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Advanced Higher Chemistry Unit 1
2.  BONDING & the PERIODIC TABLE

Covalent Bonding
2.1  Non-polar covalent bonding and ionic bonding can be considered   
  as being at opposite ends of a bonding continuum with polar 
  covalent bonding lying between these two extremes
 
2.2  Different electron models can be used to explain the experimental   
  evidence associated with covalent bonding
 
2.3  Lewis electron dot diagrams represent bonding and non-bonding   
  electron pairs in molecules and in polyatomic ions
 
2.4  A dative covalent bond is one in which one atom provides both   
  electrons of the bonding pair
 
2.5  Species such as ozone, sulphur dioxide and carbonate ions can be   
  represented by equivalent electron dot diagrams known as 
  resonance structures

Shapes of molecules and polyatomic ions
2.6  The shapes of molecules or polyatomic ions can be predicted from   
  the number of bonding electron pairs and the number of non-
  bonding electron pairs
 
2.7  The arrangement of electron pairs is linear, trigonal, tetrahedral,
  trigonal bipyramidal and octahedral when the total number of 
  electron pairs is 2, 3, 4, 5, and 6 respectively
 
2.8  Electron pair repulsions decrease in strength in the order:
  non-bonding/non-bonding  >  non-bonding/bonding  > bonding/  
  bonding
 
2.9  These different strengths of electron pair repulsion account for   
  slight deviations from expected bond angles in molecules such as   
  NH3 and H2O

Ionic Lattice Structures
2.10 The geometry of the crystalline structure adopted by an ionic
  compound depends on the relative sizes of the ions. This affects   
  the number of ions which can pack round an ion of opposite charge
 
2.11 Examples of crystal lattice structures are sodium chloride
                 & caesium chloride

Superconductors
2.12 Superconductors are a special class of materials that have almost   
  zero electrical resistance at temperatures near absolute zero
 
2.13 Achieving temperatures near absolute zero is difficult and costly   
  so application of superconduction at these temperatures is 
  impractical
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2.14 Recently, superconductors have been discovered which have zero   
  resistance up to temperatures above the boiling point of liquid   
  nitrogen - temperatures that are less costly to maintain
 
2.15 Superconductors may have future applications in power 
  transmission and electrically powered forms of transport

Semiconductors
2.16 A covalent element, such as silicon or germanium, which has a   
  higher conductivity than that of a typical non-metal but a much   
  lower conductivity than that of a metal is described as a 
  semiconductor

2.17 Semicconductors are also referred to as metalloids and occur at   
  the division between metals and non-metals in the Periodic Table

2.18 The electrical conductivity of semiconductors increases with 
  increasing temperature. The electrical conductivity of 
  semiconductors increases on exposure to light. This is known as   
  the photovoltaic effect

2.19 Elements such as silicon and germanium have similar structures   
  to diamond but the covalent bonds are weaker. Thermal agitation   
  of the lattice can result in some of the bonding electrons breaking   
  free, leaving positive sites called ‘holes’

2.20 When a voltage is applied to these elements, electrons and holes   
  can migrate through the lattice
 
2.21 Doping pure crystals of silicon or germanium with certain other   
  elements produces n-type and p-type semiconductors

2.22 The type of semiconduction depends on the specific dopant used

2.23 In n-type and p-type semiconductors the main current carriers are   
  surplus electrons and positive holes respectively

2.24 Crystals of silicon and germanium can be prepared with bands of   
  n-type or p-type semiconductors. The p-n junction,which occurs   
  between a layer of n-type and a layer of p-type semiconductor has   
  specific electrical properties which forms the basis of the 
  electronics industry

2.25 Solar cells use the photovoltaic effect to convert sunlight into
   electricity
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SECTION 2 
 
 
 
 
Atoms are held together in substances by chemical bonds and an 
understanding of chemical bonding is central to our understanding of 
chemistry, since the breaking and the forming of new bonds is basically what 
happens in chemical reactions.  A chemical bond will form when atoms or 
molecules can rearrange their electrons in such a way as to bring about a new 
arrangement of electrons and nuclei of lower energy than before the bonding 
occurred. 
 
A chemical bond can be considered to be the localisation of negative 
electrons holding together two adjacent positive nuclei (Figure 16). 
 
Figure 16 

 
 

A simple summary of bonding covered in Higher Chemistry is shown in 
Figure 17 where ΔEN = difference in electronegativity values between the 
two atoms forming the bond. 
 
Figure 17 
 
non-polar covalent polar covalent ionic 
 
ΔEN = 0 ΔEN increasing 
 
usually low melting  high melting and 
and boiling points –  boiling points – 
non-conductors   conduct electricity in  
of electricity  solution and when  
   molten 
 
Figure 17 illustrates that non-polar covalent bonding and ionic bonding are 
considered as being at opposite ends of a bonding continuum with polar 
covalent bonding lying between these two extremes. This is very much a 
simplified summary with metallic bonding being ignored.  There are also 
well-known exceptions such as carbon in the form of graphite, which can 
conduct electricity. 
 
Electronegativity differences between atoms of different elements are helpful 
but do not always predict the type of bonding correctly.  For example, 
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consider the two compounds sodium hydride (NaH) and water (H2O): 
 
 sodium hydride: EN for Na = 0.9 
   EN for H = 2.2 
   so ΔEN = 2.2 – 0.9 = 1.3  
  
 water: EN for H = 2.2 
   EN for O = 3.5 
   so ΔEN = 3.5 – 2.2 = 1.3 
 
It might therefore be expected that both compounds will have the same type 
of bonding, most likely polar covalent. 
 
