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UNIT 9: Chemical Thermodynamics II & Electrochemistry 
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TOPIC 9A: Entropy Introduction 

TOPIC 9B: Absolute Entropy & ∆S 
  

One might assume that a reaction with a negative ∆H value would always proceed since the products 

have a lower enthalpy than the reactants and are more stable. However, this is not necessarily so. If a 

reaction has a very high energy of activation then it will not occur and is described as kinetically stable or 

under kinetic control. In these circumstances it is possible that a reaction that one might predict as being 

highly likely, produces little or no products. 

 

An example is the oxidation of ammonia by oxygen to produce nitrogen monoxide and water. The ∆H for 

this reaction is - 909 kJ mol-1 showing ammonia and oxygen to be very unstable. However the reaction 

does not proceed due to the high activation energy and as a result the reactants are said to be kinetically 

stable and the reaction does not occur. 

 

Similarly, one might assume that a reaction with a positive ∆H will never proceed since the products have 

a higher enthalpy than the reactants and are less stable. However, some endothermic reactions do 

proceed, for example, KCl(s) + (aq) → KCl(aq) where ∆H = + 19.2 kJmol-1 

 

Since in this reaction there is also an activation energy that must be obtained before the reaction will 

proceed, we can say that the ∆H value and the activation energy are not the only factors that determine 

whether a chemical reaction will (or won’t), take place. 

 

By carefully examining the process of KCl solid dissolving, we can see that there is a change from a 

relatively ordered (organized) state, a solid, to a relatively less ordered (disorganized state), a solution. 

The degree of disorder or dispersal of energy in a reaction is called the entropy and is given the symbol, 

S. In the reaction above there has been an increase in entropy, i.e., the matter has become more 

dispersed; in such cases ∆S is assigned a positive value. 

 

A pure, perfect crystal at 0 K (absolute zero) is assigned an absolute entropy = 0, that is to say it is 

completely ‘organized’ or completely ‘ordered’. The absolute entropies of substances in the real world 

(not at 0 K) are measured relative to that, and as such all have values that are greater than zero*. The 

state, temperature, number of particles and volumes of gases are all important factors in entropy, and we 

find that; 

 

*aqueous ions are measured relative to a different zero, so may have negative values. 
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absolute entropy of solids < absolute entropy of liquids <<< absolute entropy of gases 

and 

absolute entropy of a small number of particles is less than the absolute entropy of a large number of similar 

particles 

and 

absolute entropies of gases with smaller volumes are less than the absolute entropies of gases with larger 

volumes, since the ones with larger volumes have more space to be dispersed in 

and 

entropy increases with increasing temp since particles can move around more, the distribution of their energies is 

increased, and they are more dispersed 

 
Task 9.1 

 
1. Predict the sign of ∆S° in these reactions. 
 
 (a) MgO(s) + H2O(l) → Mg(OH)2(s) 
 (b) Na2CO3(s) → Na2O(s) + CO2(g) 

 
2. Which of the following has the greater entropy? 
  
 (a) A metal at 273 K, or the same metal at 400 K 
 (b) A flexible soft metal like lead, or diamond, a rigid solid  
 (c) Two samples of the same gas, at the same temperature, but one with at a pressure  
  of 1 atm and the other at a pressure of 0.5 atm 
 

The change in entropy (∆S°) in a reaction can be found by subtracting the sum of the absolute values of 

the entropy of the reactants from the sum of the absolute entropies of the products. 

 

∆S° = ΣS°products - ΣS°reactants  
 

e.g., calculate the entropy change, ∆S° for the formation of ammonia, N2(g) + 3H2(g) → 2NH3(g). The 

absolute entropies are,193 J/(K mol) NH3(g), 192 J/(K mol) N2(g) and  131 J/(K mol) H2(g). 

 

∆S° = [(2)(193)] – [(192 + ((3)(131))] = -199 J/(K molrxn) 

 

A negative value shows the system has become less dispersed (4 moles gas  2 moles of gas). 
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TOPIC 9C: Gibb's Free Energy & Thermodynamic Favorability 
TOPIC 9D: Kinetic Control 
 

Enthalpy and entropy are brought together in the Gibbs-Helmholtz free energy equation. 

