
REDUCTION POTENTIAL 

Iron and copper are two common metals in biology, and they are both involved in 

electron relays in which electrons are passed from one metal to another to carry out 

transformations on substrates in cells.  But which one passes the electron to which?  

Or can it go either way? 

How easily one metal can pass an electron to another, or how easily one metal can 

reduce another, is a pretty well-studied question.  There are some preferences, some of 

which can be easily understood. 

In order to look at this question, electrochemists typically measure the voltage 

produced when a circuit is set up that includes an electron made of the metal in 

question and an electrode made of a "standard hydrogen electrode".  In a standard 

hydrogen electrode, hydrogen gas (H2) reacts on a platinum surface to produce two 

electrons and two protons.  The electrons travel along a wire to the other electrode.  

The other electrode sits in an aqueous solution containing a salt of the metal in 

question. How easily is the metal ion reduced by accepting the electrons from the 

standard hydrogen electrode?  The more downhill energetically this process is, the 

more positive is the voltage measured in the circuit.  

 

For example, we might put some copper(II) salts, such as CuSO4, into the solution 

together with a copper electrode. Then we would see whether the copper in solution is 

spontaneously reduced to copper metal.  That would happen, essentially, if the copper 

ion is more easily reduced than a proton.  Thus, an electron released by hydrogen 



flows from the platinum electrode to the copper electrode and is picked up by copper 

ions waiting in solution.  

Otherwise, what would happen if the reaction were not spontaneous?  If no reaction 

occurred at all, maybe there would be no voltage.  However, if the opposite reaction 

were to occur -- if copper were able to provide an electron to convert protons into 

molecular hydrogen -- then current would flow through the circuit in the opposite 

direction.  A voltage would register, but it would be negative. 

As it happens, the reaction is spontaneous, the hydrogen does send electrons through 

the wire, turning into protons in the process, and at the other end of the wire, the 

copper ion is converted into copper metal, putting another layer on the surface of the 

electrode.  The voltage is about 0.34V. 

This is a comparative, rather than absolute, measurement. We are measuring the 

intrinsic potential of an electron to be transferred from one species, a hydrogen 

molecule, to another, a Cu(II) ion.  

It is also an intensive, rather than extensive, property.  It does not matter how much 

copper we have, or how much hydrogen; the electron still has the same natural 

tendency to flow from the hydrogen to the copper. 

The results of many such studies, carefully measured under specific conditions for 

maximum reproducibility, are gathered in a table of reduction potentials.  The 

reactions are referred to as "half-reactions" because they each provide only half the 

picture of what is going on.  The electron in each reaction doesn't come from 

nowhere; every reaction in the table would involve transfer of an electron from 

elemental hydrogen to form a proton. 

Half Reaction  (species are aqueous unless noted otherwise) Potential, Volts 

Li
+
 + e

-
 →   Li (s) - 3.04 

Al(OH)3(s) + 3e
-
 →   Al(s)  +  3OH

-
 - 2.31 

Al
3+

 + 3e
-
 →   Al (s) - 1.662 

Zn
2+

 + 2e
-
 →   Zn (s) - 0.762 

Fe
2+

 + 2e
-
 →   Fe (s) - 0.44 

CO2(g)  +  2H
+
 + 2 e

-
 → CO(g) + H2O - 0.11 

SnO (s)  +  2H
+
 + 2 e

-
 → Sn (s) + H2O - 0.10 

2 H
+
 + 2 e

-
 → H2(g) 0.00 

Fe3O4(s) + 8 H
+
 + 8 e

-
 → 3Fe(s) + 4 H2O + 0.085 

Cu
2+

   + 2e
-
  →   Cu

0
 + 0.34 



Ag2O (s) +  H2O  + 2 e
-
   →   2 Ag (s) + 2 

-
OH (aq) + 0.342 

O2(g) + 2 H2O + 4e
-
 →  4 

-
OH + 0.40 

CO(g)  +  2H
+
 + 2 e

-
 → C(s) + H2O + 0.52 

Cu
+
 + e

-
 →  Cu (s) + 0.52 

MnO4
-
  + 2 H2O + 3e

-
 → MnO2(s) +  4  OH

-
 + 0.59 

Fe
3+

  + e
-
 →   Fe

2+
 (aq) + 0.77 

Ag
+
 + e

-
 →  Ag (s) + 0.796 

MnO2 +4 H
+
 + 2e

-
 → Mn

2+
 + 2 H2O + 1.23 

MnO4
-
 + 4 H

+
 + 3e

-
 → MnO2(s) + 2 H2O + 1.70 

Au
+
 + e

-
 →  Au (s) + 1.83 

F2 (g)   + e
-
  →   2F

-
 + 2.87 

Much more extensive tables of reduction potentials can be found; for example, see the 

following Wikipedia data page. 

