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Solutions 
1 B Since forward rxn represents exothermic, the reverse / backward rxn hence represent endothermic. 
  Ea is labelled for the energy difference between the reactants and the apex / peak of the graph.   
2 D NbClx + x Na ® Nb + x NaCl  
    
   No. of moles of Nb produced = mass ÷ molar mass = 18.58 g ÷ 92.9 g mol–1 = 0.2 mol  
   Mass of Cl = 54.08 g – 18.58 g = 35.50 g 
   No. of moles of Cl lost = No. of moles of NaCl formed = 35.50 g ÷ 35.5 g mol–1 = 1.0 mol  
 

Nb : NaCl  
1 : x 

0.2 : 1.0  
x = 5 

3  C NaOH + HCl ® NaCl + H2O 
 
  No. of moles of NaOH added = vol × conc = 0.0125 dm3 × 0.05 mol dm–3 = 0.000625 mol 
  No. of moles of HCl added = vol × conc = 0.025 dm3 × 0.1 mol dm–3 = 0.0025 mol  
  ∴HCl is the ER.  
  
  No. of moles of HCl remain unreacted = 0.0025 mol – 0.000625 mol = 0.001875 mol 
  Combined volume of solution = 0.0125 dm3 + 0.025 dm3 = 0.0375 dm3 

 
  Conc of remaining HCl = mol ÷ vol = 0.001875 mol ÷ 0.0375 dm3 = 0.05 mol dm–3 
4 C Na2O reacts with water to form NaOH (strong alkali) 
  NaCl dissolves in water to form its solution (neutral) 
  SO2 reacts with water to form H2SO3 (sulfurous acid, strong acid) 
  SiCl4 reacts with water to form HCl (strong acid):  SiCl4 + 2 H2O ® SiO2 + 4 HCl  
           [Hydrolysis = Breaking apart with water]  

  Even if you are unaware of the hydrolysis rxn, the other 3 pairs still does not give a pH of 7 each.   

5 C Total no. of moles of gases in gaseous mixture = 0.12 dm3 ÷ 24 dm3 mol–1 = 0.005 mol 
   
  No. of moles of O2 = 0.096 g ÷ 32 g mol–1 = 0.003 mol 
  No. of moles of N2 = 0.056 g ÷ 28 g mol–1 = 0.002 mol 
6 B No. of moles of 13C = 0.13 g ÷ 13 g mol–1 = 0.01 mol 
 
  Each mole of 13C contains L atoms, of which each 13C atom contains 7 neutrons.  
7  C Oxide of P = P2O5 (OS of P = +5) 
  Oxide of S = SO2 (OS of S = +4) 
 

P4S3 + 8 O2 ® 2 P2O5 + 3 SO2 
8  C No. of moles of H2O formed = 3.6 g ÷ 18 g mol–1 = 0.2 mol 
  No. of moles of HCl required = No. of moles of NH3 produced  
       = vol × conc = 0.1 dm3 × 1.0 mol dm–3 = 0.1 mol  
  ⇒	x = 1, y = 2 
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9 D S (Group VI, forms a molecule S8) : simple molecular structure 
  Si (Group IV, forms a lattice similar to C) : giant covalent structure 
  Al (Group III, metal) : giant metallic structure  
 
 

10 A Atomisation: Forms discreet atoms from molecules (e.g. X2: X–X ® 2 X) through bond breaking 
       = Endothermic rxn 
   
  Combustion = Burning with O2 = Exothermic rxn  
  Hydration = Addition of water, e.g. water of crystallisation = Exothermic rxn  
  Neutralisation = Acid + Alkali = Exothermic rxn 
11 D No. of moles of KMnO4 titrated = vol × conc = 0.0274 dm3 × 0.02 mol dm–3 = 0.000548 mol  
 

MnO4– : Fe2+ 
1 : 5 

0.000548 mol : 0.00274 mol 
   
  Conc of FeSO4 reacted = mol ÷ vol = 0.00274 mol ÷ 0.025 dm3 = 0.1096 mol dm–3 
12 B Q contains NH4+ that accounts for the NH3 evolved. At least 4 H in Q. 
  Molecular formula of Q = 2(NH2O) = N2H4O2 or NH4NO2 (ammonium nitrite) 
  Anion in Q = NO2– (additional 1 e–)  
 
