
Redox Reactions. 

Oxidation 

Reduction 



GCSE 

Oxidation: 
•Gain of oxygen 

•Loss of electrons 

Reduction: 
•Loss of oxygen 

•Gain of electrons 

Increase in 

 oxidation  

number 

Decrease in 

 oxidation  

number 



4 Experiments: 

1. Burning magnesium 

2. Copper in silver nitrate solution 

3. Chlorine solution and potassium 

iodide solution 

4. Exploding hydrogen 

•Word equation 

•Balanced symbol equation 



2Mg(s) + O2(g)  2MgO(s) 

Oxidised – 

gains oxygen 

Must be a redox! 

Mg          Mg2+ 

O            O2- 

Put the 

 e- in. 

+2e- 

+2e- 

Oxidised – loss of e- 

Reduced – gain of e- 



Cu(s) + 2AgNO3(aq)  Cu(NO3 )2(aq) + 2Ag(s)  

     Ag+                     Ag  

Cu                 Cu2+  

Complete the half-

equations 

+e- 

+2e- 

Oxidised? 

Reduced? 

Oxidised – loss of e- 

Reduced – gain of e- 



H2(g) + ½ O2(g)  H2O(g) 

Covalent! 

No H+ or OH- 

Need a new 

 definition. 



GCSE 

Oxidation: 
•Gain of oxygen 

•Loss of electrons 

Reduction: 
•Loss of oxygen 

•Gain of electrons 

Increase in 

 oxidation  

number 

Decrease in 

 oxidation  

number 



Oxidation Numbers 

• The oxidation number of an atom in an 

element is zero.   

E.g. Mg in Mg, O in O2.  



Oxidation Numbers 

• The oxidation 

numbers of  atoms 

in a compound add 

up to zero.   

 

F -1 

O -2 

H +1 

Cl -1 

Oxidation state of 

C in CO2? 

? – 4 = 0 

? = +4 
Put the +! 



Oxidation Numbers 

• The oxidation 

numbers of  atoms 

in a compound add 

up to zero.   

 

F -1 

O -2 

H +1 

Cl -1 

Oxidation state of 

Mg in MgCl2? 

+2 



Oxidation Numbers 

• The oxidation 

numbers of  atoms 

in a compound add 

up to zero.   

 

F -1 

O -2 

H +1 

Cl -1 

Oxidation state of 

N in NH3? 

-3 



Oxidation Numbers 
• The oxidation 

numbers of  atoms 

in an ion add up to 

the charge on the 

ion.   

 

F -1 

O -2 

H +1 

Cl -1 

Oxidation state of 

S in SO4
2-? 

? – 8 = -2 

? = +6 



Oxidation Numbers 
• The oxidation 

numbers of  atoms 

in an ion add up to 

the charge on the 

ion.   

 

F -1 

O -2 

H +1 

Cl -1 

Oxidation state of 

S in S2-? 

-2 



Oxidation Numbers 
• The oxidation 

numbers of  atoms 

in an ion add up to 

the charge on the 

ion.   

 

F -1 

O -2 

H +1 

Cl -1 

Oxidation state of 

N in NH4
+? 

-3 



H2(g) + ½ O2(g)  H2O(g) 

Covalent! 

No H+ or OH- 

Need a new 

 definition. 



GCSE 

Oxidation: 
•Gain of oxygen 

•Loss of electrons 

Reduction: 
•Loss of oxygen 

•Gain of electrons 

Increase in 

 oxidation  

number 

Decrease in 

 oxidation  

number 



H2(g) + ½ O2(g)  H2O(g) 

Covalent! 

No H+ or OH- 

Need a new 

 definition. 

+1 0 

-2 0 O 

H 



H2(g) + ½ O2(g)  H2O(g) 

+1 0 

-2 0 O 

H 

Oxidised? 

H – increase 

 in oxidation  

number 

Reduced? 

O – decrease 

 in oxidation  

number 



Oxidation Numbers and names 

• To avoid any confusion when an element can have 

several oxidation numbers, the oxidation number is 

usually mentioned in the compound’s name.  