 

∆G° = ∆H°-TDS°  
 

NOTES: 

 

1. In order to apply this equation, all reactants and products in an equilibrium mixture must be present 

and in their standard states, meaning gases at 1.0 atm and solutions at 1.0 M. A temperature should 

be stated, and that is usually (but not always) 298 K. 

 

2. Entropy values tend to be given in units that involve J, whereas enthalpy values tend to be given in 

units that involve kJ. This means that when performing calculations that involve both entropy and 

enthalpy, i.e., in Gibbs Free Energy calculations, it is very important to remember that a conversion of 

one unit to match the other is often required. 

 

All thermodynamically favored chemical reactions have a value for ∆G° that is negative. The math of the 

equation above tells us that a negative ∆G° is favored by a negative ∆H° and a positive ∆S°. A 

thermodynamically favored reaction may still be a very slow one if the energy of activation is very high, so 

a reaction that has a negative value for ∆G° may not necessarily occur at a measurable rate. If this is 

true, the thermodynamically favored reaction is said to be under kinetic control. This is the reason that 

otherwise thermodynamically favored reactions sometimes appear (via observation) not to be working. 

 

Analysis of the possible sign combinations of ∆H°, ∆So and ∆G° gives us this summary. 

 

∆H° ∆S° ∆G° 

+ + 
- at high temperatures 

+ at low temperatures 

+ - ALWAYS + 

- + ALWAYS - 

- - 
- at low temperatures 

+ at high temperatures 
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A value for the Gibbs free energy change in a reaction can be calculated in much the same way as 

enthalpy and entropy, by using the following equation. 

 

∆G° = ΣGf°products - ΣGf° reactants  
 

If ∆G° is positive then the forward reaction is not thermodynamically favored (reactants are favored), and 

if it is zero then the reaction is favored equally in both the forward and backward directions (equilibrium). 
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TOPIC 9F: Coupling 
 

A reaction with a positive ∆G° can be forced to occur by applying energy from an external source, e.g., 

 

1. Using electricity in the process of electrolysis. 

2. Using light to overcome a highly endothermic ionization energy, or light initiated photosynthesis in the 

equation below that has a ∆G° = +2880 kJ/molrxn. 

 

6CO2(g) + 6H2O(l) → C6H12O6(aq) + 6O2(g) 

 

3. The coupling of a thermodynamically unfavorable reaction (positive ∆G°) to a favorable one (negative 

∆G°), where intermediates are common throughout a series of reactions, and taken together the 

reactions combine to form an overall reaction with a favorable, negative ∆G°. 

 

An important cellular reaction in biochemistry is the addition of phosphate group to a glucose molecule. It 

can be summarized thus; 

 

PO43- + glucose ⇌ glucose-6-phosphate  (reaction 1) ∆G° = +13.8 kJmol-1 
This reaction has a ∆G° value that is positive, and as such it is not thermodynamically favored. 

 

Another important reaction of cells is the conversion of ATP to ADP in the body, according to the following 

equation; 

 

ATP ⇌ ADP + PO43-    (reaction 2) ∆G° = -30.5 kJmol-1 
This reaction has a ∆G° value that is negative, and as such it is thermodynamically favored. 

 

If a cell can simultaneously covert ATP to ADP (thermodynamically favored) in reaction 2, and can then 

use the PO43- that is generated to cause (thermodynamically unfavored) reaction 1 to occur, then as long 

as the negative ∆G° for reaction 2 exceeds the positive ∆G° for reaction 1, then the overall reaction (a 

combination of reactions 1 and 2) will be thermodynamically favored. 

 

ATP + glucose ⇌ glucose-6-phosphate + ADP  (overall) ∆G° = +13.8 +(-30.5) = -16.7 kJ mol-1 

 

The process of combining non-thermodynamically favored and thermodynamically favored reactions to 

produce an overall thermodynamically favored reaction is called coupling.  
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TOPIC 9E: The Relationship between ∆G° and K 
 

Consider the mathematical relationship between ∆G° and K shown below, and remember two things. 

 

 oΔG = - RT ln K  

 

1. That K has a range of magnitudes that is massive, from incredibly tiny numbers such as 10-40, to 

incredibly massive numbers such as 10120, BUT that K will always be positive. 

