
Chem 467               Supplement to Lecture 40

Debye-Hückel Theory and Electrochemistry

Henry's Law revisited – For the solute in an ideal dilute mixture, we find that the vapor pressure is 

proportional to the Henry's law constant, not the pure vapor pressure.

p i=xi K i

The standard state is a hypothetical pure solute that has a vapor pressure equal to the Henry's law 

constant.  The activity is defined as aH , B=
f B

K H , B
=H , B x B

If we plot activity vs mole fraction, then we would have a straight line if the solute obeys Henry's law. 

However, the activity coefficient depends on concentration, so the real behavior will deviate from the 

ideal.  In the dilute limit, however, we approach the line given by Henry's law and H approaches 1.

For nonvolatile solutes, it doesn't make sense to talk about the vapor pressure, since there isn't really 

much vapor.  However, if we plot the activity vs mole fraction, we will again see a linear behavior as 

we approach the dilute limit.  We then take the standard state to be a hypothetical solution of 1 molal 

(or molar) concentration that follows the line extrapolated from the dilute limit.  

aH , B=H ,B
c B

co

Note that the Henry's law activity is not necessarily 1 at the 1 molal (molar) standard concentration; 

there may already be significant deviations from Henry's law at this concentration.  Again, the Henry's 

law standard state is a hypothetical situation.

Activities of Ions in Solution

One case where we really have to take activities into account is for electrolyte solutions, that is 

solutions with ions.  This is because the interactions between ions are quite strong.  Simply using the 

concentrations no longer works for these solutions.  If the concentration of ions is greater than about 

10-3 mol kg-1, or 1 mmol, then we can no longer treat the solution as ideal.  In fact, it is also observed 

for strong electrolytes, such as NaCl, that as we approach the dilute limit, the activity approaches the 

concentration axis with a zero slope.  This would mean the Henry's law constant is zero, and the 

activity would be infinite for all concentrations.  That obviously won't work, so we have to do 

something different for electrolyte solutions.



Let's consider a solution of NaCl and start with the activity.  Experiments show that for this solution,

a NaCl=NaCl  c NaCl

co 
2

Note that we use the square of the concentration, not the concentration itself.  As with the Henry's law 

standard state, the activity coefficient will approach 1 as c approaches zero.

Now we know that NaCl dissociates in solution  We can write the dissociation reaction as

NaCl (aq) ⇄ Na+ (aq) + Cl- (aq)

As we have done before, we can write the ∆rG for this process as

r G=−−  salt

We also write the chemical potential of each species as we did before where we indicate the chemical 

potential of a +1 ion as µ+ and a -1 ion as µ-.  

=
o RT ln a −=−

o RT ln a− salt=salt
o RT ln asalt

We have not yet defined the standard states, but that's OK.  This gives us

rG=
o −

o −salt
o RT ln

a a−

asalt

At equilibrium, ∆rG = 0.  We can also call the difference of standard chemical potentials ∆rG°, so

rG
o=−RT ln

a a−

asalt

For a strong electrolyte, the dissociation is complete and it is appropriate to consider the chemical 

potential of the salt to equal the sum of the chemical potentials of the dissociated ions, or

salt
o =

o −
o

In other words, ∆rG° = 0 and 
a a−

asalt
=1 .  This is actually the definition of the strong electrolyte 

standard state.  We can also write asalt=a a− .  We can describe the activity of each ion in a 

Henry's law standard state, or

a=

c

co a−=−

c−

co so asalt=

c

co −

c−

co 
However, because of charge and mass balance, c=c−=c must always be true.  This lets us write

asalt=−
c2

co2



Because we always have both ions together, it doesn't make much sense to talk about their activities 

independently, so we define a mean activity coefficient ±= −
1/2

This lets us write asalt=±
2 c2

co2

which matches our limiting law.  Note that c is the concentration of the salt.  In the dilute limit, ±

approaches 1.

