
II. Equilibrium Thermodynamics 

Lecture 8: The Nernst Equation 

Notes by MIT Student (and MZB 2012) 

 Chemical Activity 

n general, we can define the chemical activity of species i as follows,  
δG 

µi =

 
= kBT log(ai) + zieΦ (per particle) (1)

δNi Nj ,T,P,Φ 

lternatively, we can consider the chemical activity per mole, in which case: 

µi = RT log(ai) + ziF Φ (per mole) (2) 

R = universal gas constant = kBNA (3) 
J 

= 8.31 (N 23

  A = 6  10 particles)
K mol

×

F = Faraday’s constant = NAe = 96, 487 C (4) 
kBT RT 

= = thermal voltage =at25 ◦C 26mV (5) 
e F 

ince we focus on microscopic mechanisms, we will typically define physical 
roperties per particle. 
As shown in our example above, for a dilute solution, the activity is 

imply the concentration. In a concentrated solution, there are corrections 
elated to all other contributions to the chemical potential, which can be 
xpressed via an activity coefficient γi, whose precise definition depends on 
he way of measuring concentration (per volume, per mass, per site, etc.) 
nd is typically scaled such that γi = 1 in the limit of infinite dilution: 

 c  m x pai = γi ci = γi mi = γi xi = γi pi = . . . (6) 
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where ci = species concentration (e.g. M = molar = moles/liter), mi = 
molality in solution (mol/kg solvent), xi = mole fraction or filling fraction 
of available sites (dimensionless), pi = gas partial pressure (atm), etc. The 
activity coefficient is also related to the excess chemical potential 

ex µi  = kBT ln γi (7)

which contains all the contributions to chemical potential in a concentrated 
solution, which are not present in the limit of infinite dilution. 

Example: In the previous lecture, we used statistical mechanics to 
derive an explicit expression for the electrochemical potential (free energy 
change for adding an ion of charge ze) in the case of a solid solution or 
lattice gas of charged particles: 

x 
  µ− zeφ = h(x) + kB T ln = kBT ln x + µex = kBT ln(γx) (8)

1 − x 

where x is the mole fraction, h(x) is the enthalpy per site, and the second 
term comes from the entropy of mixing on a lattice. In this case, we have 

eh(x)/k  T
ex µ = h(x) −  

B

kBT ln(1 − x), and γ = (9)
1 − x 

Note that the second term in the excess chemical potential and the activity 
coefficient both grow to infinity as x → 1 due to crowding effects (reduced 
entropy of vacancies in the lattice). Increased activity means larger chemical 
potential, and thus greater tendency to have reactions or transport that 
lower the concentration by removing particles. At the simplest level, this 
is what stops battery discharge when a reactant is fully consumed. Later 
we will apply this model to Li-ion batteries, e.g. for lithium intercalation in 
cobalt oxide, LixCoO2. 

In electrostatics, the potential φ is just a theoretical construct. Only 
differences in potential (voltage drops) or gradients (electric fields E = −\φ) 
have physical meaning. As a result, the choice of a reference potential φ0 is 
arbitrary and made for convenience only. 

Similarly, in electrochemistry, only differences in electrochemical po
tential Δ = µ 0

i − µi ,  which drive charge transfer reactions or ion trans
port, have physical  meaning. This motivates setting a reference state with 
µ0
i = kT  log 

h
a0i
i
+  zieφ0Reference states are usually defined in terms of a 

standard concentration (1 M for all species), room temperature (25 ◦C) and 
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electrode
(usually
metal)

electrolyte

"half cell"

+ziφ
e

atmospheric pressure (1atm). Just as only potential differences µ 0
i − µi are 

meaningful, only activity ratios ai0 are.a
 

i 

 a
µi − µ0

i = k  
 

i
T log

 
= zie(φ − φ0) (10)

a0i 

Note: the reference activity is normally dropped, and it is understood that 
a = 1 in the standard reference state.        

2 Faradaic reactions in equilibrium 

Any Faradaic “half-cell” charge-transfer reaction at an electrode can be ex
pressed in the following standard form, producing n electrons: 

zsiM i 
i → ne 

−  (11)
i 

where 

si = stoichiometric coefficients (12) 
Mi = chemical symbols (13) 
zi = charge numbers (14) 
n = number of electrons transferred (15) 

Charge conservation requires  
sizi = −n (16) 

i 

The forward direction of the Faradaic reaction represents oxidation, or 
increase of the charge state of the molecules (on the left hand side) while 
liberating electrons. In a galvanic cell, electrons flow spontaneously from 
the anode to the cathode, so the forward direction of the reaction is also 
called the anodic reaction. At the anode, si > 0 for reactants, and si < 0 for 
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products, while the signs are reversed for a cathodic reaction which consumes 
electrodes and leads to reduction of the charge state of the molecules. 

For example, the hydrogen oxidation reaction can be written as 

H2 − 2H+ → 2e− 

(sH2 = 1, sH+ = −2, zH+ = 1, n = 2) 
In equilibrium, the total electrochemical potential of each side of the 

reaction must be equal, which implies ∑
siµi = nµ − e (17)

i 

For an electrode, the electrochemical potential of the electron is the Fermi 
energy of the highest occupied electronic quantum state. The energy per 
charge is the potential of the electron, φe, so we can write 

µ =− e  −eφe (18)

The electrostatic potential of the electron, φe, is different from that of 
all the ions, φ, in the electrolyte. The electrostatic potential of the electron 
minus that of the ions is the Nerst potential or interfacial voltage drop: 

Δφ = φe − φ (19) 

We are now ready to derive a general thermodynamic formula, the Nernst 
Equation, relating the interfacial voltage Δφ to that of a reference state in 
equilibrium, Δφ0 . 

