reference half-cell to the test half-cell, oxidizing H2, reduc-
ing Fe3+ , and causing the voltmeter to record a positive emf. If the test 
electron donor loses electrons more readily than H2, then electrons flow 
in the reverse direction, reducing 2H+  to H2 in the reference half-cell and 
causing a negative emf to be recorded. The stronger oxidant, whether 
H+  or the test electron acceptor, will draw electrons away from the other 
half-cell and become reduced.

By convention, E ° for the standard hydrogen electrode is set at 
0.00 volts. Any redox couple that tends to donate electrons to the 
standard hydrogen electrode has a negative value of E °. A positive 
E ° means that electrons from H2 are flowing toward the test cell and 
reducing the electron acceptor, or, that the test cell acceptor is oxidiz-
ing H2. The higher the value of E ° for a redox couple, the stronger an 
oxidant is the electron acceptor of that couple.

As discussed earlier, standard conditions for biochemists include 
a pH value of 7.0, a condition far from that seen in the standard hy-
drogen electrode, which contains H+  at 1.0 M. Therefore, biochemists 

ConCept The greater the standard 
reduction potential, the greater the 
tendency of the oxidized form of a 
redox couple to attract electrons.

use a modified term, E °′, which is the standard reduction potential 
for a half-reaction measured at 10-7 M H+ . These are the values used 
in this book and most other biochemical references. E °′ values for a 
few biochemically important redox pairs are recorded in TabLE 3.6 (a 
more complete table of E °′ values is given in Chapter 14). This table 
is organized with the strongest oxidizing agents listed at the bottom 
of the “Oxidant” column, and the strongest reducing agents listed at 
the top of the “Reductant” column. Thus, O2 in the O2>H2O couple 
is the strongest oxidant, and H2 in the H+ >H2 couple is the strongest 
reducing agent. Another way to express this relationship is to say that 
H2O in the O2>H2O couple is the weakest reducing agent (just as the 
strongest acid has the weakest conjugate base). There is very little ten-
dency for water to give up electrons and become oxidized to O2 be-
cause none of the common biological oxidants has a higher E °′ than 
O2>H2O. Photosynthesis, which does oxidize H2O to O2, requires 
considerable energy in the form of sunlight to accomplish this feat 
(more about this in Chapter 15). The information in Table 3.6 is use-
ful because the favorable direction of electron flow in a redox reaction 
is from the reductant in one redox couple to the oxidant in another 
couple listed lower in the table.

In the next section we illustrate how we use the information  
in Table 3.6 to calculate ∆G °′ and ∆G using examples of reactions 
involving the important biological electron carrier nicotinamide  
adenine dinucleotide, which is stable in both the oxidized (NAD+) 
and reduced (NADH) form. We will discuss the structure and func-
tion of NAD+ >NADH in greater detail in Chapter 8.
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table 3.6 A few standard reduction potentials (E °′ ) of interest in biochemistry

Oxidant (e- acceptor) Reductant (e- donor) n E °′(V )

H+ + e-  ∆ ½H2 1 -0.421

NAD+ + H+ + 2e-  ∆ NADH 2 -0.315

1,3-Bisphosphoglycerate + 2H+ + 2e-  ∆ Glyceraldehyde-3-phosphate +Pi 2 -0.290

FAD + 2H+ + 2e-  ∆ FADH2 2 -0.219

Acetaldehyde + 2H+ + 2e-  ∆ Ethanol 2 -0.197

Pyruvate + 2H+ + 2e-  ∆ Lactate 2 -0.185

Fe3+ + e-  ∆ Fe2+ 1 +0.769

½O2 + 2H+ + 2e-  ∆ H2O 2 +0.815

Note: E °′ is the standard reduction potential at pH 7 and 25 °C, n is the number of electrons transferred, and each potential is for the 
partial reaction written as follows:

Oxidant + ne- S reductant

The entry for the H+/H2 couple E °′ = -0.421 V is not zero because it is measured with 3H+ 4 = 1  M in the reference cell (i.e., the 
standard hydrogen electrode) and 3H+ 4 = 10-7 M in the test cell.