However, sodium hydride is a solid at room temperature and when melted and 
electrolysed, hydrogen gas is produced at the positive electrode.  This 
demonstrates that sodium hydride is ionic and also that it contains the hydride 
ion, H–.  Water, of course, has polar covalent bonding. 
 
Electronegativity values and their differences are useful indicators of the type 
of bonding but it is also necessary to study the properties of the substance for 
confirmation or otherwise. 
 
In general, ionic bonds involve metals from the left-hand side of the Periodic 
Table combining with non-metals from the far right-hand side.  Covalent 
bonding usually occurs when the two bonding elements are non-metals that 
lie close to each other in the Periodic Table.  Ignoring metallic bonding, most 
chemical bonds are somewhere between purely covalent and purely ionic. 
 
Covalent bonding 
 
Consider what happens when two hydrogen atoms approach one another to 
form a hydrogen molecule.  Each of the hydrogen atoms has a single proton 
in its nucleus and a single electron in the 1s orbital.  These are shown 
separated in Figure 18.   
             
Figure 18 
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When the atoms move closer together (Figure 19) the electrostatic attraction 
between the nucleus of one atom and the electron of the other becomes 
significant and a drop in potential energy results.   
 
Figure 19 
 
 
 
 
 
 
If the atoms become too close together, the repulsive force between the nuclei 
becomes more important and the potential energy increases again.  The most 
stable situation, Figure 20, when the potential energy is at its lowest, is where 
the forces of attraction and repulsion balance. 
 
Figure 20 
 
 
 
 
 
 
Each atom now has a share of both electrons and there is a region of common 
electron density between the two nuclei.  This electron density exerts an 
attractive force on each nucleus, keeping both atoms held tightly together in a 
covalent bond.  Figure 21 shows the energy changes that occur when the 
orbitals from two hydrogen atoms overlap to form a covalent bond. 
 
 
Figure 21 
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From Figure 21 it can be seen that in the formation of a covalent bond  
• there is a merging or overlap of atomic orbitals 
•  the atoms take up position at a distance such that the forces of repulsion 

and attraction balance.  This distance is known as the bond length (ro). 
•  a certain amount of energy is released to the surroundings.  This same 

amount of energy must be supplied to the molecule to break the bond.  The 
energy required to break one mole of these bonds is known as the bond 
enthalpy, or bond dissociation energy. 

 
A single covalent bond contains a shared pair of electrons.  When two pairs 
of electrons are shared a double bond forms, as in oxygen (O=O).  When 
three pairs of electrons are shared a triple bond forms, as in nitrogen (N≡N). 
 
In 1916 the American chemist G N Lewis introduced the theory of the shared 
electron pair constituting a chemical bond.  To honour his contribution 
electron-dot (or dot-and-cross) diagrams are known as Lewis electron-dot 
diagrams or simply Lewis diagrams. 
 
For example, the Lewis diagram for hydrogen is: 
 
 
 
If we wish to show that each of the bonding electrons is from a different 
hydrogen atom the dot-and-cross variation can be used: 
 
 
 
 
Similar diagrams for fluorine and nitrogen are: 
 
 
 
 
 
 
 

 
 
 
Question 
 
Draw Lewis diagrams for 
(a) chlorine (e) hydrogen cyanide, HCN 
(b) hydrogen fluoride (f) methane 
(c) carbon dioxide (g) water 
(d) ammonia 
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Some of the above questions contain pairs of electrons that are not involved 
in bonding.  Such non-bonding pairs of electrons are often known as lone 
pairs. 
 
For example, in water   
 
 
 
 
 

there are two bonding pairs of electrons ( x• )and two non-bonding pairs of 

electrons (:). 
 
The total number of bonding and non-bonding pairs of electrons becomes 
important in determining the shapes of molecules (see page 29). 
 
Sometimes both the electrons making up a covalent bond come from the same 
atom.  This type of covalent bond is known as a dative covalent bond (or co-
ordinate covalent bond).  An example of the formation of a dative covalent 
bond is when ammonia gas is passed into a solution containing hydrogen ions 
to form the ammonium ion, NH4

+: 
 
 NH3(g) +   H+(aq)   →   NH4

+(aq) 
 
The Lewis dot-and-cross diagram for this reaction is: 
 
 
 
 
 
 
 
 
 
 
 
 
The hydrogen ion has no electrons and both electrons for the dative covalent 
bond come from the lone pair on the nitrogen atom.  Once a dative covalent 
bond has formed it is the same as any other covalent bond.  In the ammonium 
ion all four N–H bonds are identical. 
 
Resonance structures  
 
High in the upper atmosphere, a layer of ozone gas, O3, protects us from the 
intense ultra-violet radiation coming from the sun.  All the  
O–O bonds in ozone are of equal length, suggesting that there is an equal 
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number of bonding pairs on each side of the central O atom.  This is at odds 
with drawing a Lewis electron-dot diagram since double bonds are much 
shorter than single bonds: 
 
 
 
This is more simply represented as: 
 
 
 
 
 
 
One way to get ground the problem of the single and double bonds being of 
different lengths is to draw equivalent diagrams known as resonance 
structures: 
 
 
 
 
 
 
It is important to understand that neither structure is a satisfactory 
representation of the bonding since the two terminal oxygen atoms in ozone 
are known to be equivalent.  The actual bonding is midway between these two 
resonance structures and is best represented  by a single composite structure 
in which two of the bonding electrons are delocalised or spread 
symmetrically over the three oxygen atoms.  The delocalised electrons are 
represented by the dotted line: 
 
 
 
 
It is important to realise that ozone has only one actual structure.  It does not 
‘flip’ from one resonance structure to another. 
 
