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Chemistry 3.4 Externally assessed 
5 credits

Demonstrate understanding of thermochemical  
principles and the properties of particles and  
substances

Electron configuration of atoms
Atomic structure
The generally accepted model of the atom is that atoms consist of a very dense nucleus with electrons moving in 
a much larger region around the nucleus, forming an ‘electron cloud’.

All chemical reactions result from changes in the electron arrangement of atoms.

A tiny dense nucleus at the centre is surrounded by 
an electron ‘cloud’. The enlargement of the nucleus 
shows the two protons and two neutrons.

atomic
radius 3.1 × 10–11 m

Representation of a helium atom

Subatomic particle Mass Charge Where found

proton 1 +1 nucleus

neutron 1 no charge nucleus

electron too small to be significant –1 move in region outside the nucleus

Atomic number
atomic number = number of protons in the nucleus of an atom.

Example

Chlorine has the atomic number 17, so chlorine has 17 protons.

Since atoms are electrically neutral, the number of protons will also equal the number of negative electrons.

Mass number
mass number = the number of protons + neutrons in the nucleus

Example

A chlorine atom has a mass number of 35, so:

the sum of protons + neutrons  = 35

 number of neutrons = mass number – atomic number; thus the chlorine atom will have:

 35 – 17 = 18 neutrons
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Electron energy levels, sublevels and orbitals
Differences in atomic spectra and ionisation energies for atoms of different elements show that electrons can only 
have certain fixed amounts of energy and are found in distinct regions known as energy levels.

The principal energy levels (also known as K , L , M ... shells) are numbered 1, 2, 3 ... n, etc.

• The numbers increase as the energy level in which the electron is found becomes further from the nucleus.

• As distance from nucleus increases, the electrons have higher energy and become easier to remove.

The number of electrons in each level is 2n2, where n = the number of the principal energy level.

Example

Level 1 (K shell) will have 2 × 12 = 2 electrons

Level 2 (L shell) will have 2 × 22 = 8 electrons

Electrons in the same energy level have slightly different amounts of energy, so each level can be divided up into 
sublevels, within which the electrons have the same energy. These sublevels are labelled s, p, d and f. Each 
energy level has n sublevels.

Example

Level 1 (K shell) will have one sublevel

Level 2 (L shell) will have two sublevels

The sublevels increase in energy in the order:

s (lowest energy) < p < d < f

Within each sublevel, the electrons are arranged in orbitals. An orbital is the region of space in which the 
electron is found. Each orbital can hold a maximum of two electrons.

• The first sublevel consists of one orbital called an s orbital.

• The second sublevel consists of three p orbitals.

• The third sublevel consists of five d orbitals.

• The fourth sublevel consists of seven f orbitals.

Electrons fill the energy levels and sublevels starting with those of lowest energy first.

Increasing 
energy

Shell / Energy 
level

Orbitals present 
(types and numbers)

Maximum number of electrons 
(= 2n2, where n is the shell/level number)

1 one s 2 = 2

2 one s three p 2 + (3 × 2) = 8

3 one s three p five d 2 + (3 × 2) + (5 × 2) = 18

4 one s three p five d seven f 2 + (3 × 2) + (5 × 2) + (7 × 2) = 32

In order of increasing energy, the sublevels are:

1s < 2s < 2p < 3s < 3p < 4s < 3d < 4p < 4d < 4f

The 4s orbital has lower energy than the 3d orbital, as shown in the following diagram.

L3 Chem Externals LWB.indb   2 29/07/16   2:10 PM



© ESA Publications (NZ) Ltd  –  ISBN 978-0-908340-27-9  –  Copying or scanning from ESA workbooks is limited to 3% under the NZ Copyright Act.