Standard Free Energy Changes in Oxidation–reduction  
reactions

To recapitulate, the greater the value of E °′ for a redox couple, the 
greater is the tendency for that couple to participate in oxidation of 
another substrate. We can describe this tendency in quantitative terms 
because standard free energy changes are directly related to differenc-
es between the reduction potentials listed in Table 3.6:

 ∆G °′ = -nF∆E °′ = -nF3E °′(e -acceptor) - E °′(e -donor)4  (3.35)

where n is the number of electrons transferred in the balanced 
half-reactions, F is the Faraday constant (96.5 kJ mol-1V-1), and 
∆E °′ is the difference in standard reduction potentials between 
the two redox couples. Note that ∆E °′ is to ∆E ° as ∆G °′ is to ∆G °. 
The “prime” has the same significance in both cases: Each reactant 
and product (except H+ ) is at 1 M and the reaction is carried out 
at a pH of 7.0.

For example, consider the oxidation of ethanol by NAD+ . This 
reaction is catalyzed by the enzyme alcohol dehydrogenase:

ethanol + NAD+ ∆ acetaldehyde + NADH + H+

The two relevant half-reactions given in Table 3.6 are written in the 
direction of reduction (i.e., as half-reactions for electron acceptors):

(a) NAD+ + H+ + 2e- ∆ NADH      E °′ = -0.315 V
(b) acetaldehyde + 2H+ + 2e- ∆ ethanol   E °′ = -0.197 V

Because ethanol becomes oxidized in the reaction, we reverse the 
second half-reaction to give the desired half-reaction for the electron 
donor:

(c) ethanol ∆ acetaldehyde + 2H+ + 2e-

Now the overall redox reaction is the sum of half-reactions (a) and (c), 
in which NAD+  is the electron acceptor, ethanol is the electron donor, 
and ∆E °′ is calculated as shown in Equation 3.35:

∆E °′ = E °′(e -  acceptor) - E °′(e -  donor) = (-0.315 V) - (-0.197 V)
  = -0.118 V (3.36)

The standard free energy change is thus:

∆G°′ = -nF∆E °′ = -(2)a96485
J

mol # V b(-0.118 V)

 = +22.8
kJ

mol
 (3.37)

Note from this example that a negative ∆E °′ value gives a positive 
∆G °′ and hence corresponds to a reaction that, under standard condi-
tions, is not favorable in the direction written. Note also that if we were 
to calculate ∆G ° for the reverse reaction (reduction of acetaldehyde by 
NADH), ∆E °′ would be +0.118 V, and ∆G °′ would be -22.8 kJ/mol.

Calculating Free Energy Changes for biological Oxidations 
under Nonequilibrium Conditions

The values given in Table 3.6 (and also in Table 14.1) allow calcula-
tion of the biochemical standard state free energy changes. To cal-
culate ∆G for a redox reaction under nonstandard conditions, we 
must use Equation 3.19. Let us consider the free energy change as-
sociated with the transfer of electrons from NADH to O2 which oc-
curs in mitochondria. The overall electron transport process, which 
actually occurs in several steps, is given by the following equation:

O2 + 2NADH + 2H+ ∆ 2H2O + 2NAD+
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The half-reactions above are adjusted for stoichiometry, then added 
together to re-create the overall reaction of interest:

 O2 + 4H+ + 4e- ∆ 2H2O

            2NADH ∆ 2NAD+ + 2H+ + 4e-

 net: O2 + 2H+ + 2NADH ∆ 2NAD+ +2H2O    

Note that when we adjust stoichiometry (i.e., by multiplying each half-
reaction by a factor of 2), we do not make any adjustments to the value 
of E °′. The adjustment for changes in  stoichiometry is accounted for 
in the value of n used in Equation 3.35. When we multiply each half 
reaction by 2, we also double the number of electrons transferred; 
thus, the value of n is also doubled, and