Resonance structures can also be drawn for the carbonate ion.  This time 
there are three equivalent structures, whose equal contribution by complete 
delocalisation of charge is denoted by the double-headed arrows, ↔:   
 
 
 
 
 
 
 
 
 
In fact, experimental data show that all the bonds in the carbonate ion are the 
same length and all the bond angles are the same. 
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Resonance structures differ in the number of bonding pairs between a given 
pair of atoms.  Resonance structures differ only in the positions of the 
electron pairs, not in the position of the atoms.  
 

Question 
 
Draw the two equivalent resonance structures for sulphur dioxide, SO2. 

 
 
Shapes of molecules and polyatomic ions 
 
The shapes of molecules or polyatomic ions (e.g. NH4

+) can be predicted from 
the number of bonding electron pairs and the number of non-bonding electron 
pairs (lone pairs).  This is because the direction which covalent bonds take up 
in space is determined by the number of orbitals occupied by electron pairs 
and the repulsion between these orbitals.  The repulsive effect of a non-
bonded pair or lone pair of electrons is greater than that of a bonded pair and 
so the trend in repulsive effect is: 
 
bonded pair:bonded pair < bonded pair:lone pair < lone pair:lone pair  
 
The shape adopted by the molecule or polyatomic ion is the one in which the 
electron pairs in the outer shell get as far apart as possible.  In other words, 
the shape in which there is the minimum repulsion between the electron pairs. 
 
Consider some examples: 
 
(a) Two filled orbitals, both bonding pairs, e.g. beryllium chloride, 

BeCl2(g) 
  In the beryllium chloride molecule beryllium has two outer electrons 

and each chlorine atom contributes one electron and so there is a total 
of four electrons, i.e. two electron pairs, involved in bonding.  These 
two bonding pairs will be as far apart as possible at 180o and so the 
beryllium chloride molecule is linear: 

 
  ClBeCl 
 
(b) Three filled orbitals, all bonding pairs, e.g. boron trifluoride, BF3 
    In the boron trifluoride molecule boron has three outer electrons and 

each fluoride atom contributes one electron to the structure.  In total 
there are six electrons involved in bonding, resulting in three bonding 
pairs.  Repulsions are minimised between these three bonding pairs 
when the molecule is flat and the bond angles are 120o.  The name given  
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 to this shape of molecule is trigonal planar (or simply trigonal): 
 
 
 
 
 
 
 
 
(c)  Four filled orbitals, all bonding pairs, e.g. methane, CH4 
  In methane, the central carbon atom has four outer electrons and each 

hydrogen atom contributes one electron to the structure and so there is a 
total of eight electrons involved in bonding, resulting in four electron 
pairs.  The methane molecule is tetrahedral because this is the shape in 
which there is minimum repulsion between these electron pairs.  The 
exact bond angles in methane are found using X-ray diffraction to be 
109.5o, which is the true tetrahedral value: 

 
 
 
 
 
 
 
 
 
 
 
  Four filled orbitals, three bonding pairs and one lone pair, e.g. 

ammonia, NH3 
  In ammonia, the central nitrogen atom has five outer electrons and each 

hydrogen atom contributes one electron.   There is a total of four 
electron pairs, but only three are bonding pairs, i.e. there are three N–H 
bonds while one pair of electrons is a non-bonding or lone pair. The 
arrangement of the electron pairs is tetrahedral but since there are only 
three bonds the shape is said to be pyramidal.  There is greater 
repulsion between the lone pair and the three bonding pairs than there is 
between the three different bonding pairs with the result that the bonds 
are pushed closer together by the lone pair.   Instead of a bond angle of 
109.5o, the three bonds are angled at 107o to each other: 
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  Four filled orbitals, two bonding pairs and two lone pairs, e.g. 
water, H2O 

  In water, the central oxygen atom has six outer electrons and each 
hydrogen atom contributes one electron.   There is a total of four 
electron pairs, but only two are bonding pairs.  In other words, there are 
two O–H bonds and two non-bonding or lone pairs. The arrangement of 
the electron pairs is tetrahedral but since there is greater repulsion 
between the two lone pairs than between the lone pairs and the two 
bonding pairs the outcome is that the bonds are pushed even closer 
together in water than in ammonia.   In water the bond angle is 
approximately 105o and the shape of the water molecule is bent: 

 
 
 
 
 It is worth noting that if the lone pair on the nitrogen in ammonia were 

to form a dative covalent bond with a hydrogen ion to form the 
ammonium ion, there would be four equivalent bonding pairs and no 
non-bonding pairs.  The shape of the ammonium ion would therefore be 
tetrahedral and all the bond angles would be 109.5o, as in methane: 

 
 
 
 
 
 
 
 
 
 
 
 
 
(d) Five filled orbitals, all bonding pairs, e.g. gaseous phosphorus(V) 

chloride, PCl5(g) 
In gaseous phosphorus(V) chloride the central phosphorus atom has five 
outer electrons and each chlorine atom contributes one electron to make 
five electron pairs.  There will be no lone pairs as there will be five P–
Cl bonds.  The shape of the molecule is trigonal bipyramidal: 
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  With no lone pairs on the central phosphorus atom, the bond angles 
between the three central chlorine atoms are 120o.  The upper chlorine 
atom has bond angles of 90o to the three central chlorine atoms as does 
the lower chlorine atom.  The bond angle between the upper and lower 
chlorine atom is 180o. 