2. That ∆G° has a range of magnitude that tends to be more narrow than those of K, BUT that ∆G° 

can be either positive or negative. 

 

Consider three scenarios. 

 

Large magnitude negative values for ∆G° will lead to large magnitude (much greater than 1) values for K. 

Large values of K show that reactions are thermodynamically favored, with many products compared to 

reactants at equilibrium. 

 

Large magnitude positive values for ∆G° will lead to small magnitude (much less than 1) values for K. 

Small values of K show that reactions are thermodynamically unfavored, with many reactants compared 

to products at equilibrium. 

 

When the value of ∆G° is close to zero (i.e., not very positive or very negative) that will lead to values for 

K that are close to 1. Such values of K show that reactions are close to having reactants and products 

equally favored at equilibrium. 

 

NOTE: ∆G° assumes standard conditions of 1 atm for gases and 1 M for solutions. This means that when 

the conditions differ from those standard values (in terms of different pressures and/or different 

concentrations), that a previously positive (or negative) ∆G° value, will take on a new ∆G value under 

these new conditions. In some cases (where ∆G° is close to 0), not only does the magnitude change, but 

the sign will change too, causing a previously non-favored reaction to become favorable, and vice-versa. 

There is an equation which allows the calculation of such things namely, ∆G = ∆G° + RT ln Q, but this no 

longer appears on the Equations & Constant sheet that comes with the new exam, so such calculations 

not are necessary. However, you should understand that initial conditions, outside of standard ones, 

might cause a favored reaction to actually produce very few products, and non-favored one to actually 

produce products. 
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TOPIC 9G: Electrochemistry I  
 
Electrode potentials and half-cells 
 

When a metal is placed in a solution containing its own ions, a reversible reaction is set up. 

 

Mx+(aq) + xe- ⇌ M(s) 

 

Reactive metals such as Mg, lose electrons readily, and the reaction lies relatively to the left. 

 

Mg2+(aq) + 2e- ⇌ Mg(s) 

 

Less reactive metals such as Ag, show less tendency to lose electrons, and the reaction lies relatively to 

the right.  

 

Ag+(aq) + e- ⇌ Ag(s) 

 

Non-metals can also be considered, for example, 

 

H+(aq) + e- ⇌ ½H2(g) 
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So, whenever an element is placed in contact with a solution containing its own ions, an electric charge 

will develop on the metal or, in the case of a non-metal, on the inert conductor placed in solution. The 

charge is called the electrode potential, and the system is called a half-cell. The sign and size of the 

charge will depend on the relative ability of the element to lose or gain electrons when compared to the 

hydrogen half-cell, H+(aq) + e- ⇌ ½H2(g). In order to make meaningful comparisons it is necessary to 

stipulate a set of standard conditions under which the electrode potentials are measured. The Standard 

Electrode Reduction Potentials (SERP) of half-cells, E° are defined as the electrode potential of a half-

cell, measured relative to a standard hydrogen electrode, which has a value of 0.00 V, under standard 

conditions of 298 K, gases at a pressure of 1.0 atm, and solutions at concentrations of 1.0 M. 

 

 

The practical use of the hydrogen half-cell for 

determining E° values suffers from at least two 

problems. 

 

 It is difficult and time consuming to set up 

the hydrogen half-cell 

 It is fragile and non-portable 

 

These electrode potentials can be tabulated to show the relative tendency for each species to gain 

electrons. The more positive values can be thought of as being more likely to gain negative electrons, and 

the more negative values can be thought of as being more likely to lose negative electrons. 

 

The table on the next page used to come with the AP chemistry exam but it no longer does. Now, if a 

particular value for a half-reaction is required, it will be embedded in the question itself.
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Electrode potentials 
 

 Species that appear at the top of the series gain electrons most readily and therefore have the 
most positive E° values, are easily reduced and are the best oxidizing agents. 

 Species that appear at the bottom of the series lose electrons most readily and therefore have 
the most negative E° values, are easily oxidized and are the best reducing agents. 