∆G°′ = -nF∆E °′

 = -(4)a96485
J

mol # V b((+0.815 V) - (-0.315 V))

 = -436.2 
kJ

mol
 (3.40)

We can now use this value of ∆G°′ in Equation 3.39c to calculate 
∆G for the reaction

 ∆G = a-436.2 
kJ

mol
b + a+55.6 

kJ
mol
b = -380.6 

kJ
mol

 (3.41)

This calculation shows that under the specified conditions, the 
oxidation of NADH by O2 is highly favorable. As will be described 
in greater detail in Chapter 14, a significant portion of this energy is 
stored in the form of a proton concentration gradient across the in-
ner mitochondrial membrane. The free energy available in the proton 
gradient (see Equation 3.34) is sufficient to drive the synthesis of ATP 
from ADP and Pi in mitochondria.

a brief Overview of Free Energy Changes in Cells
Some of the processes discussed earlier in this chapter are used in 
FigurE 3.10 to illustrate major themes in bioenergetics. Conversion of 
ATP to ADP (yellow arrows) releases energy which is used to drive 
many processes forward. The regeneration of ATP from ADP (green 
arrow) requires an input of free energy, which is supplied by the  
proton concentration gradient across the inner mitochondrial mem-
brane (magenta arrow). This proton gradient is formed during the en-
ergetically favorable redox reactions that ultimately transfer electrons 
from NADH to O2. NADH, in turn, is a product of the multistep oxida-
tion of glucose to CO2. These reactions are all carried out by enzymes 
that fold into their active forms via energetically favorable processes. 
The various equations used to determine changes in free energy for 
these processes are shown in boxes in Figure 3.10. In the preceding 
sections of this chapter, we have presented the basic thermodynam-
ics that describes free energy changes for these intracellular processes. 
These concepts will appear again in subsequent chapters which de-
scribe the details of these and many more diverse, yet interconnected, 
processes devoted to the capture and utilization of energy in cells.

According to Equation 3.19, ∆G for the reaction is given by

∆G = ∆G°′ + RT ln a 3H2O4 23NAD+ 4 2

3O24 3NADH4 23H+ 4 2 b  (3.38)

Let us assume that inside the mitochondrion the temperature is 
37 °C, pH = 8.1 (the mitochondrial matrix is a relatively alkaline 
environment compared to the cellular cytosol), the partial pressure 
of oxygen is 2 torr, and the concentrations of NAD+  and NADH are 
10 mM and 100 μM, respectively. The value of the RTlnQ term can 
be calculated as described previously; however, in this example we 
will enter the concentration term for oxygen relative to the standard 
concentration for a gas, which is 1 bar (or 750 torr), rather than as 
a molar concentration:

∆G = ∆G°′ + a8.314
J

mol # K b(310 K)

 ln±
(1)2a1 * 10-2 M

1 M
b

2

a 2 torr
750 torr

ba1 * 10-4 M
1 M

b
2
a10-8.4 M

10-7.0 M
b

2≤  (3.39a)

or

∆G = ∆G°′ + a2.58
kJ

mol
b  

 ln a (1)(1 * 10-4)
(2.66 * 10-3)(1 * 10-8)(1.58 * 10-3)

b  (3.39b)

∆G = ∆G°′ + a2.58
kJ

mol
b  ln (2.37 * 109)

 = ∆G°′ + a55.6
kJ

mol
b  (3.39c)

Now we turn our attention to the calculation of ∆G°′. Because this 
is a biochemical redox reaction, we can use the information in Table 
3.6 and Equation 3.35. Which values of E °′ should be used to calcu-
late ∆E °′ (and thereby ∆G°′)? To answer that question, the relevant 
“half-reactions” must be identified. In this case, it is reasonable to as-
sume that the electron acceptor is O2 (since O2 is among the strongest 
oxidizing agents). The reduction of oxygen in the presence of protons 
yields water

1
2

 O2 + 2H+ + 2e- ∆ H2O    E °′ = +0.815 V

Since protons have no electrons, the electron donor in this reaction 
must be NADH. Oxidation of NADH yields NAD+ , and these two 
species are related by the following half-reaction:

