
Electrons are arranged around atoms in orbitals that have a particular shape and energy. These orbitals 
occur within energy levels and associated sublevels. When placing electrons in orbitals, the sublevels of 
lowest energy are always filled first. The order of energies of the first eight sublevels is:

  1s 2s 2p 3s 3p 4s 3d 4p

Example

Mn 1s22s22p63s23p63d54s2

Mn [Ar]3d54s2

The electron configuration for any atom gives the number of electrons at 
each sublevel.

The electron configuration can be written in an abbreviated form in 
which the inner core of electrons (those not in the outer valence shell) 
are represented by the corresponding inert gas configuration.

Because all orbitals within the same sublevel of an atom have the same energy, they are filled so that as 
many electrons as possible remain unpaired. This reduces the repulsion resulting from electrons occupying 
the same region of space. A half-filled sublevel is also a particularly stable (or low energy) state. This 
explains the unusual electron configurations for the transition metals Cr and Cu, where, in each case, an 
electron is promoted from the slightly lower 4s sublevel to the 3d sublevel to achieve half-filled and filled 
sublevels respectively.

  Cr 1s22s22p63s23p63d54s1  or  [Ar]3d54s1

  Cu 1s22s22p63s23p63d104s1  or  [Ar]3d104s1

Electron configurations of monatomic ions
When non-metal atoms (found in Groups 13–17) gain electrons and form anions, the electrons are added 
to the outermost, p, sublevel. The atom will form a negative ion having the same electron configuration as 
the inert gas at the end of the same row of the periodic table.

Example

P3–, S2–, Cl– and Ar all have the same electron arrangement 1s22s22p63s23p6. They are all isoelectronic.

When metal atoms lose electrons, the electrons are removed from the sublevel furthest from the nucleus.

Example

Na loses its 3s1 electron to form Na+ which has the same electron configuration as Ne. Transition 
metals lose their 4s electrons before losing the 3d electrons, e.g. Fe2+ is 1s22s22p63s23p63d6.
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Almost all the properties of the transition elements are related to their electronic structures and the relative 
energy levels of the orbitals available for their electrons.

• For atoms in the first transition series, both 3d and 4s electrons are part of the valence shell and can be 
removed to form transition metal cations. Because of this, they form species with a variety of oxidation 
states. The zinc atom does not behave as a typical transition metal atom, as its electron structure  
[Ar]3d104s2    means it only forms the Zn2+ ion by losing the 2 electrons from the 4s level, leaving a stable 
full 3d sublevel.

• A transition metal ion with a partially filled d sublevel can absorb light in the visible region to excite an 
electron from a lower energy d orbital to a higher energy d orbital. The frequency of the light absorbed 
and the colour observed (that of the light not absorbed) depend on the difference in energy between 
the orbitals. This can vary as different ligands are attached to the transition metal ion, e.g. CuCl4

2– is 
yellow while the aqueous Cu2+ ion is blue.

• Zn2+ compounds, with the electron arrangement [Ar]3d 10 have Zn2+ ions that have no vacant 3d orbitals, 
and these compounds are therefore white. Similarly, Sc3+ compounds are white because the Sc3+ does 
not have any electrons in d orbitals.

Periodic trends
The electrostatic attraction between protons in the nucleus and valence electrons depends on:

• the number of protons in the nucleus – electrostatic attraction between positive nucleus and valence 
electrons increases with the size of the nuclear charge

• the distance of the valence electrons from the nucleus – electrostatic attraction decreases as the distance 
between the positive and negative charges increases

• the amount of electron-electron repulsion – when the number of electron shells increases, this effect is 
often described as increased shielding due to the inner shells of electrons.

Atomic radii
Down a group, atomic size increases as the valence electrons are occupying orbitals at higher energy levels 
further from the nucleus. This factor is greater than the effect of the increased nuclear charge, particularly 
as the inner shells of electrons provide additional shielding.

Across a row (or period), there is an increase in the nuclear charge, but the electrons are being added to 
the same energy level, and therefore provide no additional shielding. As a result, the increased electrostatic 
attraction results in the electrons being attracted more closely to the nucleus and the atomic size decreases.