We can apply a similar approach to other salts.  If we have a salt of the form MpXq, then we find that 

the limiting behavior is asalt∝ c
co 

s

where s = p + q

This gives us asalt=a
p a−

q = c /c
o p − c− /c

o q

We now define the mean activity coefficient as ±=
p −

q 1/s

When one mole of salt dissociates, we will have p moles of cations and q moles of anions.  So

c= pc and  c−=q c

Putting it all together gives us asalt=p p qq ±
s c /cos

Calculating Mean Ionic Activity Coefficients: Debye-Hückel Theory

So now we have an effective activity coefficient to describe our ionic solution, but what do we do with 

it?  It was Peter Debye and Erich Hückel who went through a lengthy derivation based on some 

physical arguments.  We won't go through the whole thing; it requires some rather detailed 

electrostatics.  We will, however, discuss the basic ideas and the conclusions.

Ions in a solution will interact through Coulombic interactions, which can be quite long-range. 

However, because the ions can move around in the solution, an ion of a given charge is likely to be 

surrounded by counter ions.  Overall, the solution is electrically neutral, but the local density of ions 

will fluctuate with negative ions grouping around a single positive ion, and vise versa.  Thus an ion is 

effectively screened by a cloud of counter ions.  This stabilizes the ion in the solution, lowering its 

chemical potential.  The distance over which this shielding takes place is known as the Debye length. 

(The Debye length is not just used in ionic solutions, but also in plasma physics and other applications 

of electrostatics where you have species of opposite charge.)



After working through some involved electrostatic derivations, Debye and Hückel were able to show 

that the mean activity coefficient for a dilute electrolyte solution can be written as 

log±=−∣z z−∣A I 1/2

Items in this equation need to be explained.  First, this is a base 10 log, not the natural log.  The z's 

represent the charge number of the ions.  A is a constant and equals 0.509 for an aqueous solution at 

25°C with concentrations given in molality.  I is the ionic strength and is given by

I=1
2∑i

z i
2ci /c

o where c° is the standard state of 1 molal solution.

We can see that for a solution of salt of the form MX, the ionic strength is basically the molality of the 

solution.  I = ½ (1•c/c° + 1•c/c°) = ½ (2 c/c°) = c/c°

If we have a salt MX2, then the ionic strength is

I = ½ (4•1 c/c°  + 1•2 c/c°) = 3 c/c°

This expression is known as the Debye-Hückel limiting law, because it only holds for dilute solutions. 

As the ionic strength of the solution increases, this expression no longer models the behavior of the real 

solution.  To remedy this problem, Debye and Hückel went back to the drawing board and made less 

stringent assumptions.  

Extended Debye-Hückel Law 

When the ionic strength is too high, then we have to use the extended Debye-Hückel law, which is

log±=
−A∣z z−∣I 1 /2

1B I 1 /2 C I

where B and C are additional constants.  The extended law does a better job of fitting data, up to about 

0.1 mol kg-1 of electrolyte.  Note that if B and C are zero, we are right back to the limiting law.

Electrochemistry

We will now explore a particular type of reaction, an electrochemical reaction.  Such reactions are 

particularly useful, because we can use them to produce electrical work, either to use for an appliance, 

or as occurs in biological systems.  This is a good application of the ideas we have already developed.

Half-reactions and electrodes – Electrochemical reactions are of the redox variety and involve transfer 

of electrons.  We can write for this process two half-reactions in the form

Ox + v e-  → Red



For example, the dissociation of AgCl 

AgCl (s)  → Ag+ (aq) + Cl- (aq)

can be written as the difference of two half reactions

AgCl (s) + e-  → Ag (s) + Cl- (aq)

Ag+ (aq) + e-  → Ag (s)

In an electrochemical cell, we have two electrodes.  At one electrode, 

oxidation occurs and electrons are produced.  This is the anode.  These 

electrons will flow through a circuit to the other electrode, the cathode, 

where reduction takes place.  The anode has a negative charge, and the 

cathode has a positive charge.