 

STANDARD REDUCTION POTENTIALS IN AQUEOUS SOLUTION AT 25°C 
Half-reaction                                                                E° (in V) 

 
F2 (g) + 2e-  → 2F-  + 2.87 
Co3+ + e-  → Co2+  + 1.82 
Au3+  + 3e-  → Au(s)  + 1.50 
Cl2 (g) + 2e-  → 2Cl-  + 1.36 
O2 (g) + 4H+  +4e- → 2H2O(l)  + 1.23 
Br2 (l) + 2e-  → 2Br-  + 1.07 
2Hg2+  + 2e-  → Hg22+  + 0.92 
Hg2+  + 2e-  → Hg(l)  + 0.85 
Ag+  + e-  → Ag(s)  + 0.80 
Hg22+  + 2e-  → 2Hg(l)  + 0.79 
Fe3+  + e-  → Fe2+  + 0.77 
I2 (s) + 2e-  → 2I-  + 0.53 
Cu+  + e-  → Cu(s)  + 0.52 
Cu2+  + 2e-  → Cu(s)  + 0.34 
Cu2+  + e-  → Cu+  + 0.15 
Sn4+  + 2e-  → Sn2+  + 0.15 
S (s) + 2H+ + 2e- → H2S(g)  + 0.14 
2H+  + 2e-  → H2(g)  0.00 

Pb2+  + 2e-  → Pb(s)  - 0.13 
Sn2+  + 2e-  → Sn(s)  - 0.14 
Ni2+  + 2e-  → Ni(s)  - 0.25 
Co2+  + 2e-  → Co(s)  - 0.28 
Tl+  + e-   → Tl(s)  - 0.34 
Cd2+  + 2e-  → Cd(s)  - 0.40 
Cr3+  + e-  → Cr2+  - 0.41 
Fe2+  + 2e-  → Fe(s)  - 0.44 
Cr3+  + 3e-  → Cr(s)  - 0.74 
Zn2+  + 2e-  → Zn(s)  - 0.76 
Mn2+  + 2e-  → Mn(s)  - 1.18 
Al3+  + 3e-  → Al(s)  - 1.66 
Be2+  + 2e-  → Be(s)  - 1.70 
Mg2+  + 2e-  → Mg(s)  - 2.37 
Na+  + e-  → Na(s)  - 2.71 
Ca2+  + 2e-  → Ca(s)  - 2.87 
Sr2+  + 2e-  → Sr(s)  - 2.89 
Ba2+  + 2e-  → Ba(s)  - 2.90 
Rb+  + e-  → Rb(s)  - 2.92 
K+  + e-   → K(s)  - 2.92 
Cs+  + e-  → Cs(s)  - 2.92 
Li+  + e-   → Li(s)  - 3.05 
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Galvanic or voltaic cells (batteries) 
 

A galvanic cell (or battery) is the apparatus for generating electrical energy from a thermodynamically 

favorable REDOX reaction, and is made by connecting two half-cells that have different electrode 

potentials. A salt bridge connects the two half-cells. It can be made from a piece of filter paper soaked in 

a suitable ionic solution, often KCl(aq) or KNO3(aq). The ionic solution used in the salt bridge must not 

interfere with the two half cells e.g., KCl could not be used if one of the half-cells contained Ag+(aq) ions, as 

they would react with the Cl-(aq) ions precipitating AgCl(s). The salt bridge allows the transfer of ions (not 
electrons) between the two solutions, thus completing the circuit. The salt bridge also maintains the 

potential difference in the cell by allowing ions to flow to balance the charge. For example, in the zinc and 

copper cell shown below, as Zn2+(aq) ions are produced in the zinc half-cell there is a buildup of positive 

charge. This is balanced by negative ions migrating from the salt bridge into the zinc half-cell. This 

maintains the potential difference between the two half-cells and allows the battery to keep working. 

 

 

The electrons will flow through the wire, toward 

the more positive half-cell, in this case from 

zinc to copper. As a result, the copper ions 

gain electrons and are therefore reduced. A 

cell diagram can be written thus; 

Zn(s) │Zn2+(aq)║Cu2+(aq)│Cu(s) 

Cell diagrams are not tested on the AP exam 

but have some standard features; 

 

 The reduced species is placed on the RHS (right hand side) – this is the CATHODE 

 The oxidized species is placed on the LHS (left hand side) – this is the ANODE 

 N.B. RHS/LHS apply to the ‘cell diagram’ not to any drawing of apparatus 

 The vertical line │ represents the different phases present in each electrode 

 The double vertical line ║ represents the salt bridge connecting the two electrodes 