Ionic radii
The radius of a positive ion is always smaller than the radius of the atom from which it was formed. 
Removing one or more electrons reduces electron-electron repulsion, so the same attractive force from 
the nuclear charge results in the electrons being closer to the nucleus. Also, the formation of cations often 
results in the loss of all the electrons in the outer valence shell.

Example

Na+ ion is formed when Na atom loses the electron from its 3s orbital.

When an anion forms, the increased electron-electron repulsion resulting from the additional electron 
increases the radius and results in decreased electrostatic attraction between nucleus and valence electrons.
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Ionisation energy
The first ionisation energy is the energy required to remove the least tightly held electron from each atom 
in one mole of gaseous atoms in their ground state (e.g. Na(g)  $  Na+(g)  +  1e−).

The second and third ionisation energies are the energies needed to remove the second and third electrons, 
respectively. Ionisation energies are all positive values, as the breaking of the electrostatic attraction 
between a valence electron and the nucleus must be an endothermic process.

• Across a period there is an increase in ionisation energy due to the increase in electrostatic attraction 
between the nucleus and the valence electron – there is an increase in nuclear charge, but electrons are 
added into the same energy level with no additional shielding.

• Down a group ionisation energy decreases due to the decrease in electrostatic attraction between 
nucleus and valence electron – although there is an increase in nuclear charge, electrons are being added 
to higher energy levels further from the nucleus with additional shielding from inner shells of electrons.

Electronegativity
The electronegativity of an element is a measure of the ability of an atom to attract towards itself the 
electrons shared in a chemical bond.

Electronegativity values show the same trends as 1st ionisation energies.

Example

Fluorine, which has a high ionisation energy, also has a high electronegativity. It is the most 
electronegative element due to its relatively small radius and high nuclear charge.

In contrast to metals, the reactivity of non-metals increases up a group – the greater electronegativity values 
reflect the greater attraction for electrons required to gain a complete energy level.

Elements of Group 18 are not given electronegativity values, as they do not tend to form bonds with other 
elements.

When atoms of elements with widely different electronegativities react together, they tend to form ionic 
bonds with each other, since the atom of the less electronegative element gives up its electron(s) to the 
atom of the more electronegative element. When atoms of elements with more similar electronegativities 
react together, they tend to form covalent bonds. The greater the difference in electronegativity, the 
more polar the covalent bond, and the atom which has the greater electronegativity will form the slightly 
negative end of the polar bond.
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Questions: Atomic structure and bonding

Question One
a. The second ionisation energy is the 

energy required for the complete 
removal of one mole of electrons from 
one mole of gaseous ions.

  M+(g) $ M2+(g) + e–

  The graph shows the second ionisation 
energy for the elements of Period 4.

  Discuss the trend in second ionisation 
energy for the elements of Period 4. 
Account for deviations from the trend 
in terms of electron configuration.
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Question Two
a. A lithium atom has 3 electrons. The accepted model for the ground state electronic structure of Li is 

that 2 electrons occupy the lowest energy level, with the remaining electron occupying a higher energy 
level.

1st IE / kJ mol–1

Li 526

He 2379

  Discuss how the relative ionisation energies of Li and He are consistent with this model rather than the 
alternative that has all 3 electrons of a lithium atom in the lowest energy level.

b. Match the following atoms and ions to the radii given. Justify your answer.

Atom or Ion Ga Ga3+ Se2– Se S

Radius/pm 122 198 62 103 135

 Year 2008 
Ans. p. 111
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Lewis structures (diagrams) and shapes of molecules
To draw Lewis diagrams:

• Count the total number of valence electrons.

• Link each atom into the correct structure using a single covalent bond (bonding electron pair).

• Place the remaining valence electrons around the outer atoms and then the central atom (least 
electronegative atom) until all valence electrons are used.

Examples

Total no. of valence electrons:

   4 × 1e– + 4e– + 6e– = 14e–    3 × 7e– + 5e– = 26e–

    

H

H

OC

H

H      

F N F

F

Many molecules obey the octet rule (i.e. 8 electrons (4 pairs) around each atom; except for hydrogen, 
which has 2 electrons). In the 3rd row of the periodic table and beyond, the central atom in a molecule has 
vacant orbitals (e.g. 3d ) and is large enough to accommodate 10 or 12 electrons (e.g. PCl5 or SiCl6

2−) – an 
expanded octet.