 
  Five filled orbitals, three bonding pairs and two lone pairs, e.g. 

chlorine(III) fluoride, ClF3  
  In chlorine(III) fluoride the central chlorine atom has seven outer 

electrons and each fluorine atom contributes one electron to make five 
electron pairs in total.  Three of these will be bonding pairs and two 
will be lone pairs.  The five electron pairs will be in a trigonal 
bipyramidal arrangement but the actual shape of the molecule depends 
on the arrangement of the bonds.  There are three possible options 
(showing all electron pairs as solid lines in this case): 

 
  F       F 
       F        
  ClF   ClF   ClF 
      F      F  
  F          
  
  Considering all the repulsive forces between the electron pairs and 

taking into account that there is greatest repulsion at 90o and least at 
180o, and also remembering that the trend in repulsive effect is bonded 
pair:bonded pair < bonded pair:lone pair < lone pair:lone pair, the most 
stable option is: 

 
  F         
     
  ClF 
            
  F  
         
   The ClF3 molecule is said to be ‘T-shaped’. 
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(e) Six filled orbitals, all bonding pairs, e.g. sulphur hexafluoride, SF6   
  In sulphur hexafluoride, the central sulphur atom has six outer electrons 

and each fluorine atom contributes one electron, resulting in six 
electron pairs, all of which are bonding pairs.   The shape of the 
molecule is:     

 
 
  If this molecule were constructed in a solid shape it would be a regular 

octahedron and therefore the SF6 molecule is octahedral in shape. 
 
Bearing in mind that the number of electron pairs decides the shape of 
molecules, Table 11 provides a useful summary of molecular shapes. 
 
Table 11 
 

Total number of  Arrangement of  
electron pairs electron pairs 
 
2 Linear 
 
3 Trigonal 
 
4 Tetrahedral 
 
5 Trigonal bipyramidal 
 
6 Octahedral 

 
 
 

Question 
 
Draw molecules of the following species showing their shapes: 
(a) PCl3 (d) PF5 (g) NF3 
(b) SnCl4 (e) BeF2 (h) BH4

–  
(c) BrF4

– (f)  H2S 
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Ionic lattices, superconductors and semiconductors 
 
Ionic lattice structures 
 
Ionic compounds have high melting and boiling points and are solids at room 
temperature.  They are brittle when hit hard unlike metals, which are both 
malleable and ductile. 
 
In ionic compounds the ions are held together by the attraction of their 
opposite electrical charges.  Each positive ion (cation) attracts several 
negative ions (anions) and vice versa in a structure known as an ionic lattice. 
There are no molecules or even pairs of ions in ionic solids but a huge lattice 
of ions clumped together with each ion pulling others of the opposite charge 
around it. 
 
Ionic solids do not conduct electricity as the ions are trapped in the lattice, 
but in the liquid state the ions are mobile and the compound is then able to 
conduct electricity. 
 
The exact arrangement of the ions in an ionic lattice varies according to the 
particular ions.  In an ionic lattice the positive and negative ions may have 
similar sizes or may be quite different in size.  The geometry of the 
crystalline structure adopted by the compound depends on the relative sizes 
of the ions. 
 
In sodium chloride each Na+ ion is surrounded by six Cl– ions and vice versa.  
This is known as 6:6 co-ordination. The sodium chloride lattice structure has 
a face-centred cubic arrangement and this structure is generally adopted by 
ionic compounds in which the anion is somewhat bigger than the cation.  The 
ionic radius of Na+ is 95 pm and that of Cl– is 181 pm. 
 
Figure 22 
 

 



CHEMICAL BONDING 

CHEMISTRY       16

Many ionic compounds adopt the sodium chloride structure (Figure 22) 
because it is the optimum arrangement for ions of relative sizes similar to 
those of Na+ and Cl–.  The optimum arrangement is a compromise between 
maximum attraction of oppositely charged ions and minimum repulsion of 
ions of the same charge. 
 
When the positive and negative ions have similar sizes, the crystalline 
structure adopted is more likely to be that of caesium chloride (Figure 23), 
which has 8:8 co-ordination.  The ionic radius for Cs+ is 174 pm, which is 
fairly similar to that of Cl– (181 pm). 
 
Figure 23 
 

 
 
As well as the sodium chloride and caesium chloride lattices there are other 
types of ionic crystalline structures. The sodium chloride structure (often 
known as the rock salt structure) is adopted by many classes of compounds, 
particularly the alkali metal halides except for CsCl, CsBr and CsI. 
 

Question 
 
Which structure, that of NaCl or CsCl, is likely to be adopted by the 
following ionic compounds? 
(a) NiO (b) MgO (c) CsBr     (d) CaO  

   
Different structures are found in compounds where the ratio of positive to 
negative ions is not 1:1.  For example, in rutile, TiO2, each titanium ion is 
surrounded by six oxide ions and each oxide ion is surrounded by three 
titanium ions and so the rutile structure has 6:3 co-ordination. 
 
Superconductors 
 
Metals are good electrical conductors because of the mobile electrons in the 
metallic lattice.  At ordinary temperatures metals have some resistance to the 
flow of electrons.  In 1911, Onnes, a Danish scientist who was the first to 
liquefy helium, discovered that when mercury is cooled to about 4 K  
(–269oC) it loses all resistance to electrical flow. 
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Thus, a current once started will flow continuously.  This phenomenon is 
known as superconductivity and superconductors are materials that 
conduct electricity with no resistance.  This means that superconductors can 
carry a current indefinitely without losing any energy. 
 
Onnes found that several metals, such as copper, lead, tin and silver, lose all 
electrical resistance when cooled to a low enough temperature. 
When the temperature is lowered (using liquid helium), the atoms vibrate less 
and the resistance decreases smoothly until the ‘critical temperature’, Tc , of 
the metal is reached.  At this point the resistance drops abruptly to zero. 
 
Figure 24 
 

 
 
The critical temperatures of these metals are too low to have many practical 
applications since achieving temperatures near absolute zero  
(0 K or –273oC) is very difficult and costly. 
 