For the reference state we have, ∑
0 s 0

iµi = −ne(φe) (20)
i 
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This implies  

ne(φ0 
e − φe) = si(µi − µ 0 

i ) (21) 
i   

= 
i 

si kT log  
ai 
a0 
i 

+ zie(φ − φ0)  (22) 

= 
i 

si kT log  
ai 
a0 
i

− ne(φ − φ0)  (23) 

ne(φ0 
e − φe + φ − φ0) = 

i 
si kT log  

ai 
a0 
i   (24) 

ne(Δφ0 − Δφ) = 
i 

si kT log  
ai 
a0 
i   (25) 

Δφ = Δφ0 − 
i 

si
kT 
ne 

log 
ai 
a0 
i

(26) 

This gives the Nernst Equation: 

 sikT ai
Δφ = Δφ0 − log (27)0ne aii 

∑
∑
∑
∑
∑

∑

(
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(

(

( )

)

)

which shows how the interfacial voltage of the half-cell reaction varies with 
reactant activities away from the reference state. 

3 Standard Potential 

The standard potential of an electrode is its interfacial voltage minus that 
of a standard reference electrode. 

U = Δφ − Δφstandard electrode (28) 

(Note: In electrochemistry, it is common to use the symbol E for voltage, 
 referring to “electromotive force”, and write standard potential as EΘ. We 

reserve E for electric field,  and use V for voltage and UΘ for the standard 
potential. ) 

  A negative standard potential, UΘ < 0, indicates the electrode with that 
reaction will act as an anode vs. the standard reference electrode, favoring 
oxidation and the production of electrons. A positive standard potential, 
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U θ (Volt) 
Limetal →   Li+ +(aq)  e− -3.045 
P b + SO4 → P  bSO4 + 2e− -0.356 
H2 → 2H+ − 2e− 0 

 →  +  2H2O O2 + 4H + 4e− 1.229 
    PbSO +

4 + 2H2O → P bO2 + SO4
− + 4H + 2e− 1.685  

UΘ > 0, is for a reaction that acts as an cathode versus the reference and 
favors reduction and consumption of electrons. 

In aqueous electrolytes, the usual reference electrode is the “standard 
(or normal) hydrogen electrode” (SHE), which consists of H2 gas at 1 atm 
partial pressure at room temperature undergoing fast, reversible oxidation, 
typically at a platinum electrode. As shown in the figure, one can measure 
the potential of another electrode relative to SHE by preparing two aqueous 
solutions connected by a low-resistance salt bridge which allows ions to pass 
and equilibrate across the two chambers, while a very small current is drawn 
to measure the open circuit voltage of the cell. If the test system is at 
standard conditions  (1atm, 25 ◦C) then we write U θ = standard potential 
relative to SHE. 

Some examples are shown in the table: lithium oxidation, lead-acid bat
tery reactions, and PEM fuel cell reactions. 

4 Cell Open Circuit Voltage (OCV) 

In equilibrium, the open circuit voltage can be obtained as the difference of 
the two half-cell voltages. Under standard conditions, this is just given by 
the difference of standard potentials, which can be looked up in a table or 
measured experimentally. 

For example, we can create a galvanic cell with lithium metal oxidation 
(electrodissolution) occurring at the anode, and oxygen gas reduction to 
produce water occurring at the cathode, as shown in the figure. The open 
circuit voltage under standard conditions would be V0 = 1.229 − (−3.045) = 
4.3V . 
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Li

Li

H

PEM

O

HO2

2+

+
water

More generally, we use the Nernst equation to describe how the OCV 
changes with the activities of the reactants away from standard conditions. 

Let φa and φc be the potentials at the anode and cathode respectively. 

V0 = φc − φa (29) 
= Δφc − Δφa (30) 

 V Θ
0 = UΘ −  

c Ua (31)

( ai )si (cathode reaction)
 kT     i 0

= a
V 0

⎛ 
i  − ln ⎝  aj (32)

ne sj 
j( 0 ) (anode reaction) a

 

⎞
j 

Potential and composition of electrolyte don’t matter, since

⎠
 electrolyte 

properties are assumed to be uniform and constant in equilibrium at zero 
current. By charge conservation, net cell reaction involves only neutral 
reactants and products. 

0 kT 
 
aproducts 

V0 = V  − ln (33) 
ne areactants 

 
If V0 = 0 then the reactants and products are in equilibrium. 

5 The Equilibrium Constant 

Define K to be the equilibrium constant where K = areactants given V0 =a  0.
products

 
 

When VO = 0, there is no spontaneous current flow, and thus no chemical 
driving force between the anode and the cathode. In that case, the cell is in 
equilibrium and by definition: 

kT neV 0 

V 0 = ln(K) ∴ K = e kT (34) 
ne 
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K effectively gives the ratio of concentrations of products to reactants, 
hence the simple connection with the standard cell voltage VO. 

Example - Short-circuited PEM fuel cell in equilibrium: 

V 0 = 1.229V (35) 
n = 2 (36) 

kBT 
= 26mV (37) 

ne 
∴ K ≈ e100  » 1 (38) 

So essentially all H2 and O2 are converted to H2O. 
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