In some molecules, the sharing of one pair of electrons will not result in a complete valence shell for all 
atoms – non-bonding pairs need to be shifted to form a double covalent bond (or triple bond):

   S C S    
S

O O

Lewis structures of ions
The Lewis structure of the ion is enclosed in square brackets and the charge is shown on the outside.

       

O

O

PO O

3–

Shapes of molecules
In any molecule, electron pairs mutually repel each other. To reduce this repulsion, the molecule adopts a 
shape which allows electron pairs (bonding and non-bonding) to be as far apart as possible. 

The shape of the molecule depends on both the number of atoms linked to the central atom and the 
number of regions of electron density (bonded and non-bonded electron pairs) around the central atom.

If there are seven regions of electron density around the central atom and seven atoms attached (e.g. IF7), 
the shape is a pentagonal bipyramid.
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Three-dimensional 
structure

Regions of electron density on the 
central atom

Name of shape Bond angle

S SC Two regions – no non-bonding pairs Linear 180°
H

C

H

O Three regions – no non-bonding pairs
Trigonal planar (or 
triangular planar)

120°

O O
S

H H

S

Three  – 2 bonded atoms and one 
non-bonding pair

or 

Four – 2 bonded atoms and two  
non-bonding pairs

Bent (or V-shaped)

120° *

or

109.5° *

H
H

H

H

C Four regions – no non-bonding pairs Tetrahedral 109.5°

H

H
H

P
Four regions – one non-bonded pair

Trigonal pyramid (or 
triangular pyramid)

109.5° *

Cl
Cl

PCl

Cl

Cl
Five regions – no non-bonding pairs Trigonal bipyramid

90°

and 

120° 

F

F

S

F

F
Five regions – one non-bonding pair

See-saw

(or distorted tetrahedron)

 90° 

and 

120° *

F

F

Br F Five regions – two non-bonding pairs T-shape 90° *

FF

FF
F

F

S Six regions – no non-bonding pairs Octahedral 90°

FF

F

S
FF Six regions – one non-bonding pair Square pyramid 90°

F

F

Xe FF Six regions – two non-bonding pairs Square planar 90°

*  The presence of the non-bonding electron pair (which occupies a larger volume) on the central atom 
means the actual bond angle is slightly smaller than the value given.
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Using formal charge to determine the most stable structure (extension)
When drawing Lewis structures of molecules containing elements that do not obey the octet rule (such as S 
in SO3), it is possible to draw alternative structures.

The Lewis diagram can be drawn so that the central sulfur atom has 8, 10 or 12 electrons:

  

O O

O

S

  

O

O

S
O

  

O O

O

S

      8      10      12

To decide which is the most likely structure, assign ‘formal charge’ to each atom. The formal charge is the 
difference between the number of valence electrons in a single atom of that element (6 for sulfur and 6 for 
oxygen) and the number of valence electrons that the atom has in the molecule. Count one electron for 
each shared pair.

O O

O

S

In this structure, the S is assigned 4 electrons (half share of 4 covalent bonds), which 
means the S has 2 fewer than the normal S atom. Formal charge is +2. Similarly, the 
double-bonded O atom has a formal charge of zero, while the 2 singly bonded atoms 
have a formal charge of –1 (since they have 6 non-bonded electrons and a half share of 
a single covalent bond (1 more than the O atom)). 

O

O

S
O

Formal charge on S is +1 (assigned 5 electrons rather than 6 found in sulfur atom), and 
formal charge on singly bonded O atom is –1.

O O

O

S Formal charge on all atoms is zero. This structure therefore has the smallest separation 
of formal charge, and is therefore the most stable structure.

Polar and non-polar molecules
Polar molecules have at least one polar covalent bond and the polar bonds are arranged asymmetrically 
around the central atom. The charge is not symmetrically distributed, so the dipole moments of the polar 
bonds do not cancel out.