  Each N has 7 e–; O has 8 e–.  
  Total e– present in NO2– = 7 + (2 × 8) + 1 = 24 
13 B Na2CO3 is thermally stable, it does not decompose upon heating.  
  However, when heated strongly, solid Na2CO3 melts to a liquid.  
14 C Catalyst provides the reaction with an alternative pathway with a lower Ea, thereby resulting in a 
   larger proportion/frequency of successful collisions for the increased rate of reaction. 
15 A Endothermic energy profile diagram:  
  Enthalpy change = Energyproducts – Energyreactants = +ve  
16 D OS of Cr in Cr2O72– = +6 
  OS of Cr in Cr2O3 = +3 
 
  OS of Cr decreases from +6 to +3, reduction.  
17 A Cl– is the LR.  
  After precipitation, the residue (containing Cl–) is removed from this mixture by filtration. 
18 C Al3+ and Pb2+ both form white ppt that dissolve in excess NaOH (aq).  
19 C Oxidation: Fe (s) ® Fe2+ (aq) + 2 e– 
  Reduction: Fe3+ (aq) + e– ® Fe2+ (aq) 
  Overall: Fe (s) + 2 Fe3+ (aq) ® 3 Fe2+ (aq) 
 
  As the final mixture contains equimolar amounts of Fe2+ (aq) and Fe3+ (aq), there is an excess of 
   3 mol Fe3+ (aq). Hence, the starting mixture should contain 2 + 3 = 5 mol Fe3+ (aq).  
20 A 8 bonding e– = 4 covalent bonds formed 
   
  CO2 : 4 covalent bonds  
  C2H4 : 6 covalent bonds 
  C3H6 : 9 covalent bonds 
  NH3 : 3 covalent bonds 
21 A No. of moles of Ag coated = 0.216 g ÷ 108 g mol–1 = 0.002 mol 
  No. of moles of Ag per cm3 = 0.002 mol ÷ 150 cm2 = 1.333 × 10–5 mol/cm2 
 
  No. of Ag atoms per cm3 = (1.333 × 10–5) mol/cm2 × (6 × 1023) atoms/mol = 8.0 × 1018 atoms/cm2 

22 C Cl in  ClO– = +1  x + (–2) = –1 
   ClO3– = +5  x + 3(–2) = –1 
   Cl– = –1 
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When resonance occurs, the resonance hybrid is more stable 
than any of the resonance structures. The difference between the 
energy of the most stable form and the hybrid is known as the 
resonance energy. This concept is illustrated in Figure 14.45 for 
the carbonate ion.

For significant resonance stabilization to occur within a 
molecule or ion, the suggested resonance structures must meet all 
of the following requirements, as exemplified by the carbonate ion:
■  All resonance forms must have the same distribution of atoms 

or nuclei in space, that is, the same molecular shape.
  All three resonance structures of the carbonate ion have the 

three oxygen atoms distributed around a central carbon atom 
in a trigonal planar arrangement.

■  No resonance form may have a very high energy. In 
particular, no resonance form containing carbon, oxygen or 
nitrogen (or other atom from the second row of the periodic 
table) may have more than eight valence electrons (or for 
hydrogen, two valence electrons). In other words, the octet 
(and duplet) rules must be obeyed.

�  The three oxygen atoms and one carbon atom of the 
carbonate ion each obey the octet rule – in all three 
resonance forms they each have eight valence electrons.

■ All resonance forms must contain the same number of electron pairs.
 All the resonance structures of the carbonate ion have three σ pairs, one π pair and eight 

lone (non-bonded) pairs.
■ All resonance forms must carry the same total or net charge.
 All the resonance structures of the carbonate ion have a total charge of −2.

To understand the importance of resonance in the stabilization of a structure, and the 
contribution of a particular resonance form, the following points must be considered:
■ In the case of ions, the most stable resonance structures will have negative charges on 

the electronegative atoms, usually oxygen and sulfur, and positive charges on the less 
electronegative atoms, usually carbon and nitrogen.

■ The most important resonance structures are those where as many atoms as possible obey the 
octet rule, have the maximum number of bonded electrons and have the fewest charges.