 Different species in the same phase are separated by a comma, e.g., Fe2+(aq), Fe3+(aq) 

 The presence of an inert conductor (required when no solid metal is present) may also be shown 

inside parentheses ( ). For example, for the hydrogen half-cell; 

if the hydrogen cell is oxidized then, (Pt) │ ½H2(g) │ H+(aq) 

or if it is reduced then, H+(aq) │ ½H2(g)  │(Pt) 

  



 
© Adrian Dingle’s Chemistry Pages and ChemEducator LLC 2022 – All rights reserved 

 
 

3/15/22 8:15 AM  Page 13 of 20 
 

Measurement of Electromotive Force (EMF) or E°cell 
 

The EMF or E°cell is the voltage measured when no current is being drawn from the cell and is determined 

using a high resistance voltmeter (since it draws no current and will not affect the reading of the potential 

difference). E°cell can be calculated by applying the following relationship to the cell diagram. When using 

this method do NOT change the signs of any of the SERP values. 

 

E°cell = E°RHS – E°LHS  or  E°cell = E°reduced – E°oxidized 

 
An alternative (and very popular) method to calculate E°cell is to reverse the sign of the oxidized half-cell 

(this is necessary since all reduction potentials are initially listed as reductions), and then ADD the two 

half-cell values. 

 

Task 9.2 
 
Using the SERP table, predict the REDOX reactions and cell voltages that are generated when 
combining the following half-cells.  
 
 (a) Zn/Zn2+ and fluorine 
 (b) Sn/Sn2+ and hydrogen 
 (c) Cu/Cu2+ and Fe/Fe2+ 
 (d) Fe2+/Fe3+ and hydrogen 
 
Task 9.3 
 
A cell formed from a silver standard electrode and a hydrogen standard electrode generates a 
voltage of + 0.80 V. Hydrogen is the more negative electrode. 
 
(a) Write the cell diagram and calculate the standard potential of the silver   
 electrode. 
(b) When the silver electrode is combined with a standard aluminum electrode   
 the voltage of the cell is +2.46 V and aluminum is the more negative    
 electrode. Write the cell diagram and calculate the standard electrode   
 potential of the aluminum electrode. 
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Electrolytic cells 
 

Electrolysis is the process in which electrical energy is used to force a thermodynamically unfavored 

REDOX reaction to occur, so in that respect it is the exact opposite of a galvanic cell (battery). It is 

extremely important to draw a distinction between galvanic cells, and electrolytic cells. 

 

A typical electrolytic cell is shown below 

 

 

Anions in the electrolyte solution are 

attracted towards the anode where they 

undergo a process of oxidation. Electrons 

flow from the anode to the cathode where 

cations undergo a process of reduction. 
 
e.g., the electrolysis of molten potassium 

chloride will produce these reactions; 
 
ANODE: Cl-(l) → ½Cl2(g) + e- 
CATHODE: K+(l) + e- → K(s) 

 

The electrolysis of aqueous solutions are 

more complicated since water is present that 

can also undergo REDOX processes, so 

these reactions should be considered, 
 
2H2O(l) → O2(g) + 4H+(aq) + 4e-     Eɵ = -1.23 V 
2H2O(l) + 2e- → H2(g) + 2OH-(aq)    Eɵ = -0.83 V 
 
and are in competition with, 

 

Cl-(aq) → ½Cl2(g) + e- 
K+(aq) + e- → K(s) 

 

When this is the case, decisions based upon 

SERP values must be made about the 

relative likelihood of one process over 

another. See 2005, 8(d). 
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TOPIC 9H: Electrochemistry II 
 
The relationship between ∆G°, K and E° 

 

The relationship between Gibbs free energy and the E° is summarized by the expression 

 

∆G°= - n F E° 

 

F = Faraday constant (96485 J V-1 mol-1), and n = number of moles of electrons transferred.  

 

Coupling this with 

 

∆G°= - RT ln K 

 

R = the gas constant (8.314 JK-1mol-1), T = temp in Kelvin, K = the equilibrium constant, and ln = natural 

log. 

 

We get 

 

- n F E° = - RT ln K 

 

Analyzing the possible combinations of K, E° and ∆G° leads to the following conclusions. 