NAD+ + H+ + 2e- ∆ NADH    E °′ = -0.315 V

which, when reversed, shows NADH giving up two electrons:

NADH ∆ NAD+ + H+ + 2e-
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Electron transport
DG = 2nFDE891 RTInQ

Protein folding
DG = DH 2 TDS

Metabolic reactions
DG = DG891 RTInQRibosomal synthesis 

of a typical protein

Proton transport
DG = RTInQ 1 nFDc

Inner mitochondrial
membrane

ATP synthase
complex

Messenger RNA

Newly synthesized protein

ATP

ATP

ATP

ADP

ADP

ADP

1 glucose 1 G6P

many
steps

O2, H
1

CO2 1 NADH

H2O

NADH is oxidized in mitochondria in a 
multistep electron transport process that 
produces a proton chemical gradient.

Newly synthesized protein 
spontaneously folds into its 
active structure (hexokinase 
is shown here).

Hexokinase catalyzes the first 
step in the glycolytic pathway. 
The hexokinase reaction 
consumes ATP; however, the 
glycolytic pathway produces 
ATP in subsequent steps.

ATP is consumed in large amounts 
during ribosomal protein synthesis. 
For a protein of 250 amino acids, 
~750 ATP will be converted to ADP. 

Free energy stored in the proton gradient 
drives the regeneration of ATP from ADP 
by the ATP synthase complex.

The glucose is 
ultimately 
converted to CO2 
via multistep 
pathways that 
produce NADH.

NAD1

H1

H1

H1

e2

e2

e2

e2

H1

H1

H1

H1

H1

NADH

in Chapter 10, where transport across membranes is described in greater 
detail. Protein DataBank (PDB) IDs for structure coordinates used in this 
figure: the ribosome 3o30, 3o5h; hexokinase 2yhx; electron transport 
proteins 3m9s, 1ppj, 2eij; ATP synthase 1c17, 1e79.

Figure 3.10
Examples of bioenergetic calculations applied to cellular processes. 
The processes shown here are all accompanied by a favorable change in free 
energy (∆G) in vivo. See text for brief descriptions of these processes. The 
equation for proton transport includes a term (nF∆Ψ), which is introduced 
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Summary
Bioenergetics is the branch of thermodynamics that deals with energy ac-
quisition, exchange, and utilization in organisms.

Processes may be reversible (near equilibrium) or irreversible  
(far from equilibrium). The thermodynamically favored direction of a 
reaction (the direction that leads toward equilibrium) is determined by 
changes in both the enthalpy (H) and the entropy (S). The free energy,  
G = H - TS, takes both into account. The criterion for a favorable 
process is that the free energy change, ∆G =  ∆H - T∆S, be negative  
(“exergonic”), rather than positive (“endergonic”); this is one statement 
of the second law of thermodynamics. The ice-to-water transition demon-
strates the importance of temperature (T) in determining reaction direc-
tion. At the melting point, solid and liquid are in equilibrium (∆G =  0). 
The entropy of an open system can decrease, as in freezing of water, but only 
if the enthalpy decreases. Thus, organisms must constantly expend energy 
to maintain organization. In every energy transfer, some part of the energy 
is lost as heat, so ∆G is a measure of the energy that is potentially available 
for useful work.

Living cells are not at equilibrium. Intracellular conditions of tempera-
ture, pH, and concentrations of metabolites are maintained within narrow 
ranges that are far from equilibrium values. This state of homeostasis is 
distinct from true chemical equilibrium in that ∆G ∙  0 for many pro-
cesses. Because cells operate under homeostatic conditions, we must con-
sider the concentrations of each substance in a system to calculate the total 
free energy of the system:

∆G = ∆G°′ + RT ln Q

To evaluate the mass action term Q, biochemists commonly use molar 
concentrations for dilute aqueous solutes, which approximate the activi-
ties of the solutes in the reaction and are expressed relative to the “bio-
chemical” standard concentrations listed in the text.