Example

NH3 is a polar molecule because it contains three polar N–H bonds and a non-bonding pair of 
electrons on the central atom.

Non-polar molecules are those that either:

• have no polar bonds (e.g. O2); or

• have polar bonds which are arranged symmetrically so that the dipole moments of the polar bonds 
cancel out, e.g. CF4 has four equivalent polar C–F bonds in a symmetric (tetrahedral) shape.

Properties
‘Like dissolves like’ – polar molecular substances dissolve in polar solvents (e.g. ethanol dissolves in water); 
non-polar substances dissolve in non-polar solvents (e.g. wax, a hydrocarbon, and solid iodine both dissolve 
readily in cyclohexane, but not in water).
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Chapter 1: Quantitative analysis AS 91387 
(Chemistry 3.1)

Ch 1 Quantitative analysis

Question One
Conc. standard iron(II) ammonium sulfate soln =

10.30 g
392.2 g mol–1 × 0.250 L

 = 0.1050 mol L–1 = [Fe2+]

Reaction of Fe2+ with Cr2O7
2– according to eqn 1

n(Fe2+) = 0.1050 mol L–1 × 0.0250 L = 2.626 × 10–3 mol 
= 6 × n(Cr2O7

2–)

n(Cr2O7
2–) = 4.377 × 10–4 mol and [Cr2O7

2–] = 4.377 × 10‒4 mol
0.01743 L

 = 0.02511 mol L–1

Ethanol in wine was oxidised by dichromate and excess 
dichromate was determined by back-titration with Fe2+.

n(Fe2+)added to wine/dichromate mixture  = 0.0100 L × 0.1050 mol L–1 
= 1.050 × 10–3 mol

n(Cr2O7
2–)remaining in 19.88 mL of mixture  = n(Fe2+)

6
 = 1.750 × 10–4 mol

n(Cr2O7
2–)in 126 mL mixture = 1.750 × 10–4 mol

0.01988 L
 × 0.126 L

 = 1.109 × 10–3 mol

But, n(Cr2O7
2–)total originally in mixture  = 0.02511 mol L–1 × 0.100 L 

= 2.511 × 10–3 mol

n(Cr2O7
2–)reacted with ethanol  = 2.511 × 10–3 mol – 1.109 × 10–3 mol 

= 1.402 × 10–3 mol

n(CH3CH2OH) = 3
2
 × n(Cr2O7

2–)reacted with ethanol  = 3
2
 × 1.402 × 10–3 mol

 = 2.103 × 10–3 mol

This was in 1.00 mL; so, in in 100.0 mL:

n(CH3CH2OH) = 0.2103 mol

m(CH3CH2OH) = 0.2103 mol × 46.07 g mol–1 = 9.689 g

V(CH3CH2OH) = 9.689 g
0.7893 g mL–1 = 12.27 mL or 12.27% vol

Label states 13.5%. Accepted limits ± 1.5%; so, this is within the 
limits.

Question Two
a. Titration of Fe2+ and Cr2O7

2–:

 6Fe2+ + Cr2O7
2– + 14H+ → 6Fe3+ + 2Cr3+ + 7H2O

 M(K2Cr2O7) = 294.2 g mol–1, c(Cr2O7
2–) = 

2.5077 g

294.2 g mol–1

0.500 L
 = 0.017048 mol L–1

  From titration, n(Cr2O7
2–) = 0.01856 L × 0.017048 mol L–1 

= 3.1641 × 10–4 mol

  n(Fe2+) = 6 × n(Cr2O7
2–) = 0.001898 mol in 20.00 mL

  In 250 mL, n(Fe2+) = 0.023731 mol = n(Fe3+) in original sample

 n(Fe2O3) = 0.5 × n(Fe2+) = 0.011865 mol

p. 4

p. 5

  m(Fe2O3) = 0.011865 mol × 159.8 g mol–1 = 1.895 g and

 %Fe2O3 = 
1.895 g × 100

2.8351 g
 

= 66.88%

b.  The electrode potentials show that MnO4
– will oxidise Cl– to 

Cl2 (a hazardous gas), since the cell potential for this reaction 
is positive (E°cell = 1.51 – 1.40 = 0.11 V). It should be noted 
that this assumes standard conditions – but cell potential is 
concentration dependent, and no concentrations are being 
considered here.