 

K E° ∆G° Conclusion 

> 1 Positive Negative 
At equilibrium, products favored, thermodynamically 

favored in forward direction 

= 1 0 0 
At equilibrium, reactants and products approximately 

equally favored 

< 1 Negative Positive 
At equilibrium, reactants favored, thermodynamically 

favored in backward direction 
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TOPIC 9I: Electrochemistry III, Non-Standard Conditions 
 
Non-standard conditions and cell voltages 
 
All of the calculations we have seen so far i.e., ones that use standard electrode potentials, assume that 

conditions are ‘standard’ (1.0 atm for gases, 1.0 M solutions, and temperatures of 298 K). When 

conditions are not ‘standard’ (most usually when concentrations or partial pressures are not 1.0 M or 1.0 

atm rather than any change in temperature), different voltages than those predicted by the SERP table 

will be generated in cells. In order to make qualitative predictions about the changes that these non-

standard conditions cause, there are two ways to make a valid prediction; in order to make a quantitative 

prediction, there is only one way. 

 

Qualitative predictions of non-standard cells 
 

1. Using ONLY the Reaction Quotient, Q. 

 

A ratio of product concentrations to reactant concentrations (each raised to the power of their 

stoichiometric coefficients) at any point in a reaction is called the Reaction Quotient. Considering the 

reaction, 

Cu2+(aq) + Zn(s) ⇌ Cu(s) + Zn2+(aq) 

 

Q = 
[Zn2+]

1

[Cu2+]
1 

 

In addition to concentrations of solutions (mol L-1), partial pressures of any gases (atm) must also be 

included in Q, but any pure solids or liquids are not included. Under standard conditions, all 

concentrations are 1.0 M and all gas pressures are 1 atm, so Q always = 1. Under circumstances where 

the ratio of the concentrations and partial pressures computes to something other than 1, we must have 

non-standard conditions. It should be noted that in cases like the reaction above, non-standard 
conditions such as 0.5 M for both Zn2+(aq) and Cu2+(aq), Q still = 1. 
 
What do values of Q ≠ 1 mean for the cell voltage? Qualitatively we can think of Q thus; 

 When Q = 1, the potential difference between the two half-cells causes electrons to flow from one 

to the other, and this the driving force for the reaction. Under these 'standard' conditions, the cell 

voltage is described as having the 'standard' value 
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 When Q < 1, relatively large concentrations of reactants and/or relatively small concentrations of 

products are present. This combination increases the driving force for the reaction, and the cell 

voltage is found to be greater than the standard value 

 When Q > 1, relatively large concentrations of products and/or relatively small concentrations of 

reactants are present. This combination decreases the driving force for reaction, and the cell 

voltage is found to be less than the standard value 

2. Using the Reaction Quotient Q, AND comparing it to the Equilibrium Constant K. 

 

Batteries eventually ‘die’, that is to say, the REDOX reaction in a cell is continually making its way toward 

a voltage of zero. In batteries, a voltage = 0 corresponds to the equilibrium position. When the equilibrium 

has been achieved, a ratio of product concentrations to reactant concentrations (each raised to the power 

of their stoichiometric coefficients) is called the Equilibrium Constant. Considering the reaction, 

 

Cu2+(aq) + Zn(s) ⇌ Cu(s) + Zn2+(aq) 

 

K = 
[Zn2+]

1

[Cu2+]
1 

 

This looks identical to the expression used for Q above, and it is, with one exception. Q can be calculated 

at ANY point during the reaction, whereas K is only calculated ONCE EQUILIBRIUM HAS BEEN 

ESTABLISHED, i.e., at the “end” of the REDOX reaction. In thermodynamically favored REDOX 

reactions, the “end” will be achieved when large amounts of products have been produced, and very few 

reactants are left, i.e., when K is extremely large. At this point, the voltage in the cell is zero. Since at the 

beginning of the reaction Q =1 and voltage is standard, then 

 

 any change in conditions that makes Q larger than 1 (more products, or less reactants), means 

that we are closer to K, closer to equilibrium, and closer to a voltage of zero, i.e., the voltage is 

less than standard. 

