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CHAPTER SEVEN: 
PART 3: REVERSIBLE REACTIONS 

PART 4: REDOX REACTIONS 



Reversible reactions 

• Some reactions go to completion, where the reactants are used up to form the 
product molecules and the reaction stops when all of the reactants are used up. 

• A reversible reaction is a reaction in which reactants form products and the products 
can then react or decompose to form the reactants. 

• It is said that the reaction can occur in both directions: the forward reaction (which 
forms the products) and the reverse direction (which forms the reactants). 

Chemical equations for reversible reactions 

⇌ 
• When writing chemical equations for reversible reactions, two arrows are used to 

indicate the forward and reverse reactions. 
• Each one is drawn with just half an arrowhead – the top one points to the right, and 

the bottom one points to the left. 

Example 

• The reaction for the Haber Process which is the production of ammonia from 
hydrogen and nitrogen: 

N2 + 3H2 ⇌ 2NH3 

Hydrated and anhydrous salts 

• Hydrated salts are salts that contain water of crystallisation which affects their 
molecular shape and colour. 

• Water of crystallisation is the water that is stoichiometrically included in the 
structure of some salts during the crystallisation process. 

• A common example is copper(II) sulfate which crystallises forming the salt copper(II) 
sulfate pentahydrate, CuSO4.5H20 

• Water of crystallisation is indicated with a dot written in between the salt molecule 
and the surrounding water molecules. 

• Anhydrous salts are those that have lost their water of crystallisation, usually by 
heating, in which the salt becomes dehydrated. 

 

 

 

 



Dehydration of Hydrated Copper (II) Sulfate 

 
When anhydrous copper (II) sulfate crystals are added to water they turn blue and heat is 
given off (exothermic). 

CuSO4 (s) + 5H2O(l) à CuSO4.5H2O(s) 

When Copper (II) Sulfate crystals are heated in a test tube, the blue crystals turn into a 
white powder and a clear, colourless liquid (water) collects at the top of the test tube. 

CuSO4.5H2O(s) à CuSO4 (s) + 5H2O(l) 

The form of Copper (II) Sulfate in the crystals is known as Hydrated Copper (II) Sulfate 
because it contains water of crystallisation. 

When Hydrated Copper (II) Sulfate is heated, it loses its water of crystallisation and 
decomposes (endothermic), turning into anhydrous Copper (II) Sulfate: 

CuSO4.5H2O (s)      ⇌      CuSO4 (s)      +      5H2O (l) 
 

 
 
 

 

 

 

 

 

 



Hydration of Cobalt(II) Chloride 

• When anhydrous blue cobalt(II) chloride crystals are added to water they turn pink 
and the reaction is reversible. 

• When the cobalt(II) chloride crystals are heated in a test tube, the pink crystals turn 
back to the blue colour again as the water of crystallisation is lost. 

• The form of cobalt(II) chloride in the crystals that are pink is known as hydrated 
cobalt (II) chloride because it contains water of crystallisation. 

• When hydrated cobalt(II) chloride is heated, it loses its water of crystallisation and 
turns into anhydrous cobalt(II) chloride: 

CoCl2.6H2O (s)       ⇌      CoCl2 (s)      +      6H2O (l) 

        Pink        blue 

 

 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 



The Concept of Equilibrium 
 

Reversible reactions and equilibrium 

In a reversible reaction, the reactants make the products and the products make the 
reactants.  

Eventually, the reaction will reach an equilibrium whereby the rate of the forward reaction 
and the reverse reaction are equal. This means that the concentrations of reactants and 
products will stay exactly the same (unless the conditions are changed).  

Characteristics of a reaction at equilibrium 

¨ It is dynamic i.e: the molecules on the left and right of the equation are changing into 
each other by chemical reactions constantly and at the same rate. 

¨ The concentration of reactants and products remains constant (given there is no 
other change to the system such as temperature and pressure). 

¨ It only occurs in a closed system so that none of the participating chemical species are 
able to leave the reaction vessel. 

 
 
 

 

 

 

 



The reaction between H2 and N2 in the Haber process 

• When only nitrogen and hydrogen are present at the beginning of the reaction, the 
rate of the forward reaction is at its highest, since the concentrations of hydrogen 
and nitrogen are at their highest. 

• As the reaction proceeds, the concentrations of hydrogen and nitrogen 
gradually decrease, so the rate of the forward reaction will decrease.  

• However, the concentration of ammonia is gradually increasing and so the rate of 
the backward reaction will increase (ammonia will decompose to reform hydrogen 
and nitrogen). 

• Since the two reactions are interlinked and none of the gas can escape, the rate of 
the forward reaction and the rate of the backward reaction will eventually 
become equal and equilibrium is reached: 

3H2 (g)     +      N2 (g)     ⇌      2NH3 (g) 

 

 
 

 
 
 
 
 
 
 
 
 
 
 
 



The position of equilibrium  

• Equilibrium position refers to the relationship between the concentration of 
reactants and products at the equilibrium state. 