In 1986 a superconductor with a critical temperature over 30 K was 
discovered.  This instigated more research throughout the world, culminating 
in the discovery of a metallic oxide of yttrium, barium and copper with a 
critical temperature of about 92 K.  This compound, YBa2Cu3O7, is called a 1-
2-3 superconductor because of the molar ratio of the three metals.   
 
This higher critical temperature meant that liquid nitrogen (boiling point 77 
K), which is relatively cheap and readily available, as well as being easy to 
handle, could be used as the coolant instead of liquid helium. 
 
Compounds such as the 1-2-3 superconductors are known as ceramic 
superconductors.  They have higher critical temperatures than purely metallic 
ones but there is still a problem forming ceramics into wires, as ceramics are 
less ductile than metals. 
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Recent research has discovered oxides that act as superconductors up to about 
125 K. 
 
There is no definite answer to the question of how superconductors work but 
it is obvious that the properties of a superconductor depend on its structure 
and the packing of its atoms/ions in its crystalline form.  A simplified 
explanation to the phenomenon is given below. 
 
A metal can be considered as a lattice of positive ions that can vibrate as if 
attached by stiff springs.  The ions are surrounded by delocalised outer 
electrons, which move through the lattice and constitute an electric current.  
Normally the electrons repel each other and are scattered by the lattice, which 
resists their movement to some extent.  When an electron passes the positive 
ions in the metallic lattice, the positive ions are attracted to the electron and 
move slightly towards it.  After the electron has passed, the ions spring back 
quickly to their original positions.  When some metals are cooled to very low 
temperatures the positive ions do not return to their original positions so 
quickly and momentarily a positively charged local region is created.  A 
second electron is attracted to this positive region and in this way follows the 
first electron through the lattice.  In effect the two electrons travel as a pair 
through the lattice of ions.  When travelling as a pair the two electrons are 
not scattered and meet so little resistance from the lattice that the metal can 
be considered to have zero resistance. 
 
Superconductors, which have no unpaired electrons, are also perfectly 
diamagnetic, i.e. they repel a magnetic field.  This property is known as the 
Meissner effect and was discovered in 1933.  A magnet induces a current in a 
conductor and conversely a current induces a magnetic field.  When a magnet 
approaches a superconductor, it induces a current in the superconductor.  The 
current will flow continuously since there is no resistance and thus it induces 
its own magnetic field, which will then repel the magnet.  If the magnet is 
sufficiently strong, but small, the magnet will levitate above the surface of 
the superconductor. 
 
Superconductors have already drastically changed the world of medicine with 
the advent of magnetic resonance imaging, which has meant a reduction in 
exploratory surgery.  
 
Another possible use for superconductors in the future is in frictionless 
bearings.  The idea is to assemble a device in which superconductors will 
hold a rotor in place by magnetic levitation without frictional contact.  This 
would significantly increase the efficiency of electrical motors and 
generators, and so may allow superconductors to revolutionise electrically 
powered forms of transport. 
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A more obvious use of superconductors is in power transmission.  
Superconducting underground transmission cables are being developed to 
carry about four times more power than conventional cables. 
 
Semiconductors 
 
Semiconductors are important solid-state materials with many technical 
applications.  The most commercially valuable property of such substances in 
crystal form is that their electrical conductivity increases with increasing 
temperature.  (The conductivity of a superconductor increases as the 
temperature decreases.) 
 
At room temperature the conductivity of a semiconductor is lower than that of 
metals but above that of insulators.  The criterion for distinguishing between 
a metallic conductor and a semiconductor is the temperature dependence of 
the electrical conductivity.  The conductivity of any metal decreases as the 
temperature increases.   
 
Figure 25 
 

 
 
The unit of conductivity is the siemens, S, which is equal to the reciprocal of 
the ohm, i.e. ohm–1. 
 
In atoms the electrons are in atomic orbitals but when atoms come together to 
form a solid the molecular orbitals formed may have such similar energies 
that they form a virtually continuous band covering a range of energies.  On 
an energy diagram such as Figure 26, bands are often separated by band gaps, 
which are values of the energy for which there are no orbitals. 
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Figure 26 
 

 
 
Imagine two atoms joining together.  When they do so, two molecular orbitals 
are formed and when a large number, N, of atoms join in a line, N molecular 
orbitals are formed.  The total width of the energy band depends on the 
strength of interaction between neighbouring atoms. 
 
Only electrons in partially filled bands are free to move and conduct 
electricity.  In metals, the highest band occupied by electrons is only partially 
filled and so metals are good conductors of electricity. 
 
In insulators and semiconductors, the bands are either completely filled or 
completely empty.  In order to conduct, an electron needs to be excited into a 
higher unfilled band to create a partially filled band. 
If the band gap (or energy gap) is too big, the material will not conduct and it 
is therefore an insulator. In semiconductors the band gap is relatively small 
and some electrons will have enough energy to move from the highest 
occupied band (the valence band) into the lowest unfilled band (the 
conduction band) even at room temperature (see Figure 27).  As both bands 
are then partially filled the material will conduct.  If more energy is provided 
by increasing the temperature, more electrons can move into the higher band 
and the conductivity will increase.  
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Figure 27 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Elements such as silicon and germanium, which are semiconductors in crystal 
form, are also referred to as metalloids because they occur at the division 
between metals and non-metals in the Periodic Table.  Silicon is the most 
widely used semiconductor.  It is in Group 4 of the Periodic Table and has a 
giant covalent tetrahedral structure similar to diamond but the Si–Si bonds 
are weaker than the C–C bonds in diamond. 
 
As well as increasing with temperature, the electrical conductivity of 
semiconductors also increases on exposure to light.  This is known as 
photoconductivity.  Photoconductors have high resistance in the dark, but 
conduct in the light.  Applications of photoconductors include: 
 
• light meters for photography 
• sensors for automated lighting, e.g. lights that come on when darkness 

falls 
• photocopiers. 
 