■ Resonance effects are always stabilizing and generally the greater the number of resonance 
structures that can be drawn, the greater the stability of the resonance hybrid.

The concept of formal charge can be used to identify the correct Lewis structure for a molecule 
or the most important resonance structure for a resonance-stabilized molecule or ion. The 
concept of formal charge is discussed later in this chapter.

Examples of resonance-stabilized ions and simple molecules
Two other inorganic ions that are stabilized by resonance and described by a series of 
symmetrical resonance structures are the nitrate(iii) (‘nitrite’) ion, NO2

− , and the nitrate(v) 
(‘nitrate’) ion, NO3

− (Figure 14.46). Curly arrows may be used to show the movement of electron 
pairs to generate resonance structures.

 ■ Figure 14.46 Resonance structures and hybrids for the nitrite and nitrate ions
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 ■ Figure 14.45 A diagram illustrating the concept of 
resonance energy for the carbonate ion
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results is known as a molecule. Covalent compounds are composed of molecules and each 
molecule is a group of bonded atoms held together by covalent bonds. Covalent bonds are 
usually formed between non-metallic elements.

A diatomic molecule is a molecule that consists of two identical atoms joined together by 
covalent bonds. For example, hydrogen gas exists as diatomic molecules, H2. The structure 
of a hydrogen molecule, H2, can be shown by using a Lewis structure (electron dot diagram) 
(Figure 4.24). A pair of electrons can be represented by dots, crosses, a combination of dots and 
crosses or by a line. Many chemists prefer to use a combination of dots and crosses so that it is 
clear which atom contributed the electrons.

ClCl ClCl ClCl ClCl
 ■ Figure 4.25 Lewis 

structures (electron 
dot diagrams) for the 
chlorine molecule, Cl2

HHHHHHHH ■ Figure 4.24 Lewis 
structures (electron 
dot diagrams) for the 
hydrogen molecule, H2

NN NN NN NN

OO OO OO OO
 ■ Figure 4.26 Lewis 

structures (electron dot 
diagrams) for oxygen 
and nitrogen molecules

Lewis structures (electron dot diagrams) are shown in Figure 4.25 for the chlorine molecule, Cl2. 
Note that the lone (unshared) pairs of electrons must be represented and that Cl−Cl is not a 
Lewis structure since it does not display the lone pairs of the two chlorine atoms. Lewis structures 
only include the outer or valence electrons since these are the electrons involved in bonding.

In the case of the elements oxygen and nitrogen, two and three pairs of electrons respectively 
must be shared between the two atoms of their molecules to achieve a stable noble gas electron 
arrangement. The oxygen molecule has a double bond and the nitrogen molecule has a triple 
bond (Figure 4.26).

Electron dot diagrams may also be drawn for molecules of compounds. Figure 4.27 gives the 
electron dot diagrams for hydrogen chloride, methane, water, ammonia, ethane, ethene and 
carbon dioxide molecules. All the diagrams represent molecules in which the bonded atoms 
have achieved the electron arrangement of a noble gas.
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 ■ Figure 4.27 Lewis 
structures (electron 
dot diagrams) for a 
selection of simple 
covalent compounds

Lewis structures (electron dot diagrams) may also be drawn to show the formation of ions in 
ionic compounds (Figure 4.28).

lithium fluoride

+
Li

–
F

sodium sulfide

+
Na

+
Na

2–
S

 ■ Figure 4.28 Lewis 
structures (electron dot 
diagrams) for lithium 
fluoride, LiF, and 
sodium sulfide, Na2S
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and its chemical nature will determine the 
properties of the polymer. Polymers, typically 
containing thousands of molecules of the 
monomer, are among the major products of 
the organic chemical industry. Indeed, many 
of our most common and useful plastics are 
polymers of alkenes. Figure 10.72 shows an 
analogy for the polymerization process – the 
individual beads are the monomers, and they 
are able to join together in a long chain, 
which represents the polymer molecule.