∆G°′ represents the free energy change for a process under standard 
conditions. There are three common methods for the evaluation of ∆G°′:

1. ∆G°′ can be calculated from the equilibrium constant, K, using 
∆G°′ = -RT ln K.

2. ∆G°′ can be calculated from tables of standard reduction potentials, 
(E °′) using ∆G°′ = -nF∆E °′.

3. ∆G°′ for a reaction of interest can be calculated from the values of 
∆G°′ for two or more reactions that sum to give the chemical equa-
tion of interest.

Reactions that are not thermodynamically favored may nevertheless 
be driven forward if coupled to reactions that have large negative ∆G 
values. In living systems, the hydrolysis of certain phosphate compounds 
is frequently used for this purpose. The phosphoryl group transfer poten-
tial ranks these compounds according to their ability to phosphorylate 
other compounds under standard conditions. ATP, the most important 
of these compounds, is generated in the energy-producing metabolic 
pathways and is used to drive many reactions. Concentration gradients 
across membranes also represent important free energy stores in cells. 
The favorable direction of movement of some substance through its con-
centration gradient is from an area of higher concentration to one of 
lower concentration.

ProblemS

 1. The process of a protein folding from an inactive unfolded structure to the 
active folded structure can be represented by the following equation:

unfolded protein ∆ folded protein

  The values of ∆H° and ∆S° for the folding of the protein lysozyme are:

 ∆H° = -280 kJ/mol

 ∆S° = -790 J/mol # K
(a) Calculate the value of ∆G° for the folding of lysozyme at 25 °C.
(b) At what temperature would you expect the unfolding of lysozyme to 

become favorable?

 2. Given the following reactions and their enthalpies:

 ∆H(kJ/mol)

 H2(g) ¡ 2H(g) +436
 O2(g) ¡ 2O(g) +495

 H2(g) +
1
2

 O2(g) ¡ H2O(g) -242

(a) Devise a way to calculate ∆H for the reaction

H2O(g) ¡ 2H(g) + O(g)

(b) From this, estimate the H ¬ O bond energy.

Enhanced by MasteringChemistry® for Biochemistry provides select end-of-chapter problems and feedback-enriched tutorial problems, animations, 
and interactive figures to deepen your understanding of complex topics while practicing problem solving.

for Biochemistry
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 7. Assume that some protein molecule, in its folded native state, has one 
favored conformation. But when it is denatured, it becomes a “random coil,” 
with many possible conformations.
(a) What must be the sign of ∆S for the change: native S  denatured?
(b) How will the contribution of ∆S for native S  denatured affect the 

favorability of the process? What apparent requirement does this impose 
on ∆H if proteins are to be stable structures?

 8. When a hydrophobic substance like a hydrocarbon is dissolved in water, a 
clathrate cage of ordered water molecules is formed about it (see Figure 2.14). 
What do you expect the sign of ∆S to be for this process? Explain your answer.

 9. It is observed that as temperature is increased, most protein molecules go 
from their defined, folded state into a random-coil, denatured state that 
exposes more hydrophobic surface area than is exposed in the folded state.
(a) Given what you have learned so far about ∆H and ∆S, explain why this 

is reasonable. [Hint: Consider Problem 7.]
(b) Sometimes, however, proteins denature as temperature is decreased. How 

might this be explained? [Hint: Consider Problem 8.]

 10. Suppose a reaction has ∆H° and ∆S° values independent of temperature 
(i.e., assume these values are constant over some range of temperature). 
Show from this, and equations given in this chapter, that 

ln K =
-∆H°

RT
+

∆S°
R

 

  where K is the equilibrium constant. How could you use values of K deter-
mined at different temperatures to determine ∆H° for the reaction? (Hint: 
Recall that you are treating ∆H° and ∆S° as constants.)

 11. The following data give the ion product, Kw (see Equation 2.7, for water at 
various temperatures:

 T(°C) Kw     

 0 1.14 * 10-15

 25 1.00 * 10-14

 30 1.47 * 10-14

 37 2.56 * 10-14

(a) Using the results from Problem 10, calculate ∆H° for the ionization of 
water.