In names like “elementate(X)”, the number refers to 

“element” and not the associated oxygens. 

• So if we look at some examples , we get the following 

names:- 

 KMnO4 potassium manganate(VII) 

 NaClO3 sodium chlorate(V) 

 POCl2F phosphorus(V) oxydichlorofluoride 

 NaH2PO3 sodium dihydrogenphosphate(III) 

 K2Cr2O7 potassium dichromate(VI) 

Check the 

 numbers. 



STANDARD HYDROGEN 

ELECTRODE 

   The standard hydrogen 

electrode (abbreviated 

SHE), also called 

normal hydrogen 

electrode (NHE), is a 

redox electrode which 

forms the basis of the 

thermodynamic scale 

of oxidation-reduction 

potentials.  

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


WHY PLATINUM? 

• inertness of platinum (it does not corrode).  

• the capability of platinum to catalyze the 
reaction of proton reduction  

• a high intrinsic exchange current density for 
proton reduction on platinum (see the data in 
the table for comparison of platinum with 
other materials)  

• excellent reproducibility of the potential (bias 
of less than 10 μV when two well-made 
hydrogen electrodes are compared with one 
another. 

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


The surface of platinum is platinized (i.e., 

covered with platinum black) because 

of: 

• necessity to employ electrode with 

large true surface area. The greater the 

electrode true area, the faster electrode 

kinetics  

• necessity to use electrode material 

which can adsorb hydrogen at its 

interface. Platinization improves 

electrode kinetics  

 

 

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


CONSTRUCTION OF S.H.E 

• The scheme of the standard hydrogen electrode: 

• platinized platinum electrode  

• hydrogen blow  

• solution of the acid with activity of H+ = 1 mol kg-1  

• hydroseal for prevention of the oxygen interference  

• reservoir through which the second half-element of 
the galvanic cell should be attached. The connection 
can be direct, through a narrow tube to reduce 
mixing, or through a salt bridge, depending on the 
other electrode and solution. This creates an 
ionically conductive path to the working electrode of 
interest.  

 

http://en.wikipedia.org/wiki/Platinum_black
http://en.wikipedia.org/wiki/Salt_bridge


ELECTROCHEMICAL CELL 

• An electrochemical cell 

is a device capable of 

either deriving 

electrical energy from 

chemical reactions, or 

facilitating chemical 

reactions through the 

introduction of 

electrical energy.  

http://en.wikipedia.org/wiki/Electricity
http://en.wikipedia.org/wiki/Electrochemistry


HALF LIFE 

• An electrochemical cell consists of two half-cells. 
Each half-cell consists of an electrode, and an 
electrolyte. The two half-cells may use the same 
electrolyte, or they may use different electrolytes. 
The chemical reactions in the cell may involve the 
electrolyte, the electrodes or an external 
substance. 

• As electrons flow from one half-cell to the other, a 
difference in charge is established. If no salt bridge 
were used, this charge difference would prevent 
further flow of electrons. A salt bridge allows the 
flow of ions to maintain a balance in charge 
between the oxidation and reduction vessels while 
keeping the contents of each separate.  

http://en.wikipedia.org/wiki/Electrode
http://en.wikipedia.org/wiki/Electrolyte


EQUILIBRIUM REACTION 

• Each half-cell has a characteristic voltage. Different 
choices of substances for each half-cell give different 
potential differences. Each reaction is undergoing an 
equilibrium reaction between different oxidation states 
of the ions—when equilibrium is reached the cell 
cannot provide further voltage. In the half-cell which is 
undergoing oxidation, the closer the equilibrium lies to 
the ion/atom with the more positive oxidation state the 
more potential this reaction will provide. Similarly, in 
the reduction reaction, the further the equilibrium lies 
to the ion/atom with the more negative oxidation state 
the higher the potential.  

http://en.wikipedia.org/wiki/Chemical_equilibrium
http://en.wikipedia.org/wiki/Oxidation_states


ELECTRODE POTENTIAL 



• Electrode potential, E, in electrochemistry, 
according to an IUPAC definition, is the 
electromotive force of a cell built of two 
electrodes: 

• on the left-hand side is the standard hydrogen 
electrode, and  

   on the right-hand side is the electrode the 
potential of which is being defined.  