Demonstrate understanding of thermochemical principles and properties of particles and substances  3

Energy

Energy levels Sublevels Orbitals Electrons

4 (N)

3 (M)

2 (L)

1 (K)

4p
3d

4s
3p

3s
2p

2s
1s

( ) ( ) ( )
( ) ( ) ( ) ( ) ( )

( )
( ) ( ) ( )

( )
( ) ( ) ( )

( )
( )

6e–

10e–

2e–

6e–

6e–

2e–

2e–

2e–

Relative energies of electron sublevels up to 4p

Electron configurations

The electron configuration places the electrons for any atom or ion into the energy levels, sublevels and 
orbitals that they are found in. This configuration is sometimes referred to as ‘ground state’ configuration, 
meaning the lowest energy state.

To write the electron configuration for an atom or ion:
• find the number of electrons in the atom or ion
• assign the electrons to orbitals, filling the orbitals with the lowest energy first.

Example – electron configurations of atoms

Si (14 electrons) 1s2 2s2 2p6 3s2 3p2

Ca (20 electrons) 1s2 2s2 2p6 3s2 3p6 4s2

For positive ions, subtract electrons equal to the charge on the ion.

Example – electron configurations of positive ions

Mg has 12 electrons, and is thus 1s2 2s2 2p6 3s2

Mg2+ has 10 electrons (two electrons removed), and is thus 1s2 2s2 2p6

For negative ions, add electrons equal to the charge on the ion.

Example – electron configurations of negative ions

Cl has 17 electrons, and is thus 1s2 2s2 2p6 3s2 3p5

Cl– has 18 electrons (one electron added), and is thus 1s2 2s2 2p6 3s2 3p6

Atoms and ions are said to be isoelectronic when they have the same electron configuration.

Example

O2–, F–, Ne, Na+, Mg2+ and Al3+ all have the electron configuration 1s2 2s2 2p6
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Further points to note.
• 4s has lower energy than 3d – the 4s orbital fills before any of the 3d orbital.

Example

Fe (26 electrons) has configuration 1s2 2s2 2p6 3s2 3p6 3d6 4s2

• The first 18 electrons 1s2 2s2 2p6 3s2 3p6 may be represented by [Ar], the same electron configuration as 
argon, Ar.

Example

The configuration for Fe may be written as [Ar] 3d6 4s2

• Most transition metals form 2+ ions by losing the 4s electrons (not 3d electrons).

Example

Fe [Ar] 3d6 4s2 forms Fe2+ [Ar] 3d6

Exceptions to the above rules for the order in which orbitals are filled:
• Cr (24 electrons) has configuration [Ar] 3d5 4s1 (not [Ar] 3d4 4s2), and its +2 ion, Cr2+, has configuration [Ar] 3d4

• Cu (29 electrons) has configuration [Ar] 3d10 4s1 (not [Ar] 3d9 4s2), and its +2 ion, Cu2+, has configuration [Ar] 3d9

These exceptions occur because half-filled and completely filled orbitals are particularly stable, so the last electron 
goes into the d orbital rather than the 4s.

Hund’s rule

An ‘electrons in boxes’ diagram may be used to show the orbitals available. Each box represents an orbital. The 
electrons are represented by either - or .. Two electrons placed in the same orbital (or box) are said to spin-
paired, and are represented by -..

When adding electrons in orbitals of a particular sublevel, e.g. 2p, one electron is placed in each orbital before 
pairing any electrons. This is referred to as Hund’s rule.

Example

Electron configuration of phosphorus

Phosphorus (15 electrons)

 The electron configuration of phosphorus can be summarised thus:

 P: 1s2 2s2 2p6 3s2 3p3

5s
4p

3p

3s

1s

2s

4s

2p

s p d sublevels

n = 1

n = 2

n = 3

n = 4

n = 5

Energy level
(not to scale) 3d

one orbital, no electrons 
1 electron
2 electrons

Key:

.-

.-

.- .- .-

.-

.-

-

- - -
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Electron configurations
1. a. The third energy level can hold a maximum of 18 electrons.
  i. Describe how these electrons are grouped in sublevels and orbitals.

  ii. Write out the sublevels from i. in order of increasing energy.

 b. What can you say about the energy of electrons of an atom which are in the same sublevel?

 c. How many electrons can each orbital hold? 
2. Write the ground state electron configurations for the following atoms. (Use the periodic table at the 

beginning of this book to find the number of electrons for each atom.)

a. Be

c. Al

e. K

g. Br

i. Cu

b. O

d. Ar

f. Fe

h. Cr

3. a. Write the ground state configurations for the following ions.

i. Mg2+

iii. Cr3+

v. Br–

ii. P3–

iv. Cu2+

 b. Which of the ions in a. has the same electron configuration as Kr?