For example, ethene polymerizes to form poly(ethene), commonly known as polythene 
(Figure 10.73). This molecule was first synthesized in 1935 at the Imperial Chemical Industries 
(ICI) in the United Kingdom. The process was discovered largely by accidental contamination 
of the reactants with oxygen, and the product was originally called ‘Alkathene’. It had excellent 
electrical insulating properties and was used in the development of radar during the Second 
World War. It is commonly used in household containers, carrier bags, water tanks and piping.

 ■ Figure 10.72  
The assembly of beads 
into a chain represents 
a model of the 
polymerization process 
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 ■ Figure 10.73 
A diagrammatic 
representation of 
the polymerization 
of ethene to form 
poly(ethene)

The process outlined in Figure 10.73 is summarized in an equation that is often written as shown 
below. Here n represents the number of repeating units and is a large number.

HH

HH
C C

H H

H H

polymerization
n

n

C C

Although the chains formed by the addition polymerization process are saturated, the names of 
the polymers formed still contain the suffix -ene. This is because the standard way of naming the 
polymer is to use the prefix poly- followed by the name of the monomer in brackets, for example 
poly(propene). Do also note the standard way of representing a polymer in an equation – with 
the repeating unit in brackets followed by the letter n symbolizing a large number.

Following the discovery of poly(ethene) and its usefulness, considerable research was carried 
out to produce other addition polymers with modified properties to suit many diverse practical 
uses. Propene polymerizes to form poly(propene), often called polypropylene. This polymer is 
used in the manufacture of clothing, especially thermal wear for outdoor activities.

HH

H
C C

H H
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n

propene poly(propene)

n

C C
CH3 CH3
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As the temperature increases, metal ions vibrate more vigorously and there 
is a larger cross-sectional for the electrons to collide with and the electrical 
conductivity decreases and resistance increases.

A more detailed and accurate model of describing metallic bonding is band 
theory. Atomic orbitals from each metal atom interact to create a very large 
number of orbitals delocalized over every metal atom (Figure 24.54). The 
energy levels of these delocalized orbitals cover a range of energies called a band, 
so that there is an orbital for any energy, as long as that energy is within the 
band.

c n metal
  atoms

band

a 2 metal
   atoms

b 4 metal
   atoms

Figure 24.54 The interaction of two atomic orbitals leads to two well-
separated molecular orbitals. The interaction of a large number (n) atomic 
orbitals in the metal lattice leads to a band of n energy levels

For a solid to be able to conduct electricity and behave like a metal, a band must 
be partially filled with electrons. If the band is empty, there are no electrons to 
carry the current; if the band is full, there are no empty energy levels for the 
electrons to move into.

�Q Semiconductors
A semiconductor is a solid with intermediate electrical conductivity between 
that of a metal and an insulator (though closer to an insulator). Semiconductors 
are able to conduct electricity better under particular conditions, such as 
higher temperatures or in the presence of increased light intensity. Silicon is 
the most well-known semiconductor and the main element in the electronics 
and semiconductor industries. It has the same tetrahedral structure as diamond 
(Figure 24.55), but the bonds are longer and weaker (due to the greater atomic 
radius of silicon).
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Figure 24.55 Structure of silicon

Semiconductor resistance decreases as temperature increases. This is the opposite 
behaviour to a metal. At higher temperatures more electrons are promoted to the 
conduction band and are free to move (Figure 24.56).
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1  Stoichiometric relationships2

The elements can also be classified into two groups: metals and non-metals (see Chapter 4), 
based on their chemical and physical properties. For example, aluminium is a metal and chlorine 
is a non-metal.

Many elements exist as atoms, for example metals and the noble gases. However, many 
non-metals exist as atoms bonded together into molecules (Figure 1.3). Examples of non-metal 
molecules include oxygen, O2, chlorine, Cl2, nitrogen, N2, phosphorus, P4, and sulfur, S8. 
Oxygen, nitrogen and chlorine exist as diatomic molecules.

Allotropy is the existence of two or more crystalline forms of an element. These different 
forms are called allotropes. Allotropes exist where there is more than one possible arrangement of 
bonded atoms. For example, solid carbon can exist in three allotropes: diamond, carbon-60 (C60) 
or buckminsterfullerene, graphite (and graphene which is a single layer of graphite) (see Chapter 4); 
oxygen can exist in two allotropes: dioxygen (O2) and trioxygen (ozone, O3).