• By convention: 
– ECell := ERight − ELeft 

• From the above, for the cell with the standard 
hydrogen electrode (potential of 0 by 
convention), one obtains: 
– ECell = ERight − 0 = EElectrode 

• Electrode potential is measured in volts (V). 

http://en.wikipedia.org/wiki/Electrochemistry
http://en.wikipedia.org/wiki/IUPAC
http://en.wikipedia.org/wiki/Electromotive_force
http://en.wikipedia.org/wiki/Galvanic_cell
http://en.wikipedia.org/wiki/Electrode
http://en.wikipedia.org/wiki/Standard_hydrogen_electrode
http://en.wikipedia.org/wiki/Standard_hydrogen_electrode
http://en.wikipedia.org/wiki/Volt


 



FREE ENERGY 

Constant related with free energy. 

G1 = -2.303 RT Log K 

G2 = -2.303 RT Log K  

 using these equations we can calculate free 

energy 



MEASUREMENT 

• The measurement is generally conducted 

using a three-electrode setup (see the 

drawing): 

• Working electrode  

• Counter electrode  

• Reference electrode (standard hydrogen 

electrode or an equivalent)  

 

http://en.wikipedia.org/wiki/Working_electrode
http://en.wikipedia.org/wiki/Auxiliary_electrode
http://en.wikipedia.org/wiki/Reference_electrode




REDOX CYCLE 



REDOX CYCLE 

• A wide variety of aromatic compounds are 
enzymatically reduced to form free radicals 
that contain one more electron than their 
parent compounds. In general, the electron 
donor is any of a wide variety of 
flavoenzymes and their coenzymes. Once 
formed, these anion free radicals reduce 
molecular oxygen to superoxide, and 
regenerate the unchanged parent compound. 
The net reaction is the oxidation of the 
flavoenzyme's coenzymes and the reduction 
of molecular oxygen to form superoxide. 
This catalytic behavior has been described 
as futile cycle or redox cycling. 

 

http://en.wikipedia.org/wiki/Aromaticity
http://en.wikipedia.org/wiki/Enzyme
http://en.wikipedia.org/wiki/Radical_%28chemistry%29
http://en.wikipedia.org/w/index.php?title=Flavoenzyme&action=edit&redlink=1
http://en.wikipedia.org/wiki/Coenzyme
http://en.wikipedia.org/wiki/Superoxide


• Examples of redox cycling-inducing 

molecules are the herbicide paraquat and 

other viologens and quinones such as 

menadione 

 

http://en.wikipedia.org/wiki/Herbicide
http://en.wikipedia.org/wiki/Paraquat
http://en.wikipedia.org/wiki/Viologen
http://en.wikipedia.org/wiki/Quinone
http://en.wikipedia.org/wiki/Menadione


LATIMER DIAGRAM 

• Latimer or reduction potential diagrams 

show the standard reduction potentials 

connecting various oxidation states of an 

element. The Latimer diagram for a series 

of manganese species in acidic solution is 

shown below.  

 



LATIMER DIAGRAM 

• The standard reduction potential for the 

reduction half-reaction involving the 

two species joined by the arrow is 

shown above the arrow. Latimer 

diagrams show the redox information 

about a series of species in a very 

condensed form. From these diagrams 

you can predict the redox behavior of a 

given species.  



LATIMER DIAGRAM 

• The more positive the standard reduction 
potential, the more readily the species on the 
left is reduced to the species on the right 
side of the arrow. Thus, highly positive 
standard reduction potentials indicate that 
the species at the left is a good oxidizing 
agent. Negative standard reduction 
potentials indicate that the species to the 
right behaves as a reducing agent. Half -
reactions can be written from these 
diagrams.  
 