(b) Use these data, and the ion product at 25 °C, to calculate ∆S° for water 
ionization. (Hint: Use the chemical standard state for the activity of water 
rather than that for the biochemical standard state activity of water.)

 12. The phosphate transfer potentials for glucose-1-phosphate and glucose-
6-phosphate are 20.9 kJ/mol and 13.8 kJ/mol, respectively.
(a) What is the equilibrium constant for the reaction shown below at 25 °C?

H OH
Glucose-1-phosphate

O

O
H

CH2OH

PO3
22

OH

H

HO
H

H

H OH
Glucose-6-phosphate

OH

O
H

CH2OPO3
22

OH

H

HO
H

H

(b) If a mixture was prepared containing 1 m glucose-6-phosphate and 
1 * 10-3 M glucose-1-phosphate, what would be the thermodynami-
cally favored direction for the reaction?

 13. Wheeler and Mathews (J. Biol. Chem. 287:31218–31222 (2012)) reported 
the NAD+  and NADH concentrations in yeast mitochondria as 20 mm and 
0.3 mM, respectively. Consider the malate dehydrogenase reaction, which is 
part of the citric acid cycle (Chapter 13):

malate + NAD+ ¡ oxaloacetate + NADH + H+

∆G°′ = +29.7 kJ/mol

  If malate concentration in yeast mitochondria is 0.4 mm, what is the maxi-
mum concentration of oxaloacetate needed to make the reaction exergonic 
at pH 7.0 and 37 °C?

 3. The decomposition of crystalline N2O5

N2O5(s) ¡ 2NO2(g) +
1
2

 O2(g)

  is an example of a reaction that is thermodynamically favored even though 
it absorbs heat. At 25 °C we have the following values for the standard state 
enthalpy and free energy changes of the reaction:

 ∆H° = +109.6 kJ/mol

 ∆G° = -30.5 kJ/mol

(a) Calculate ∆S° at 25 °C.
(b) Why is the entropy change so favorable for this reaction?

 4. The oxidation of glucose to CO2 and water is a major source of energy in 
aerobic organisms. It is a reaction favored mainly by a large negative en-
thalpy change.

C6H12O6(s) + 6O2(g) ¡ 6CO2(g) + 6H2O(l)

∆H° = -2816 kJ/mol   ∆S° = +181 J/mol # K
(a) At 37 °C, what is the value for ∆G°?
(b) In the overall reaction of aerobic metabolism of glucose, 32 moles of ATP 

are produced from ADP for every mole of glucose oxidized. Calculate 
the standard state free energy change for the overall reaction when glu-
cose oxidation is coupled to the formation of ATP at 37 °C.

(c) What is the efficiency of the process in terms of the percentage of the 
available free energy change captured in ATP?

 5. The first reaction in glycolysis is the phosphorylation of glucose:

Pi + glucose ¡ glucose@6@phosphate + H2O

  This is a thermodynamically unfavorable process, with ∆G°′ = +13.8 kJ/mol.
(a) In a liver cell at 37 °C the concentrations of both phosphate and glucose 

are normally maintained at about 5 mm each. What would be the equi-
librium concentration of glucose-6-phosphate, according to the above 
data?

(b) This very low concentration of the desired product would be unfavorable 
for glycolysis. In fact, the reaction is coupled to ATP hydrolysis to give 
the overall reaction

ATP + glucose ¡ glucose@6@phosphate + ADP + H+

 What is ∆G°′ for the coupled reaction?
(c) If, in addition to the constraints on glucose concentration listed previ-

ously, we have in the liver cell ATP concentration =  3 mm and ADP 
concentration =  1 mm, what is the theoretical concentration of 
glucose-6-phosphate at equilibrium at pH =  7.4 and 37 °C? The answer 
you will obtain is an absurdly high value for the cell and in fact is never 
approached in reality. Explain why.