• When the position of equilibrium shifts to the left, it means the concentration 
of reactant increases. 

• When the position of equilibrium shifts to right, this means the concentration 
of product increases. 

Effect of catalyst on equilibrium position 

• The presence of a catalyst does not affect the position of equilibrium, but it does 
increase the rate at which equilibrium is reached. 

• This is because the catalyst increases the rate of both the forward and backward 
reactions by the same amount (by providing an alternative pathway requiring lower 
activation energy). 

• As a result, the concentration of reactants and products is nevertheless the same at 
equilibrium as it would be without the catalyst. 

• Remember, a catalyst only speeds up the reaction.  

 

 
 
 
 
 
 

 
 

 



Le Chatelier’s Principle 

• Le Chatelier’s principle states that when a change is made to the conditions of a 
system at equilibrium, the system automatically moves to oppose the change. 

• The principle is used to predict changes to the position of equilibrium when there 
are changes in temperature, pressure or concentration. 

Effects of temperature 

Change Equillibrium shift 

Increase in Temperature Equillibrium moves to the endothermic 
direction to reverse the change 

Decrease in Temperature Equillibrium moves to the exothermic 
direction to reverse the change  

 
Example: 

Iodine Monochloride reacts reversibly with Chlorine to form Iodine Trichloride. 

ICl              +              Cl2              ⇌             ICl3 
Dark Brown                                                         Yellow 

When the equilibrium mixture is heated, it becomes dark brown in colour. Explain whether 
the backward reaction is exothermic or endothermic: 

• Equilibrium has shifted to the left as the colour dark brown means that more of ICI is 
produced 

• Increasing temperature moves the equilibrium in the endothermic direction. 
Remember that the system always tries to oppose the change. So when heat is 
increased in a system, the system tries to decrease the heat. Hence the endo 
thermic reaction is favored. 

• So the backward reaction is endothermic 

 

 

 

 

 



Effects of pressure: 

Change How the equillibrium shifts 

Increase in Pressure Equillibirum shifts in the direction that 
produces the smaller number of molecules 

of gas to decrease the pressure again 

Decrease in Pressure Equillibirum shifts in the direction that 
produces the larger number of molecules of 

gas to increase the pressure again 

 

 
Example: 

Nitrogen Dioxide can form Dinitrogen Tetroxide, a colourless gas 

2NO2             ⇌              N2O4 
Brown Gas                    Colourless Gas 

Predict the effect of an increase in pressure on the position of equilibrium: 

• Number of molecules of gas on the left =    2 
• Number of molecules of gas on the right =    1 
• An increase in pressure will cause equilibrium to shift in the direction that produces 

the smaller number of molecules of gas 
• So equilibrium shifts to the right 

 

 

 

 

 

 

 

 

 



Effects of concentration: 

Change How the equillibrium shifts 

Increase in Concentration of Reactant Equillibrium shifts to the right to reduce the 
effect of the increase in concentration of 

the reactant 

Decrease in Concentration of Reactant Equillibrium shifts to the left to reduce the 
effect of the decrease in concentration of 

the reactant (or an increase in 
concentration of product) 

 
Example: 

Iodine Monochloride reacts reversibly with Chlorine to form Iodine Trichloride. 

ICl              +              Cl2              ⇌             ICl3 
Dark Brown                                                     Yellow 

Predict the effect of an increase in concentration on the position of equilibrium: 

• An increase in the concentration of ICl or Cl2 causes the equilibrium to shift to 
the right so more of the yellow product is formed. 

• A decrease in the concentration of ICl or Cl2 causes the equilibrium to shift to 
the left so more of the dark brown reactant is formed. 

 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 



REDOX REACTIONS 

Oxidation and reduction 

• Redox reactions are reactions where oxidation and reduction take place together at 
the same time in the same reaction. “Redox” is the short form of reduction and 
oxidation. 

• There are three definitions of oxidation. It is a reaction in which: 
o oxygen is added to an element or a compound. 
o an element, ion or compound loses electrons (remember that oxidation is 

loss of electrons). 
o the oxidation state of an element is increased.  

• There are three definitions of reduction. It is a reaction in which: 
o oxygen is removed from an element or a compound. 
o an element, ion or compound gain electrons (remember that reduction is 

gain of electrons). 
o the oxidation state of an element is decreased. 

Oxidation state 

• The oxidation state (also called oxidation number) is a number assigned to an atom 
or ion in a compound which indicates the degree of oxidation (or reduction). 

• The oxidation state helps you to keep track of the movement of electrons in a redox 
process. 

• It is written as a +/- sign followed by a number. 
• E.g: O2- means that it is an atom of oxygen that has an oxidation state of -2.  
• Roman numerals are used after an element in the name of the compound to refer to 

its oxidation state, normally used in reference to metals to find out what + charge 
they have. 

• Eg. Iron (II) is Fe2+, Iron (III) is Fe3+, Copper (II) is Cu2+, Manganate (VII) is Mn7+, etc.  
 