  In contrast, the reaction would not occur between Cl– and 
Cr2O7

2– under standard conditions.

Question Three
Standard soln of KIO3

n(IO3
–) in 250 mL = 

0.5466 g

214.0 g mol–1
 = 2.554 × 10–3 mol and hence 

c(IO3
–) = 0.01022 mol L–1

First titration: Eqns 10I– + 12H+ + 2IO3
–  $ 6I2 + 6H2O

 I2 + 2S2O3
2–  $ 2I– + S4O6

2–

n(I2)produced  = 3 × n(IO3
–)  = 3 × 0.01022 mol L–1 × 0.0100 L 

 = 3.066 × 10–4 mol

n(S2O3
2–)  = 2 × n(I2)  = 6.132 × 10–4 mol 

c(S2O3
2–) = 

6.132 × 10–4 mol

0.02548 L
  = 0.02407 mol L–1

Analysis of CO in air

 5CO + I2O5 $ I2 + 5CO2

n(S2O3
2–)  = 0.02407 mol L–1 × 0.01723 L = 4.147 × 10–4 mol

n(I2)  = ½ × n(S2O3
2–)  = 2.073 × 10–4 mol

n(CO) = 5 × n(I2)  = 1.037 × 10–3 mol

Volume = 23.20 L, hence c(CO) = 
1.037 × 10–3 mol

23.20 L
 

 = 4.470 × 10–5 mol L–1

 Or: conc CO in g L–1  = 4.470 × 10–5 mol L–1 × 28.00 g mol–1 

 = 1.251 × 10–3 g L–1 

Question Four
Let m(HCHO) = x and m(CH3CHO) = y;

thus x + y = 42.69 g  Eqn 1

Total mass of solution = 42.69 g + 76.59 g = 119.28 g

Eqn for reaction of aldehyde RCHO with Ag+ is:

 H2O + RCHO + 2Ag+ $ 2Ag + RCOOH + 2H+

n(Ag) = 
4.64 g

107.9 g mol–1
 = 0.0430 mol

From mole ratio in balanced eqn:

n(RCHO) = 
0.0430 mol

2
 = 0.0215 mol in the 2.18 g sample

p. 6

p. 7
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Thus, the amount in the original 119.28 g of solution is:

0.0215 mol × 
119.28

2.18
 = 1.176 mol

Thus: 
x

30.03
 + 

y

44.05
 = 1.176 mol

 And 44.05x + 30.03y  = 1.176 × 30.03 × 44.05 

  = 1 555.6 Eqn 2

 Eqn 1 × 44.05 gives 44.05x + 44.05y  = 44.05 × 42.69 

  = 1 880.5 Eqn 3

Solving using eqns 2 and 3 gives:

y = m(CH3CHO) = 23.17 g, and x = m(HCHO) = 19.52 g

Question Five
Reaction with permanganate determines both oxalate and oxalic 
acid

2MnO4
– + 5C2O4

2– + 16H+ → 2 Mn2+ + 10CO2 + 24H2O

n(MnO4
–) = 0.01803 mol L–1 × 0.02335 L = 4.210 × 104 mol

n(C2O4
2–) = n(MnO4

–) = 0.001053 mol

Total n(C2O4
2–) = 20 × 0.001053 = 0.02106 mol

Reaction with OH– determines oxalic acid

H2C2O4 + 2OH– → C2O4
2– + 2H2O

n(OH–) = 0.1040 mol L–1 × 0.01730 L = 0.001799 mol

n(H2C2O4) = ½n(OH–) = 8.996 × 10–4 mol

Total n(H2C2O4) = 10 × 8.996 × 10–4 = 0.008996 mol

m(oxalic acid) = 0.008996 × 90.04 = 0.810 g

n(oxalate) = 0.02105 – 0.008996 = 0.01205 mol

m(sodium oxalate) = 0.01205 × 134.02 = 1.615 g

Or: m(oxalate ion) = 0.01205 × 88 = 1.060 g

mass fraction oxalic acid = 
0.810 g

2.496 g
 = 0.325

mass fraction sodium oxalate = 
1.615 g

2.496 g
 = 0.647

Or: mass fraction oxalate ion = 
1.060 g

2.496 g
 = 0.425

mass fraction impurity = 0.028

Chapter 2: Spectroscopic techniques 
AS 91388 (Chemistry 3.2)