A positive reduction potential indicates a spontaneous reaction.  That makes sense, for 

instance, in the reaction of fluorine to give fluoride ion.  For that reaction, E0 = 2.87 

V. Of course, fluorine is a very electronegative element, and it will spontaneously 

accept an electron to obtain a noble gas configuration.  

A negative reduction potential, on the other hand, indicates a reaction that would not 

occur spontaneously.  For example, we would not expect lithium cation to accept an 

electron.  We are used to thinking about alkali metals easily giving up their electrons 

to become cations. The reduction of lithium ion has a reduction potential E0 = -3.04 

V.  This reaction would only occur if it were driven by an expenditure of energy. 

The opposite reaction, on the other hand, would be the oxidation of lithium metal to 

give a lithium cation.  That reaction would occur spontaneously, and would have a 

spontaneous "oxidation potential".  In fact, that value is + 3.04 V.  The oxidation 

potential is always the same magnitude of the reduction potential for the reverse 

reaction, but with the opposite sign. 

These signs may seem counter-intuitive if you are used to thinking of free energy 

changes.  A negative free energy change means energy is lost in a reaction.  A positive 

free energy change means energy must be put into a reaction to drive it forward.  In 

fact, reduction potential and free energy are closely linked by the following 

expression: 

ΔG = - nFE0 

http://en.wikipedia.org/wiki/Table_of_standard_electrode_potentials


 in which n = number of electrons transferred in the reaction; F = Faraday's 

constant, 96 500 Coulombs/mol. 

So, a positive reduction potential translates into a negative free energy change. 

Note that reduction potentials are pretty sensitive to changes in the environment.  

Factors that may stabilize one particular metal ion may not have the exact same effect 

on another, and so the preference for one state versus another will be altered slightly 

under different conditions. 

For example, permanganate ion (MnO4
-) has a more positive reduction potential under 

"acidic conditions" (with excess protons in solution) compared to  "basic conditions" 

(with a paucity of protons in solution and instead an excess of hydroxide ion).  The 

reduction potential under acidic conditions is +1.23V, compared to +0.59 V under 

basic conditions. 

Tables of reduction potentials are also useful in assessing the opposite reaction.  For 

example, lithium metal spontaneously reduces protons to produce hydrogen gas, 

becoming lithium ion in turn.  The potential for that reaction is simply the opposite of 

the reduction potential of lithium ion; this is called the oxidation potential of lithium 

metal.  The more positive a metal's oxidation potential, the more easily it is oxidized.  

However, we don't need a separate table of those values; they are just the opposite of 

the reduction potentials.  Reactions with negative reduction potentials easily go 

backwards, reducing the proton to hydrogen gas by taking an electron from the 

reducing agent. 

However, the most important use of standard reduction potentials is combining them 

to find out the potential of new reactions. 

For example, when it says in the table that 

Cu+ + e- →  Cu (s)      E0 = 0.53 V 

It really means that is the potential produced for a specific reaction involving electron 

transfer between hydrogen and copper ion: 

H2(g)   +   2 Cu+  →  2 Cu (s)   +   2 H+     E0 = 0.53 V 

And when it says that 

Fe2+ + 2e- →   Fe (s)      E0 = -0.44 V 



It really means that 

H2(g)   +   Fe2+  →   Fe (s)   +   2 H+     E0 = -0.44 V 

But now we know that reaction is endergonic, with a negative reduction potential and 

a positive free energy change.  However, the reverse reaction 

Fe (s)   +   2 H+    →    H2(g)   +   Fe2+      E0 = 0.44 V 

has a positive reduction potential and would proceed easily. 

Now, if we combine those previous reactions, simply by adding them together 

H2(g)   +   2 Cu+      +    Fe (s)   +   2 H+    →    H2(g)   +   Fe2+    +     2 Cu (s)   +   

2 H+      E0 = 0.44 + 0.53 V 

and simplifying 

2 Cu+      +    Fe (s)       →    Fe2+    +     2 Cu (s)        E0 = 0.97 V 

That means the hydrogen reaction doesn't need to be involved at all.  It's just a 

common reference point for all the other reactions.  If we know how far uphill (or 

downhill) any two reactions are compared to that one, then we know how they 

compare to each other, too. 

We should note that electrochemistry is a business that demands great care.  There are 

a number of factors that can cause variations in the potential that is measured, and so 

we need to be very careful to control for those factors.  For example, if there is a 

buildup of charge in one solution or another (because we are taking cations out of 

solution in one case and putting them into solution in the other), the ability to remove 

more electrons at one electrode and deliver them at another may be hindered. For that 

reason, a "salt bridge" is incorporated into the design of the system; this bridge allows 

ions to diffuse from one cell to the other in order to keep charge balanced.  Also, the 

solutions are maintained at a standard concentration to make sure measurements are 

always made in comparable circumstances. Finally, non-reactive electrolytes (salts) 

are added to solution to aid in conductivity and maintain a constant ionic strength. 



 

 

Source: http://employees.csbsju.edu/cschaller/Reactivity/redox/ROrednpotl.htm 