ToK Link
Priestley and Lavoisier’s discovery of oxygen

Oxygen was first prepared in a reasonably pure state in the 18th century, and its preparation was followed 
by a theory of burning (combustion) which is still accepted. It completely replaced a theory called the 
phlogiston theory in a paradigm shift. This occurs when a scientific model or way of thinking is quickly and 
completely replaced by a very different scientific model or way of thinking.

Priestley strongly heated a red powder (mercury oxide) which he called calx of mercury. This substance 
decomposed into two substances: mercury and a gas (now known to be oxygen). He also discovered that 
flammable substances burned much more strongly in this gas (100% oxygen) than in normal air (20% oxygen). 
Priestley informed Lavoisier of his discovery, and Lavoisier carried out an experiment (Figure 1.4) in which he 
demonstrated that the gas which Priestley had made was identical to that 20% of the air which supports 
combustion (burning). 

He kept the mercury in the retort, at a 
temperature just lower than its boiling 
point, for several days. He observed that the 
volume of gas had been reduced by 20%, 
this being shown by a rise in the level of 
the mercury in the bell jar. He also observed 
that a red powder (mercury oxide) had been 
formed on the surface of the hot mercury 
in the retort. The gas (now known to be 
nitrogen and noble gases) remaining in his 
apparatus would not support combustion.

On the basis of his and Priestley’s observations, Lavoisier proposed the following explanation of combustion 
and the composition of air: 20% of air consists of oxygen; when substances burn they chemically combine 
with oxygen, forming oxides. When a substance burns completely, the mass of the oxide formed equals the 
combined mass of the original substance and the mass of the oxygen with which it has chemically combined.

 ■ Figure 1.5  
A model showing 
the structure of the 
compound calcium 
carbonate, CaCO3 
(black spheres 
represent carbon,  
red oxygen and  
clear calcium)

 ■ Compounds
Many mixtures of elements undergo a chemical reaction when they are mixed together and 
heated. The formation of a compound (Figure 1.5) from its elements is termed synthesis. Heat 
energy is usually released during this reaction (see Chapter 5).

heat
mercury

air

retort
bell jar

■ Figure 1.4 Lavoisier’s preparation of oxygen
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S
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 ■ Figure 1.3  
Diagram of oxygen, 
nitrogen, hydrogen, 
chlorine and sulfur 
molecules
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Explaining the physical properties of metals
Metals are ductile and malleable and are excellent conductors of heat and electricity. In a 
metal, the valence electrons do not belong to any particular atom. Hence, if sufficient force is 
applied to the metal, one layer of metal atoms can slide over another without disrupting the 
metallic bonding (Figure 4.98). The metallic bonding in a metal is strong and flexible and so 
metals can be hammered into thin sheets (malleability) or drawn into long wires (ductility) 
without breaking.

stress + + +
e–

e–

e–
e–

e–

e–

+ + + stress

+ + +
e–

e–

e–

e–
e–

e–

+ + +

However, if atoms of other elements are added by alloying, the layers of ions will not slide over 
each other so readily. The alloy is thus less malleable and ductile and consequently harder and 
stronger.

When a voltage (potential difference) is applied across a metal, the delocalized electrons are 
repelled from the negative electrode and move towards the positive electrode. This orderly flow 
of electrons constitutes an electric current.

The delocalized electrons can also conduct heat by carrying kinetic energy (in the form of 
vibrations) from a hot part of the metal lattice to a colder part of the lattice. The presence of 
delocalized electrons in metals accounts for the thermal and electrical conductivity of metals.

The melting points of metals
The melting point is an approximate measure of the strength of the metallic bonding in a metal 
lattice. The higher the melting point, the stronger the metallic bonding.

The delocalized electrons in the valence shell of the metal atoms are responsible for the 
metallic bond, and therefore for its strength. The other factor controlling the strength of metallic 
bonding is the size of the metal ion. The smaller the ionic radius, the stronger the metallic 
bonding. Thus:

 strength of metallic bond ∝ number of valence electrons per atom
metallic radius

The strength of metallic bonding therefore increases in period 3 from sodium, through 
magnesium, to aluminium (Figure 4.99) as the number of valence electrons per atom increases 
from one, to two and then three. The ionic radius decreases from sodium to aluminium, as 
the large increase in nuclear charge outweighs the small increase in shielding (Chapter 3). 
Consequently, the melting points increase from sodium to aluminium (Table 4.17). The same 
trend is exhibited by the metallic elements in period 2.