4. Complete the table.

Symbol Electron configuration

Se

V

V3+

Answers
p.  227
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Electron configurations and the periodic table
The relationship between the electron configurations of elements and the periodic table is shown in the ‘block 
version’ of the periodic table following.

The terms s-block, p-block, d-block and f-block refer to groups of elements which have their highest energy 
electrons in the s, p, d or f orbitals respectively.

1 2 13 14 15 16 17

18

3 4 5 6 7 8 9 10 11 12

Key: Metals Non-metals

f-block

d-block p-blocks-
bl

oc
k

no
bl

e 
ga

se
s

The periodic table in block form

The periodic table can be seen to be an arrangement of atoms which matches the repetitive pattern of their 
electron configurations.
• Elements in the same group have the same number of electrons in their highest energy orbitals (‘valence’ 

electrons). This results in them having similar chemical properties.

Example

Group 2 elements all have s2 electrons in their highest energy orbitals (valence shells).

Group 15 elements all have s2 p3 as their highest energy electrons.
• Elements in the d-block (i.e. have valence electrons in the d sublevel) are called transition metals.

Transition metals always lose the 4s electrons first when forming ions.
• Chromium has greater stability with half-filled 4s and 3d orbitals.
• Copper has greater stability with half-filled 4s and full 3d orbitals.

Transition metals have variable oxidation states – due to having spare 3d electrons they can share (e.g. 
chromium +3 and +6; manganese +2, +4; copper +1 and +2).

Transition metals form coloured ions – incomplete d orbital electrons absorb light of different wavelengths; 
colours seen are wavelengths not absorbed.

Transition metals form complex ions – a central metal cation is bonded to a fixed number of ligands (small 
molecules (e.g. H2O, NH3) or ions (e.g. Cl–, CN–) with lone pairs of electrons that can datively bond to the metal 
cation). Ligands often change the colour absorption of a transition metal.

The pH of complex ions with water molecules is acidic as one of the waters acts as a proton donor:

 [Fe(H2O)6]3+(aq)  →  [Fe(H2O)5OH]2+(aq) + H+(aq)

Chromium(VI) exists as yellow chromate in alkaline solutions and orange dichromate in acidic solutions:

 2CrO4
2–(aq) + 2H+  →  Cr2O7

2–(aq) + H2O(ℓ)
 yellow                orange
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Periodic trends in atomic properties 
Atomic radius
The relative size of an atom is estimated by measuring the distance between the nuclei of two atoms which are joined 
in a covalent bond. Half this distance is called the atomic radius, and is a useful measure of the atom’s size.

Example – Atomic radius of H atom

The atomic radius of hydrogen is one-half of the shortest interatomic distance.
nucleus

overlapping
bond electrons distance = 2 × the atomic radius of H

Atomic radii show periodic trends when plotted against the atomic number of the atom.
• There is a decrease in the size of atoms across a row of the periodic table.

Example

Na > Mg >Al >Si > Cl (row 2)

• There is an increase in size of atoms going down a group in the table.

Example

Li < Na < K (group 1)