Varieties of Cells 

The simplest cell has a single electrolyte solution with two electrodes 

immersed in it.  Some cells have the electrodes immersed in different 

electrolytes.  In the case of a Daniell cell, the two solutions are separated 

by a porous pot.  In such a case, there is something called a liquid 

junction potential between the two solutions.  Often a salt bridge is used 

to connect two separate electrolyte solutions and this reduces the liquid 

junction potential to almost zero.

Notation – Vertical bars are used to denote phase boundaries.  A line of 

dots is used for a liquid junction.

Zn (s) | ZnSO4 (aq) : CuSO4 (aq) | Cu (s)

If there is a different interface, such as a salt bridge, that reduces the 

liquid junction potential, we use two vertical lines.

Zn (s) | ZnSO4 (aq) || CuSO4 (aq) | Cu (s)

Electromotive Force 

If the galvanic cell has not reached equilibrium, then current is flowing through the circuit and that 

current can be used to do work.  The work that can be done depends on the difference in the potentials 

of the two electrodes.  We know that the maximum non-expansion work that can be done by a process 



is given by ∆G for that process.  As the reaction advances, we have a change in the chemical potential 

given by

r G=∂G
∂ T , p

or dw e=dG=r G d 

where dwe is the electrical work.  As the reaction proceeds, it will produce v moles of electrons for 

every mole of reaction, or d  moles of electrons.  The amount of charge transported will be 

− e N A d  where e is the elementary charge and NA is Avogadro's number.  We can use Faraday's 

constant, F = e NA.  The work of transporting a charge is the product of the charge and the potential 

difference, E.  dwe=E dQ

Thus the electrical work is written as dw e=−FE d =r G d 

Thus, r G=−F E

Now we can discuss electrical effects in terms of thermodynamic data.  If we use the relation

r G=r GoRT lnQ

we can write − F E=r GoRT ln Q or E=
−r G o

F
− RT
F

lnQ

E is the electromotive force, or emf.  We can define the standard emf as

Eo=
−r G o

F

and we have the Nernst equation E=E o− RT
F

ln Q

Note the similarity in form to what we have done before and watch the sign.

If the cell is at equilibrium, then E = 0 (∆rG = 0), and we have ln K=
F Eo

RT

Thus, if we know the standard potential for a system, we can determine the equilibrium conditions for 

the cell.  Note that if the system is at equilibrium, no electrical work is being done.

Standard potentials – As with energy, we can't measure absolute values of emf, only differences from 

a chosen reference point.  We thus need to designate a standard reference and compare all electrodes to 

that.  The reference is the standard hydrogen electrode (SHE), which is a platinum electrode with H2 

gas over it.

Pt (s) | H2 (g) | H+ (aq) E° = 0



In this system, we want the activity of H+ to be 1, so it is done at pH = 0.  We also have 1 bar H2 (g).

To determine the standard potentials of other electrodes, we build a galvanic cell with the SHE on one 

side and another electrode on the other.  Let's determine the standard potentials of the Ag/AgCl 

electrode.  The cell is written as

Pt (s) | H2 (g) | HCl (aq) | AgCl (s) | Ag (s) ½ H2 (g) + AgCl (s)  → HCl (aq) + Ag (s)

We write the Nernst equation as

E=E oAgCl / Ag ,Cl−− RT
F

ln
a H aCl −

aH 2

1/2

We will take the activity of the H2 (g) to be 1.  We can also write aH =±
c
co  and aCl −=±

c
co

E=Eo− RT
F ln c2

co 2−
RT
F ln ±

2 or

E 2RT
F

ln c
co=E o−2RT

F
ln ±

For HCl, we can use the limiting Debye-Hückel.  Recall log±=−∣z z−∣A I 1/2  and I = c for a 1:1 

electrolyte, so we can write ln±=C  c
co 

1 /2

where C is a constant.

This lets us write

E 2RT
F

ln c
co=E oC  c

co 
1/2

where the 2 RT/F has been folded into C.

Now, if we plot E + 2 RT/F ln c vs. c1/2, we should fit to a straight line.  The intercept where c = 0 will 

be E°.