Ch 2 Using spectra to solve organic 
problems

Question One
Compounds Q and R both have broad absorption peaks at about 
3200–3500 cm–1 in their IR spectra – showing the presence of 
an OH group in both compounds. Compound Q also has a 
sharp peak at about 1700 cm–1 – showing the presence of a C=O 
group. The C-13 NMR shows 4 peaks and therefore 4 carbon 
environments. This means Compound Q is 4-hydroxybutanal.

Compound R only has 2 carbon environments and no C=O group 
so is 1,4-butanediol – being a symmetrical molecule it has 4 C 
atoms but only 2 carbon environments.

Compound S also has 4 carbon environments and in the IR the 
sharp peak at about 1750 cm–1 shows the presence of a C=O 
bond. The peak at 180 ppm in C-13 NMR also shows presence of 
C=O bond. Compound S is 4-butyrolactone.

Question Two
Compound A has ratio C:(H + Cl) = 10:18, showing there are 
2 double bond equivalents (double bonds or rings). Compound A 

p. 7

p. 11

p. 13

does not decolourise Br2, so no C=C double bonds.

Total molar mass of C10H17O2Cl = 204 g mol–1 (assuming 35Cl).

Hydrolysis splits Compound A into 2 molecules.

Molecular ion peaks indicate Compound B molar mass 
M = 114 g mol–1, and Compound C M = 108 g mol–1. These 
hydrolysis products show original molecule was an ester. Products 
of hydrolysis are carboxylic acid and alcohol.

IR spectrum of Compound B shows it is a carboxylic acid – broad 
peak at 2500–3300 cm–1 due to O-H stretch, while the peak at 
about 1700 cm–1 shows presence of a carbonyl C=O group.

The only molecular formula that matches this information 
(114 – 32 for 2 oxygen atoms = 82) is C6H10O2, indicating 
2 double bond equivalents, a ring and the double bond C=O 
of a carboxylic acid group. In the 13C NMR, the peak at about 
183 ppm is the carboxylic acid carbon, leaving only 3 other 
carbon environments.

Compound B has a 5-membered ring and the structure is:

COH

O

Mass spec of Compound C (an alcohol) has peaks M and M+2 
in ratio 3:1, indicating presence of a Cl atom. The molar mass 
of 108 g mol–1 and presence of Cl and OH indicate formula is 
C4H9OCl (i.e. 108 –35 = 73 and 73 – 16 = 57). The molecule is 
saturated, and 13C NMR shows 4 different carbon environments. 
Reaction of Compound C with SOCl2 (substitution reaction of OH 
with Cl) gave Compound D with only 3 carbon environments, 
showing the presence of two CH2Cl groups. Structures follow.

Compound C:

ClCH2CHCH2OH

CH3

Compound D:

ClCH2CHCH2Cl

CH3

Compound A is:

COCH2CHCH2Cl

O CH3

Note the presence of a single chiral carbon.

Question Three
Compound B is 2-methylpropanoic acid – evidence being the 
OH and C=O peaks in the IR spectrum, only 3 peaks in the 13C 
spectrum – including one at 185 ppm, consistent with C=O, while 
that at 20 ppm will be the C of the two CH3 groups.

Only 3 carbon environments indicates branching in carbon 
chain. Peak at m/z = 43 in mass spec suports the (CH3)2CH+ 
fragment.

Compound C is propan-2-ol – evidence being the OH group in IR 
spectrum, only 2 carbon environments in 13C NMR and the fact 
that the molar mass is 60 g mol–1.

Hence, combining B and C, Compound A is  
isopropyl-2-methylpropanoate

H3C –CH3

CH3

H

C

O

C CO

H

CH3

This is supported by C=O peak in IR and the fact that there are 
only 5 carbon environments in 13C spectrum, one of which is 
C=O.

p. 15
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