When semiconductors absorb photons of light, electrons can be promoted into 
the lowest unfilled band, leaving electron vacancies in the highest occupied 
band.  These vacancies are called positive holes since they are now short of 
negative electrons.  When a voltage is applied, negative electrons and 
positive holes migrate through the lattice.  The movement of positive holes in 
one direction is equivalent to the movement of electrons in the other 
direction, as shown in Figure 28. 
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Figure 28 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 28 shows the negative electron and positive hole current carriers that 
give rise to a small intrinsic conductivity in the pure element. 
 
The number of electron carriers in the semiconductor can be increased if 
atoms with different numbers of outer electrons than the parent element are 
introduced.  This effect is known as doping.  Very low concentrations of the 
dopant are required (about 1 atom of dopant per 1 × 109 atoms of the parent 
element).  It is therefore essential that the parent element must first be highly 
purified. 
 
If atoms of an element such as arsenic or phosphorus are introduced into a 
silicon crystal the dopant needs to form four bonds with the silicon to fit into 
the lattice (Figure 29).  The overall structure is unaltered except that in some 
places there are arsenic (or phosphorus) atoms instead of silicon atoms. 
 
Figure 29 
 
 
 
 
 
 
 
 
 
Since arsenic and phosphorus have five outer electrons rather than four, the 
extra electron occupies the lowest unfilled band, or conduction band, and 
makes the silicon a better conductor. This is known as an n-type 
semiconductor as the charge carriers are negative electrons. 
 
An alternative doping procedure is to introduce atoms of an element with 
fewer outer electrons than the parent element.  Boron has three outer 
electrons which means that the highest occupied band will not be completely 
filled. 
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Using an element such as boron as the dopant introduces positive holes which 
are the charge carriers this time.  This is known as a p-type semiconductor 
(Figure 30). 
 
Figure 30 
 
 
 
 
 
 
 
 
 
 
 
The types of semiconductor are summarised in Table 12. 
 
Table 12 
 

Type of  Current carrier Dopant 
semiconductor 
 
n-type Negative electrons As or P (five outer electrons) 
 
p-type Positive ‘holes’ B or Al (three outer electrons) 

 
 
Crystals of silicon or germanium can be prepared with bands of n-type or p-
type semiconductors.  The junction between a layer of n-type and a layer of 
p-type semiconductors (known as a p–n junction) is shown in Figure 31 and 
has specific electrical properties that form the basis of the electronics 
industry.  
    
Figure 31 
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Electrons move across the p–n junction from the n-type to the p-type 
material, creating a separation of charges on each side of the junction to 
prevent movement of further electrons (Figure 32).  
 
Figure 32 
 
 
 
 
 
 
 
 
 
The electric field at a p–n junction in a solar cell is shown in Figure 33.  
 
 
 
Figure 33 
 
 
 
 
 
 
 
 
 
A simplified explanation of how a solar cell works is that when a p–n 
junction is irradiated with light, electron–hole pairs are formed and electrons 
will migrate towards the n-type semiconductor and the holes will migrate 
toward the p-type material.  As a result the n-type region will achieve a 
negative potential relative to the p-type region.  In other words, if the upper 
and lower surfaces of the silicon wafer are connected through an external 
circuit then, to restore the balance of charge, the electrons will flow from the 
top surface to the bottom surface. This means that an electric current will 
flow through an external circuit  from the top layer to the bottom layer as 
long as light is hitting the junction.  Effectively, the solar cell has converted 
the energy from sunlight directly into electricity.  This type of cell is also 
known as a photovoltaic cell.
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(h) Li+ ↑↓

1s2

(i) F– ↑↓ ↑↓ ↑↓ ↑↓ ↑↓

1s2 2s2 2p6

(j) Mg2+ ↑↓ ↑↓ ↑↓ ↑↓ ↑↓

 1s2 2s2 2p6

(k) S2– ↑↓ ↑↓ ↑↓ ↑↓ ↑↓ ↑↓ ↑↓ ↑↓ ↑↓

1s2 2s2 2p6 3s2 3p6

(l) K+ ↑↓ ↑↓ ↑↓ ↑↓ ↑↓ ↑↓ ↑↓ ↑↓ ↑↓

1s2 2s2 2p6 3s2 3p6

Page 26

Question

Draw Lewis diagrams for
(a) chlorine (e) hydrogen cyanide, HCN
(b) hydrogen fluoride (f) methane
(c) carbon dioxide (g) water
(d) ammonia

Answers

(a) Cl Cl (e) H C N

(b) H F (f) H

H C H
(c) O C O

H

(d) H N H (g) O

H H H

••

••••

xx

•x

•x
•x

•x

••

••

••

••
••

•x

x•

•x

•
x •x

xx

•x

••••
• •x x

xx

xx•x

xx

xx

xx•x

x
•
x
•
x
•

•x x
•
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Page 29

Question

Draw the two equivalent resonance structures for sulphur dioxide,
SO2.

Answers
S+ S+

O O– O–           O

In fact many textbooks now suggest that there is a third and more
important resonance structure for SO2:

 S

O           O

Page 33

Question

Draw molecules of the following species showing their shape.
(a) PCl3 (d) PF5 (g) NF3

(b) SnCl4 (e) BeF2 (h) BH4
–

(c) BrF
4

– (f) H
2
S

Answers

(a) P
(pyramidal)

Cl Cl
Cl

(b) Cl    (tetrahedral)

Sn

Cl Cl
Cl

In PCl
3
 there are four electron pairs arranged

tetrahedrally around the phosphorus atom.
Three of the electron pairs are bonding pairs
and there is one non-bonding pair of
electrons giving the molecule a pyramidal
shape.