1H
 1

2He
 2

3Li
 2,1

4Be
 2,2

5B
 2,3

6C
 2,4

7N
 2,5

8O
 2,6

9F
 2,7

10Ne
  2,8

11Na
   2,8,1

12Mg
   2,8,2

13Al
   2,8,3

14Si
   2,8,4

15P
   2,8,5

16S
   2,8,6

17Cl
   2,8,7

18Ar
   2,8,8

19K
   2,8,8,1

20Ca
   2,8,8,2

Gp1 Gp2 Gp13 Gp14 Gp15 Gp16 Gp17 Gp18

= atomic radius

Key:

atomic number

symbol

electron configuration

scale diagram

11Na

   2,8,1

Periodic trends of the atomic radii of elements H to Ca

Ionic radii
The size of an atom will change when it forms an ion.
• A positive ion will be smaller than the corresponding atom (there is one less occupied energy level once the 

valence electrons are removed, with no change in the nuclear charge).
• A negative ion will be larger than the corresponding atom (there are more electrons in the valence level, so 

there is greater electron-electron repulsion, with no change in the nuclear charge).
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Ionisation energy
The first ionisation energy of an atom is defined as ‘the energy required to remove the least tightly bound 
electron from a mole of atoms in the gas state’ (measured in kJ mol–1).

Example
Na(g) → Na+(g) + e– Energy required = 502 kJ mol–1

The stronger the attraction of the nucleus to the electron, the more energy is required to remove the electron. 
Atoms with a stable electron configuration will have the highest ionisation energies.

First ionisation energies of atoms also show periodic trends:
• first ionisation energies generally increase across a row

Example
Li < Be; B < C < N; O < F < Ne (row 1)

• first ionisation energies decrease down a group.

Example
He > Ne > Ar (group 18)

First ionisation energies for H to Kr

2 4 10 12 14 16 18 20 22 24 26 28 30 32 34 36

200

400
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1 600

1 800

2 000

2 200

2 400

2 600

H

He

Li

Be

B

C

N

O

F

Ne

Na

Mg

Al

Si

P

S

Cl

Ar

K

Ca
Sc

Ti
V

Cr
Mn

Fe

Co
Ni

Cu

Zn

Ga

Ge
Se

As
Br

Kr

First
ionisation

energy
(kJ mol–1)

Atomic number
6 8

The extra stability of the half-filled and full subshells  
may cause anomalies in the periodic trends – as seen with Be and N.
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Electronegativity
Electronegativity is a measure of the attraction between a nucleus and a bonded pair of electrons (in a covalent 
bond). When there is an electronegativity difference between the atoms in a covalent bond, the bond becomes polar.

Electronegativities of atoms:
• increase going from left to right across the periodic table
• decrease going down the periodic table vertically.

H
2.1

Al
1.5

B
2.0

Be
1.5

Mg
1.2

Ca
1.0

K
0.8

Na
0.9

Li
1.0

C
2.5

Cl
3.0

F
4.0

S
2.5

O
3.5

P
2.1

N
3.0

Si
1.8

Se
2.4

Te
2.1

Br
2.8

I
2.5

Electronegativity values and the periodic table

Explanation of trends
The most important effect going across a period (row) is the increasing positive charge due to the increasing 
number of protons in the nucleus.

The valence electrons of atoms in the same row are in the same energy level, so across a row the nucleus has an 
increasing attraction for the valence electrons. This results in:
• a decrease in atomic size – the valence electrons are pulled in closer to the nucleus due to stronger attraction
• an increase in first ionisation energy – valence electrons become harder to remove because of the increased 

attraction to the nucleus
• electronegativity increases across a row, because the attraction for bonded electrons increases as the charge 

on the nucleus increases.

The most important effect going down a group (column) is the increasing distance of the outermost electron shell 
from the nucleus, so the attraction between the nuclear charge and the valence electrons is reduced.

The increasing number of full electron shells also ‘shields’ the nucleus, so the full nuclear charge is not felt by the 
valence electrons. This results in:
• an increase in atomic size – there is less attractive force pulling the outer electrons towards the nucleus
• a decrease in first ionisation energy – there is less attraction between the outer electrons and the nucleus, so 

the outermost electron is easier to remove
• a decrease in electronegativity – the attraction for bonded electrons decreases as the effect of the nuclear 

charge becomes reduced.
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Periodic trends
1. a. Describe what is meant by the ‘first ionisation energy of magnesium’.

b. Write a balanced equation for the reaction which takes place in a.

2. Describe the general trends in electronegativity and atomic radius:
a. across a row of the periodic table

b. down a group of the periodic table.