 



FROST DIAGRAM 

• Frost or oxidation state diagrams plot the 
relative free energy of a species versus 
oxidation state. These diagrams visually 
show quite a bit about the properties of the 
different oxidation states of a species. Frost 
diagrams can be constructed from Latimer 
diagrams. 

•  The values to be plotted on the y-axis are 
obtained by multiplying the number of 
electrons transferred during an oxidation 
state change by the standard reduction 
potential for that change.  



FROST DIAGRAM FOR 

MANGANESE 

• A Frost diagram is used 

in electrochemistry to 

illustrate the relative 

stability of a number of 

different oxidation 

states of a particular 

substance. Frost 

diagrams will be 

different at different 

pHs, so the pH must be 

specified.  

http://en.wikipedia.org/wiki/Electrochemistry
http://en.wikipedia.org/wiki/Oxidation_state
http://en.wikipedia.org/wiki/Oxidation_state
http://en.wikipedia.org/wiki/PH


WHAT U CAN AND CANNOT 

LEARN FROM FROST DIAGRAM 
• Thermodynamic stability is found at the bottom 

of the diagram. Thus, the lower a species is 
positioned on the diagram, the more 
thermodynamically stable it is (from a oxidation-
reduction perspective) 
Mn (II) is the most stable species.  

• A species located on a convex curve can 
undergo disproportionation  
MnO42- and Mn (III) tends to disproportionate.  

• Those species on a concave curve do not 
typically disproportionate.  
MnO2 does not disproportionate  

 



• Any species located on the upper left side of the diagram 
will be a strong oxidizing agent.  
MnO4- is a strong oxidizer.  

• Any species located on the upper rignt side of the diagram 
will be a reducing agent.  
manganese metal is a moderate reducing agent  

• These diagrams describe the thermodynamic stability of 
the various species.  
Although a given species might be thermodynamically 
unstable toward reduction, the kinetics of such a reaction 
might be very slow.  
Although it is thermodynamically favorable for 
permanganate ion to be reduced to Mn (II) ion, the reaction 
is slow except in the presence of a catalyst. Thus, 
solutions of permanganate can be stored and used in the 
laboratory  



• The information obtained from a Frost 
diagram is for species under standard 
conditions (pH=0 for acidic solution and 
pH=14 for basic solution).  
Changes in pH may change the relative 
stabilities of the species. The potential of 
any process involving the hydrogen ion will 
change with pH because the concentration 
of this species is changing.  
Under basic conditions aqueous Mn2+ 
does not exist. Instead Insoluble Mn(OH)2 
forms  



POURBAIX DIAGRAM 

• In chemistry, a Pourbaix diagram, also known 
as a potential/pH diagram, maps out possible 
stable (equilibrium) phases of an aqueous 
electrochemical system. Predominant ion 
boundaries are represented by lines. As such a 
Pourbaix diagram can be read much like a 
standard phase diagram with a different set of 
axes. 

• The diagrams are named after Marcel Pourbaix 
(1904–1998), the Russian-born chemist who 
invented them. 

http://en.wikipedia.org/wiki/Chemistry
http://en.wikipedia.org/wiki/Chemical_equilibrium
http://en.wikipedia.org/wiki/Phase_diagram
http://en.wikipedia.org/wiki/Marcel_Pourbaix
http://en.wikipedia.org/wiki/Russia
http://en.wikipedia.org/wiki/Chemistry


HOW TO READ IT 

 

• Vertical lines separate species that are in acid-base 
equilibrium.  

• Non vertical lines separate species related by redox 
equilibria.  

– Horizontal lines separate species in redox 
equilibria not involving hydrogen or hydroxide 
ions.  

– Diagonal boundaries separate species in redox 
equilibria in which hydroxide or hydrogen ions 
are involved.  

• Dashed lines enclose the practical region of stability 
of the water solvent to oxidation or reduction.  

 



 



Well done! 