 

 any change in conditions that makes Q smaller than 1 (more reactants, or less products), means 

that we are further from K, further from equilibrium, and further from a voltage of zero, i.e., the 

voltage is greater than standard. 
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Quantitative predictions of non-standard cells - The Nernst Equation 

 
The Nernst equation is used to calculate the actual voltage (Ecell), from the standard voltage (E°cell), in a 

non-standard cell. 

 

Ecell = E°cell- RT
nF ln Q 

 

R = the gas constant (8.314 JK-1mol-1), T = temp in Kelvin, n = number of moles of electrons transferred, 

F = the Faraday constant (96485 JV-1mol-1), E°cell = the standard voltage, Q = the reaction quotient, and ln 

= natural log. 

 

 When Q > 1, the ln of Q is a positive number. This means we are subtracting a term from the 

standard voltage, and therefore the voltage is smaller than under standard conditions (consistent 

with the qualitative explanation). 

 

 When Q < 1, the ln of Q is a negative number. This means we are adding a term to the standard 

voltage, and therefore the voltage is larger than under standard conditions (consistent with the 

qualitative explanation). 

 

 When Q = 1, the ln of Q = 0. This means we are not adding or subtracting anything from the 

standard voltage, and therefore the voltage is ‘standard’. 

 

The quantitative use of the Nernst equation, i.e., calculating the precise value of voltages under non-

standard conditions, is not required on the AP exam. 

 

Task 9.4 

 

If the reaction Zn(s) + Cu2+(aq) → Cu(s) + Zn2+(aq is carried out using solutions that are 5.0 M Zn2+ and 
0.3 M Cu2+ at 298 K, predict the effect on the voltage of the cell, when compared to the voltage 
generated under standard conditions. 
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Concentration cells 
 
A concentration cell is set up when each half-cell has the same metal electrode present, but the solutions 

of the metal ions are of differing concentrations. With such a concentration difference, electrons flow from 

the half-cell with the lower ion concentration, to the half-cell with the higher ion concentration. Since 

electrons are flowing, there is a current and a cell is set up. 

 

The electrons flow to the cell with the higher concentration of metal ions, where reduction takes place, 

and in the process the ion concentration is lowered since the ions are converted to the solid metal. Since 

the lower concentration half-cell is losing electrons, the metal electrode in that cell dissolves, producing 

more metal ions, and the ion concentration is increased.  

 

With the ion concentration increasing in the lower concentration half-cell, and decreasing in the higher 

concentration half-cell, eventually the two cells will reach a point where the concentration of metal ions is 

the same in each half-cell, and the electrons will no longer flow. An equilibrium has been established. In 

short, in concentration cells, electrons always flow in order to make (and until), the concentrations of the 

two half-cells have a potential difference of zero. Such cells generally produce quite small voltages and 

calculations can only be carried out with the use of Nernst equation. 
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TOPIC 9J: Quantitative Aspects of Electrolytic Cells 
 
The amount of a substance produced in an electrolytic cell can be calculated using Faraday’s 
law. One method to calculate the number of Faradays passed in the electrolysis by using these 
expressions; 
 
Firstly, calculate the amount of charge q, in coulombs that has been passed. 
 

q = I t 

  
Where I = current in amps (coulombs per second), and t is time in seconds. 
 
Secondly, convert coulombs to Faradays. 

 
















=

Coulombs 96485
Faraday  1(q) Coulombs in Charge Faradays of Number  

  
Then, use the stoichiometry of the electrode process to determine the mass of product formed at the 

electrode, remembering that a process that produces one mole of product by the transfer of one mole of 

electrons will require one Faraday to produce that one mole, and that a process that produces one mole 

of product by the transfer of two moles of electrons will require two Faraday’s to produces that one mole 

etc. 

 

For example, in the processes below, 1 mole of Cu solid can be produced from the reduction of 1 mole of 

Cu2+ ions by the passage of 2 Faradays, and ½ mole of chlorine gas can be produced by the oxidation of 

1 mole of chloride ions by the passage of 1 Faraday. 
 

Cu2+(aq) + 2e- → Cu(s) 
Cl-(aq) → ½Cl2(g) + e- 

 
When the number of Faraday’s is less (or more) that the required stoichiometric amount demanded by the 

half-reaction, a simple proportion should be applied. 
 

 