3. a. Explain why the phosphorus atom, P, is smaller than the magnesium atom, Mg

b. Rank the following atoms in terms of first ionisation energy (highest to lowest): Mg, Cl, Ca
 Give reasons for your answer.

4. Compare the sizes of covalent radius, first ionisation energy and electronegativity for:
a. beryllium, Be, with oxygen, O

b. beryllium, Be, with calcium, Ca

5. a. Arrange the following ions of third-row elements in order of decreasing size:

  i. Na+, Mg2+, Al3+

  ii. Cl–, S2–, P3–

b. Circle the atom or ion with the larger radius from each of the following pairs:

  i. Li+ / Li ii. Ca2+ / Mg2+ iii. P / P3– iv. Na+ / Cl–

Answers
p.  227
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Achievement Standard 91390 (Chemistry 3.4)
Electron configurations (page 5)
1. a. i. The third energy level has three sublevels, s, p, and d:

   •  the 3s sublevel has one orbital holding up to two 
electrons

   •  the 3p sublevel has three orbitals holding up to six 
electrons

   •  the 3d sublevel has five orbitals holding up to ten 
electrons.

  ii. 3s < 3p < 3d

 b. They have the same energy.

 c. 2

2. a. Be: 1s2 2s2

 b. O: 1s2 2s2 2p4

 c. Al: 1s2 2s2 2p6 3s2 3p1

 d. Ar: 1s2 2s2 2p6 3s2 3p6

 e. K: [Ar] 4s1

 f. Fe: [Ar] 3d6 4s2 4s has lower energy, so fills before 3d

 g. Br: [Ar] 3d10 4s2 4p5

 h. Cr: [Ar] 3d5 4s1 4s usually fills before 3d, but here the half-filled 
3d sublevel gives extra stability

 i. Cu: [Ar] 3d10 4s1 4s usually fills before 3d, but here the full 3d 
sublevel gives extra stability

3. a. i. 10 electrons, so Mg2+ is:

   Mg2+: 1s2 2s2 2p6

  ii. 18 electrons, so P3– is:

   P3– : 1s2 2s2 2p6 3s2 3p6

  iii. Transition metals lose the 4s electrons first 
when forming ions; 21 electrons, so Cr3+ is:

   Cr3+: [Ar] 3d3

  iv. 27 electrons, so Cu2+ is:

   Cu2+: [Ar] 3d9

  v. 36 electrons, so Br– is:

   Br – : [Ar] 3d10 4s2 4p6

 b. Br –

4. Se: 1s2 2s2 2p6 3s2 3p6 4s2 3d10 4p4

 V: 1s2 2s2 2p6 3s2 3p6 4s2 3d3

 V3+: 1s2 2s2 2p6 3s2 3p6 4s0 3d2

You can follow the pattern of electron filling by using the periodic 
table (see page iv.). Remember that transition metals lose their 4s 
electrons first when forming ions.

Periodic trends (page 10)
1. a.  The energy required to remove the least tightly bound (outermost) 

electron from a mol of magnesium atoms in the gas state.

 b. Mg(g)  →  Mg+(g) + e–

2. a. Electronegativity increases; size decreases.

 b. Electronegativity decreases; size increases.

3. a. P and Mg are in the same row of the periodic table, so:
  •  both have valence electrons in the same energy level (the 

shielding effect of the inner shells is the same for both)
  • P has more protons, so it will have a greater nuclear charge.

   The P valence electrons have a stronger attraction to the nucleus 
and they are pulled closer, so the P atom will be smaller.

 b. Cl > Mg > Ca

   Cl is in the same row as Mg but has more protons in its nucleus. 
The valence electrons are more tightly held and the amount 
of energy required to remove the first electron (first ionisation 
energy) will be greater.

   Mg is in the same group as Ca (same number of valence 
electrons), but Mg has fewer full inner shells (the valence 
electrons are closer to the nucleus, with less shielding). The 
valence electrons of Mg will be more tightly held, so the first 
ionisation energy will be greater than for Ca.