Assigning the oxidation number 

• Oxidation number is in reference to a single atom or ion 
• The oxidation number of a (total) compound is 0 and of an element (for example Br 

in Br2) is also 0. 
• The oxidation number of oxygen in a compound is always -2 (except in peroxide R-O-

O-R, where it is -1). 
• For example in FeO, oxygen is -2 then Fe must have an oxidation number of +2 as the 

overall oxidation number for the compound must be 0. 

Fe2+O2- = FeO (total oxidation number is zero. Remember, in compounds, the total 
oxidation number of a compound is always zero. 



Ionic Equations 

• Ionic equations are used to show only the particles that actually take part in a 
reaction. 

• These equations show only the ions that change their oxidation state during a 
chemical process. 

• The other ions present are not involved and are called spectator ions. 

Writing ionic equations 

• For the neutralisation reaction between hydrochloric acid and sodium hydroxide: 

HCl(aq) + NaOH(aq) → NaCl(aq) + H2O(l) 

• If we write out all of the ions present in the equation and include the state symbols, 
we get: 

H+(aq) + Cl– (aq)+ Na+(aq) + OH–(aq) → Na+ (aq)+ Cl–(aq) + H2O(l) 

Water cannot be broken down into ions as their dissociation is extremely small. 

• The spectator ions are thus Na+ and Cl–. How can we find that out? By cancelling 
whatever is present both on the LHS and RHS.  

H+(aq) + Cl– (aq)+ Na+(aq) + OH–(aq) → Na+ (aq)+ Cl–(aq) + H2O(l) 

•  Removing these from the previous equation leaves the overall net ionic equation: 

H+(aq) + OH–(aq) →H2O(l) 

• This ionic equation is the same for all acid-base neutralisation 

 

 

 

 

 

 

 

 



Oxygen loss/gain 

Zinc oxide + carbon → zinc + carbon monoxide 

ZnO + C → Zn + CO 

• In this reaction the zinc oxide has been reduced since it has lost oxygen. The carbon 
atom has been oxidized since it has gained oxygen. Oxygen gain/loss is another way 
of finding out what atom has got oxidized/reduced. 

Electron loss/gain and oxidation state 

Zinc + copper sulphate → zinc sulphate + copper 

Zn + CuSO4 → ZnSO4 + Cu 

• Writing this as an ionic equation: 

Zn(s) + Cu2+(aq) + SO4
2-(aq) →Zn2+(aq) + SO4

2-(aq) + Cu(s) 

• By analysing the ionic equation, it becomes clear that zinc has become oxidised as its 
oxidation state has increased from 0 to +2 and it has lost electrons: 

Zn(s) →Zn2+(aq) 

• Copper has been reduced as its oxidation state has decreased from +2 to 0 and it 
has gained electrons: 

Cu2+(aq) → Cu(s) 

 

 

 

 

 

 

 

 

 

 

 

 

 



Oxidizing and Reducing Agents 
 

Oxidising agent 

• A substance that oxidises another substance, in so doing becoming itself reduced. 
• Common examples include hydrogen peroxide, fluorine and chlorine. 

Reducing agent 

• A substance that reduces another substance, in so doing becoming itself oxidised. 
• Common examples include carbon and hydrogen. 
• The process of reduction is very important in the chemical industry as a means of 

extracting metals from their ores. 

Example 

CuO + H2 →Cu + H2O 

• In the above reaction, hydrogen is reducing the CuO and is itself oxidised, so 
the reducing agent is therefore hydrogen. 

• The CuO is reduced to Cu and has oxidised the hydrogen, so the oxidizing agent is 
therefore copper oxide. 

Identifying redox reactions 

• Redox reactions can be identified by the changes in the oxidation states when a 
reactant goes to a product. 

Example  

Chlorine + potassium iodide → potassium chloride + iodine 

Cl2 + 2KI → 2KCl + I2 
Chlorine has become reduced as its oxidation state has decreased from 0 to -1 on changing 
from the chlorine molecule to chloride ions: 

Cl2(g) → 2Cl–(aq) 

• Iodine has been oxidised as its oxidation state has increased from -1 to 0 on 
changing from iodide ions to the iodine molecule: 

2I–(aq) → I2(s) 

 

 



Identifying redox reactions by colour changes  

• The tests for redox reactions involve the observation of a colour change in the 
solution being analysed. 

• Two common examples are acidified potassium manganate(VII), and potassium 
iodide. 

• Potassium manganate (VII), KMnO4 is an oxidising agent which is often used to test 
for the presence of reducing agents.  

• When acidified potassium manganate (VII) is added to a reducing agent its colour 
changes from pink-purple to colourless. 

MnO4
- à Mn2+ 

        Purple à colourless 

• Potassium iodide, KI is a reducing agent which is often used to test for the presence 
of oxidising agents. 

• When added to an acidified solution of an oxidising agent such as aqueous chlorine 
or hydrogen peroxide, the solution turns a brown colour due to the formation of 
iodine. 

2I- à I2 

Colourless à red brown 

 