+ + + +

+ + + +

+ + +

2+ 2+ 2+ +

2+ 2+ 2+ +

2+ 2+ 2+

3+ 3+ 3+

3+ 3+ 3+

3+ 3+ 3+

A B C

 ■ Figure 4.98 The 
application of a shear 
force to a metal lattice: 
adjacent layers can 
slide over each other

 ■ Figure 4.99 Metals 
with small highly 
charged ions form 
stronger metallic 
bonds (metallic bond 
strength increases  
A < B < C)
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23 B CaCO3 + 2 HCl ® CaCl2 + CO2 + H2O 
 
  No. of moles of CaCO3 = 4.0 g ÷ 100 g mol–1 = 0.04 mol [ER] 
  No. of moles of HCl = 0.1 dm3 × 0.1 mol dm–3 = 0.01 mol  [LR] 
 
  Generally, rate of reaction decreases over time as lesser reactants available for reaction. 
  LR gets reacted completely in the chemical rxn and controls the amount of product formed.  
24 D Reaction of Group II metal oxides with water : increasing vigour down the Group.  
 
   MgO reacts very slowly to form Mg(OH)2.  
    Mg(OH)2 is sparingly soluble in water with partial ionisation, conc of OH– ↓↓  
    ⇒	weak alkaline soln   [↑ pH] 
   BaO reacts readily to form Ba(OH)2.  
    Ba(OH)2 is soluble in water with complete ionisation, conc of OH– ↑↑ 
    ⇒ strong alkaline soln   [↑↑↑ pH]  
 
   Ba(OH)2 is obtained as the filtrate, which produces the white ppt (BaSO4). 
25 C MgCO3 undergoes thermal decomposition to form MgO and CO2.  
    
   MgCO3 reacts with HCl to form CO2 (g).  
   MgO formed reacts with HCl to form H2O (l).  
26 B Most probable energy is the energy possessed by most of the reacting molecules.  
    
   When T increases, more reacting molecules will gain KE; a decrease in the reacting molecules 
   initially with most probable energy.  
27 C Reaction involves equimolar gaseous reactants and products. Hence, changes in pressure have 
   no effect on the equilibrium. 
 
   Reaction absorbs energy from surroundings for reaction: ∆ H = +ve (endothermic rxn) 
   Increasing T forms more products, the equilibrium then shifts to the right.  
28 D Alternative pathway with a lower Ea.  
29 C Ni in NiO(OH) :  x + (–2) + (–1) = 0 
       x = +3 
    Ni(OH)2.H2O : x + 2(–1) + (0) = 0 [water of crystallisation= neutral molecule] 
       x = +2 
    
  Or… As Cd oxidises to Cd(OH)2 (OSCd from 0 to +2), Ni gets reduced (OSNi from +3 to +2). 
30 B Identify the noble gases (Group 0) from having the lowest mp.  
 
   A :  Group VI  oxygen 
    Group VII fluorine 
    Group 0 neon  
   B :  Group I sodium 
   C :  Group II magnesium  
    Group III aluminium  
   D :  Group IV silicon (giant covalent structure)  
    Group V phosphorous 
    Group VI sulfur 
    Group VII chlorine  
    Group 0 argon  
     
 

 

Compare (within the Group) 
 Group VI :   S > O 
 Group VII :  Cl > F 
 Group 0 :   Ar > Ne 

 

Mp increases down the Group 
 

Compare (between metals) 
(98 ℃) Na < Mg (650 ℃) 

 

No. of valence e– increases, stronger 
metallic bond due to larger charge in ESF, 

greater amount of heat required, higher mp 
 

[invalid for Group I metals] 

Compare (between non-metals) 
P < S 

 

 P forms molecule P4 (44 ℃) 
 S forms molecule S8 (115 ℃) 
 

Larger Mr, stronger IMF, greater 
amount of heat required, higher mp 

 

Good luck!! 