In SnCl
4
 there are four electron

pairs around the tin atom.
These electron pairs are all
bonding pairs and so the
molecular shape is tetrahedral

••

••
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(c)

(d) F

F
P          F

F (trigonal
bipyramidal)

F

(e) F      Be      F  (linear)

(f)  S
(non-linear or bent)

H           H

(g) N

 F F F   (pyramidal)

(h) H       –

B           (tetrahedral)

    H H
   H

In BrF
4

– there are six electron pairs
arranged octahedrally around the
central bromine atom. Four of these
electron pairs are bonding pairs and
the other two are non-bonding pairs.
Since the two non-bonding pairs will
be above and below the plane to
minimise their repulsive effects, the
bonds will be arranged as shown
opposite and the ion has a square
planar shape.

○

○

○

In PF
5
 there are five electron pairs

around the central phosphorus atom.
All five electron pairs are bonding
pairs and are arranged as shown, and
the shape of the molecule is trigonal
bipyramidal.

In BeF
2
 both electron pairs are

bonding pairs and are arranged at
180o around the central beryllium
atom.

In H
2
S there are four electron pairs

arranged tetrahedrally around the
central sulphur atom.  The two
bonding pairs are arranged as shown
and the molecule is non-linear.

••
In NF

3
 the four electron pairs are

arranged tetrahedrally around the
central nitrogen atom.  The three
bonding pairs are arranged as shown
and the molecule is pyramidal in
shape.

In BH
4

– there are four pairs of
electrons arranged tetrahedrally
around the central boron atom.
Each electron pair is a bonding pair
and so the ion has a tetrahedral
shape.

      _
F   F   (square planar)

Br
F   F

••
••

••
••
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Question

Which structure, that of NaCl or CsCl, is likely to be adopted by the
following ionic compounds?
(a) NiO (b) MgO (c) CsBr (d) CaO

Compound Radius of positive Radius of negative Radius ratio (+/–)
ion/pm ion/pm

NaCl 95 181 0.52
CsCl 174 181 0.96
(a) NiO 69 136 0.51
(b) MgO 65 136 0.48
(c) CsBr 174 196 0.89
(d) CaO 100 136 0.74

Answers
(a) NaCl; (b) NaCl; (c) CsCl;  (d) Although the radius ratio of CaO is
midway between that of NaCl and CsCl, CaO adopts the NaCl type of
structure.

Page 55

Question 1 (with answers shown)

Write down the electronic configurations in both spectroscopic and
orbital box notation for the following atoms and ions.

Electronic configuration
Species spectroscopic notation orbital box notation (d electrons only)

(a) Cu [Ar]3d104s1 ↑↓ ↑↓ ↑↓ ↑↓ ↑↓

(b) Mn2+ [Ar]3d5 ↑ ↑ ↑ ↑ ↑

(c) Ti3+ [Ar]3d1 ↑

(d) Co [Ar]3d74s2 ↑↓ ↑↓ ↑ ↑ ↑

(e) Co2+ [Ar]3d7 ↑↓ ↑↓ ↑ ↑ ↑

(f) Co3+ [Ar]3d6 ↑↓ ↑ ↑ ↑ ↑

(g) Ni2+ [Ar]3d8 ↑↓ ↑↓ ↑↓ ↑ ↑

(h) Cu+ [Ar]3d10 ↑↓ ↑↓ ↑↓ ↑↓ ↑↓

(i) Fe3+ [Ar]3d5 ↑ ↑ ↑ ↑ ↑
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Q1 Methylamine, CH3NH2, is the simplest amine.  Methylamine disturbs the ionic 
 equilibrium in water and forms an alkaline solution in exactly the same way as 
 ammonia.  The equations for the reaction between ammonia and water are: 

  
 

  a) Use equations to represent the reaction of methylamine with water.  1

 b) i)     Draw a Lewis electron dot diagram for methylamine.      1
 
  ii)    Draw a Lewis electron dot diagram for the methylammonium ion 
   formed in the above reaction.         1
                 (3)
 

Q2 a) Sketch the shapes of NH3 and BC13 molecules, showing clearly all the 
  bond angles and their values.          2

 b) Since both nitrogen and boron have three bonding electrons, why do NH3 
  and BCI3 not have the same molecular shape?      2
               SYS/90 (4)

Q3 Chlorine and fluorine react to produce a compound of formula CIF3 . This molecule   
 contains three chlorine-fluorine single bonds.

 Each fluorine atom contributes one electron to the bonding.

 a) How many electron pairs (both bonding and non-bonding) surround the 
  central chlorine atom in the molecule?        1

 b)  What would be the three-dimensional arrangement of electron pairs 
  (both bonding and non-bonding) around the chlorine atom?    1

 c) The fluorine atoms may occupy different positions in this shape, giving
   rise to three possible shapes for the molecule. Draw two of these, showing 
  the angles between the bonds.          2
               SYS/93 (4)

H O ( l )2 H ( a q )     +     O H ( a q )+ –

 +
N H ( a q )3

N H ( a q )4
+
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Q4 Sodium chloride and caesium chloride have similar formulae but different 
 crystal structures.

 a) Describe the sodium chloride structure. Include a sketch in your answer and 
  label the ions.             2

 b) Explain why two such similar compounds as sodium chloride and caesium 
  chloride should differ so widely in their crystal structures.    1

 c) Explain which of the two structures mentioned above is likely to be adopted 
  by iron(I1) oxide. (You may wish to consult your Data Booklet.)    2
                 (5)

Q5 A step in the processing of some semiconductors involves growing a single crystal of  
 silicon on the surface of a polycrystalline wafer.