4. Covalent radius First ionisation energy Electronegativity
 a. Be > O Be < O Be < O
 b. Be < Ca Be > Ca Be > Ca

5. a. i. Na+ > Mg2+ > Al3+

  ii. P3– > S2– > Cl– Look at the nuclear charge and the 
number of outer shell electrons for each

 b. i. Li > Li+ Li has more electrons than Li+, 
but the same nuclear charge

  ii. Ca2+ > Mg2+ Ca2+ has more full inner shells than 
Mg2+, valence electrons further from 
nucleus with greater shielding

  iii. P3– > P P3– has more electrons than P, 
but the same nuclear charge

  iv. Cl– > Na+ Cl– has more full inner shells than Na+

Lewis structures (page 13)
1. a. NF3 Central atom is N; total valence electrons = 26

F N
F

F

 b. BF3 Central atom is B; total valence electrons = 24; 
3 electron pairs around central atom

B
F

F

F
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 c. IF3 Central atom is I ; total valence electrons = 28; 
5 electron pairs around central atom

F

F
IF

 d. O3 Central atom is O; total valence electrons = 18

O O
O

 e. COCl2 Central atom is C (less electronegative than Cl 
or O); total valence electrons = 24

Cl C

O

Cl

 f. HOCl Central atom is O (less electronegative than Cl); 
total valence electrons = 14

H O Cl

 g. ONCl Central atom is N (less electronegative than Cl 
or O); total valence electrons =18

Cl N O

 h. HCN Central atom is C; total valence electrons = 10

NCH

 i. SCl6 Central atom is S; total valence electrons = 48; 
6 electron pairs around central atom

S
Cl

Cl

Cl

Cl Cl

Cl

 j. POCl3 Central atom = P (less electronegative than Cl or O); 
total valence electrons = 32

P
Cl

O
Cl Cl

 k. C2H2 Two ‘central’ atoms; total valence electrons = 10

CCH H

 l. H2CO3 Central atom is C (oxyacid so H bonded to O); 
total valence electrons = 24

C
O

O

H

OO
H

2. a. H3O+ Total valence electrons = 8

O HH
H

+

 b. BrF4
– Total valence electrons = 36; 

6 electron pairs around central atom

Br

–

F

F

F

F

 c. IO3
– Total valence electrons = 26; 

6 electron pairs around central atom

I
–

O

OO

 d. SF5
– Total valence electrons = 42; 

6 electron pairs around central atom

S

F
FF

F F
–

Shapes of molecules (page 16)
1. a. NF3 central atom has 3 bonding pairs, 1 non-bonding pair

  Trigonal pyramid

 b. BF3 central atom has 3 bonding pairs, 0 non-bonding pairs

  Trigonal planar

 c. IF3 central atom has 3 bonding pairs, 2 non-bonding pairs

  T-shape

 d. O3 central atom has 2 bonding regions, 1 non-bonding pair

  Bent (120°)

 e. COCl2 central atom has 3 bonding regions, 0 non-bonding pairs

  Trigonal planar

 f. HOCl central atom has 2 bonding pairs, 2 non-bonding pairs

  Bent (109°)

 g. ONCl central atom has 2 bonding regions, 1 non-bonding pair

  Bent (120°)

 h. HCN central atom has 2 bonding regions, 0 non-bonding pairs

  Linear

 i. SCl6 central atom has 6 bonding pairs, 0 non-bonding pairs

  Octahedral

 j. POCl3 central atom has 4 bonding pairs, 0 non-bonding pairs

  Tetrahedral

 k. C2H2 each C atom has 2 bonding regions, 0 non-bonding pairs

  Linear

2. a. H3O+ central atom has 3 bonding pairs, 1 non-bonding pair

  Trigonal pyramid

 b. BrF4
– central atom has 4 bonding pairs, 2 non-bonding pairs

  Square planar

 c. IO3
– central atom has 3 bonding regions, 1 non-bonding pair

  Trigonal pyramid

 d. SF5
– central atom has 5 bonding pairs, 1 non-bonding pair

  Square-based pyramid
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