 6. In another key reaction in glycolysis, dihydroxyacetone phosphate (DHAP) 
is isomerized into glyceraldehyde-3-phosphate (GAP):

C

CH2OH

O

CH2OPO3
22

DHAP

HC

C

OH

CH2OPO3
22

GAP

H O

DG89 5 17.5 kJ/mol

  Because ∆G°′ is positive, the equilibrium lies to the left.
(a) Calculate the equilibrium constant, and the equilibrium fraction of GAP 

from the above, at 37 °C.
(b) In the cell, depletion of GAP makes the reaction proceed. What will 

∆G be if the concentration of GAP is always kept at 1/100 of the con-
centration of DHAP?

M03_MATH9763_01_SE_C03_048-071v4.1.4.indd   70 24/10/14   1:33 PM



 References | 71 

 17. For parts (a) and (b) of this problem, use the following standard reduction 
potentials, free energies, and nonequilibrium concentrations of reactants 
and products:

 ATP = 3.10 mm Pi = 5.90 mm ADP = 220 mm

 glucose = 5.10 mm pyruvate = 62.0 mm

 NAD+ = 350 mm NADH = 15.0 mm CO2 = 15.0 torr

half reaction E°′(V)

NAD+ + H+ + 2e- ¡ NADH -0.315

2Pyruvate + 6H+ + 4e- ¡ glucose -0.590

pyruvate + NADH + 2H+ ¡ ethanol + NAD+ + CO2

∆G°′ = -64.4 kJ/mol

ATP + H2O ¡ ADP + Pi + H+                     ∆G°′ = -32.2 kJ/mol

(a) Consider the last two steps in the alcoholic fermentation of glucose by 
brewer’s yeast:

pyruvate + NADH + 2H+ S ethanol + NAD+ + CO2

 Calculate the nonequilibrium concentration of ethanol in yeast cells, if 
∆G = -38.3 kJ/mol for this reaction at pH =  7.4 and 37 °C when the 
reactants and products are at the concentrations given above.

(b) Consider the degradation of glucose to pyruvate by the glycolytic  pathway:

glucose + 2ADP + 2Pi + 2NAD+ ¡ 2 pyruvate + 2ATP

+ 2H2O + 2NADH + 2H+

 Calculate ∆G for this reaction at pH =  7.4 and 37 °C.

 14. Undergoing moderate activity, an average person will generate about 
350 kJ of heat per hour. Using the heat of combustion of palmitic acid 
(∆H = -9977.6 kJ>mol) as an approximate value for fatty substances, esti-
mate how many grams of fat would be required per day to sustain this level, 
if all were burned for heat.

 15. The major difference between a protein molecule in its native state and in its 
denatured state lies in the number of conformations available. To a first ap-
proximation, the native, folded state can be thought to have one conforma-
tion. The unfolded state can be estimated to have three possible orientations 
about each bond between residues.
(a) For a protein of 100 residues, estimate the entropy change per mole upon 

denaturation.
(b) What must be the enthalpy change accompanying denaturation to allow 

the protein to be half-denatured at 50 °C?
(c) Will the fraction denatured increase or decrease with increasing  

temperature?

 16. Suppose the concentration of glucose inside a cell is 0.1 mm and the cell is 
suspended in a glucose solution of 0.01 mm.
(a) What would be the free energy change involved in transporting  

10-6 mole of glucose from the medium into the cell? Assume  
T = 37 °C.

(b) What would be the free energy change involved in transporting  
10-6 mole of glucose from the medium into the cell if the intracellu-
lar and extracellular concentrations were 1 mm and 10 mm,  
respectively?

(c) If the processes described in parts (a) and (b) were coupled to ATP hy-
drolysis, how many moles of ATP would have to be hydrolyzed in order 
to make each process favorable? (Use the standard free energy change for 
ATP hydrolysis.)

Prentice Hall, Upper Saddle River, N.J. Chapters 
2–4 extend the applications of thermodynamics 
to biochemistry.
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standard state and standard free energies, see 
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