We have tables of standard potentials for many types of electrodes.  If we have a new process that is not 

on the tables, we can determine its standard potential by adding and/or subtracting the corresponding 

standard Gibbs energies of reaction.  It is important that we go through the reaction Gibbs energy 

because standard potentials are intensive; doubling the amount of the reaction doesn't double the 

potential.  Each half reaction has a set number of electrons that are involved.  Note that half reactions in 

the tables are written in the form 

Ox + v e-  → Red

If the reaction is reversed, we reverse the sign on the standard potential.  



We can also use the standard potential of a cell reaction to determine which way the reaction proceeds. 

We get the potential of the cell reaction by using the standard potentials of the half reaction.  We can 

relate this potential to the Gibbs energy through Eo=
−r Go

F
.  For the reaction to be spontaneous as 

written with all reagents at standard state, ∆rG° should be negative, which means that the standard 

potential of the cell reaction must be positive.  If we are in conditions other than standard, we use the 

Nernst equation for the specific conditions.

Electrochemical Series  

If we rank possible electrode materials by their standard potentials, we have something known as the 

electrochemical series.  If we want to spontaneously reduce a particular metal, for example, we need to 

choose a counter electrode that has a lower standard potential.  Symbolically, if the cell reaction is

Red1 + Ox2  → Ox1 + Red2  E° = E2° – E1°

so E2° > E1° must be true for the reaction to spontaneously proceed as written.  A portion of the 

electrochemical series is given in the table below.

Metal Half Reaction E° / V Metal Half Reaction E° / V

gold Au+ + e-  → Au + 1.69 nickel Ni2+ + 2 e-  → Ni – 0.23

platinum Pt2+ + 2 e-  → Pt + 1.20 iron Fe2+ + 2 e-  → Fe – 0.44

mercury Hg2+ + 2 e-  → Hg + 0.86 zinc Zn2+ + 2 e-  → Zn – 0.76

silver Ag+ + e-  → Ag + 0.80 chromium Cr2+ + 2 e-  → Cr – 091

copper Cu+ + e-  → Cu + 0.52 aluminum Al3+ + 3 e-  → Al – 1.66

copper Cu2+ + 2 e-  → Cu + 0.34 magnesium Mg2+ + 2 e-  → Mg – 2.36

(hydrogen) 2 H+ + 2 e-  → H2    0* sodium Na+ + e-  → Na – 2.71

lead Pb2+ + 2 e-  → Pb – 0.13 calcium Ca2+ + 2 e-  → Ca – 2.87

tin Sn2+ + 2 e-  → Sn – 0.14 potassium K+ + e-  → K – 2.93

• The standard reduction potential of hydrogen is zero by definition.



Applications 

There are many biochemical applications of these ideas.  I'll leave those for you to investigate on your 

own.  I'm going to now cover something non-biological, and that is fuel cells.  A hydrogen-oxygen fuel 

cell uses gases as the fuel and the oxidizer and only produces water as a byproduct.  The cell is 

constructed as a sandwich.  At the center is an ion exchange membrane that allows H+ ions to flow 

through it.  It does not allow gases to cross.  The electrodes are often coated with a platinum layer to 

act as a catalyst.  As hydrogen gas enters from one side, it dissociates to produce H+ ions and electrons. 

The electrons flow through the circuit and the ions transport across the membrane.  On the other side, 

oxygen gas enters and is reduced to form water.  The half reactions are

2 H+ + 2 e-  → H2 (g) E° = 0

½ O2 (g) + 2 H+ + 2 e-  → H2O (l) E° = 1.2288 V

H2 (g) + ½ O2 (g)  → H2O (l) E° = 1.2288 V

So long as the two gases are continuously supplied to the fuel cell, it can produce a current.  There are 

some drawbacks, however.  Hydrogen storage is a big problem.  Driving around with tanks of hydrogen 

gas is probably not a good idea.  Other attempts at hydrogen storage, including metal hydrides, have 

their own problems.  Also the electrical resistance of the cell must be minimized.  Operation at high 

temperature overcomes some problems, but also introduces others.