 This silicon is made by a gaseous reaction between hydrogen and trichlorosilane.

 a) Show the gaseous reaction as a chemical equation.
  (You can deduce the formula for silane by analogy with  methane.)  2

 b) Name the dopant formed if the gaseous reaction mixture also contains:

   i)  diborane, B2H6

  ii)  phosphine, PH3           2

 c)  What type of semiconductor would result in each case?     1
                 (5)

Q6 

 In the diagram above:

 a) identify the two elements that are semiconductors      1

 b) identify the two dopants used to make an n-type semiconductor   1

 c) identify the dopant used to make a p-type semiconductor    1

 d) identify the two metallic conductors.        1
                 (4) 

F e B S i C  g r a p h i t e

G e P A s C  f u l l e r e n e

A B C D

E F G H
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Q7 Four different materials A, B, C and D differ in their ability to conduct electricity. 

         

 Identify the material(s):

 a) that provide loss-free energy transmission       1

 b)  that conduct better as solids at higher temperatures     1

 c)  that do not conduct at all when solid        1

 d) that conduct better when exposed to light       1

 e) whose conductivity decreases with increase in temperature    1
                 (5)

Q8 In the closing years of the twentieth century the search for superconductors 
 intensified. As a result of this research, the critical temperature ( Tc ) of 
 superconductors has steadilyrisen. An indication of the success achieved is shown 
 below.

   Dates of discovery of superconductors and their critical temperatures

        Temperature / °C

 a) State what Tc , the critical temperature, means when associated with 
  superconductors            1

 b)  Define the term “superconductor” in terms of electrical resistance.  1

 c) Why was liquid helium used to cool the first superconductors?   1

 d) What breakthrough occurred in 1987 that was a major step forward in 
  superconductor technology?          1

 e) State why a critical temperature of about 300K is being sought.   1

 f) State a possible use for superconductors at this temperature.    1
                 (6)

s e m i c o n d u c t o r s u p e r c o n d u c t o r

i o n i c  c o n d u c t o r m e t a l l i c  c o n d u c t o r

A B

C D

1 9 8 6
J a n

1 9 8 7
F e b

1 9 8 7 1 9 9 3

- 2 7 3 - 2 5 0 - 2 0 0 - 1 5 0
T e m p e r a t u r e  /  º C

D a t e s  o f  d i s c o v e r y  o f  s u p e r c o n d u c t o r s  a n d  t h e i r  c r i t i c a l  t e m p e r a t u r e s
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Answers
Q1 a)

             1

 b) i)

             1

  ii)

             1
             (3)

Q2 a) 

          (Do not rely on your skill  
               as an artist – label the   
                       shapes also.)

    (1)        (1)      2

 b) Nitrogen has an extra pair of electrons (a lone pair).  
  These exert a strong repulsive force downwards 
  on the bonding pairs hence they are pushed down 
  ‘below’ the tetrahedral angle, creating a pyramid:    

             (1)

 Boron has only three outermost electrons, so BCl3  has only three pairs of bonding 
 electrons. They spread themselves symmetrically (or as far from each other as 
 possible), i.e. pointing to the corners of an equilateral triangle.   (1)
               2
             (4)
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Q3 a) There are five pairs of electrons around the central  chlorine atom (since an   
  atom of Cl has seven outermost electrons and each F atom contributes 
  one electron to the total ==> 7 + 3 = 10 electrons ==> 5 pairs).  1

 b) Five pairs lead to a trigonal bipyramid.      1

 c)

  (Any two of these three shapes are acceptable.)      2
             (4)

 
Q4 a) Sodium chloride has a face-centered cubic arrangement.
     or   Each ion is surrounded by six near neighbours of the oppositely charged ions. 
             (1)

  (Any one of these equivalent sketches is acceptable.) (1)  2

 b) The different sizes (radius ratio) of the two ions involved cause CsCl 
  to have a co-ordination of 8:8 (and not 6:6 as in  NaCl).    1

 c) The closer match of iron(II) oxide to the radius ratio of 
  NaCl suggests a sodium chloride structure.  

  Na+/Cl– = 95/181 = 0.52 
  Cs+/Cl– = 174/181 = 0.96 
  Fe2+/O2– = 61/136 = 0.45     2
             (5)
 



KHS June 2012Bonding & Periodic Table page 34

Advanced Higher Chemistry Unit 1

Q5 a) H2        +        SiHCl3         →       Si          +       3HCl           2
           (–1 for each error)  

 b) i) Boron          1
  ii) Phosphorus         1

 c) i) Boron  →  p-type semiconductor. 
  ii) Phosphorus  →  n-type semiconductor.    1
          (both correct for 1) 
             (5)

Q6 a) C, E   (both correct for 1)       1
 

 b) F, G   (both correct for 1)      1 

 c) B            1

 d) A, D (both correct for 1)  1

  (Note: while graphite is undoubtedly a non-metal it conducts electricity 
  by a mechanism  that we associate with metals, called metallic conductivity.) 
             (4)

 Q7 a) B            1
 b) A            1
 c) C            1
 d) A            1
 e) D            1 
             (5)

Q8 a) Tc is the temperature at which the electrical resistance falls 
  to zero.           1

 b) Superconductors are materials that present no resistance 
  at all to the flow of an electric current.      1

 c) Liquid helium has the lowest boiling point and this was needed to 
  achieve the very low temperatures that were needed initially.   1

 d) Tc for some new materials was above the boiling point of 
  nitrogen – a much cheaper coolant.       1

 e) This would bring superconductivity within reach at 
  ambient  temperatures, with no need  for expensive coolants.   1

 f) Distribution of electricity, electric trains/trams, 
  electric motors (big and small), etc.       1 
             (6)
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