
9 The Periodic Table: chemical periodicity

This topic illustrates the regular patterns in some physical properties of the elements 
in the Periodic Table.

9.1 Periodicity of physical properties of the elements in the third period
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Inorganic chemistry

9 The Periodic Table: chemical periodicity

This topic illustrates the regular patterns in chemical and physical properties of the elements in the 
Periodic Table.

Learning outcomes
Candidates should be able to:

9.1  Periodicity of 
physical properties 
of the elements in 
the third period

a) describe qualitatively (and indicate the periodicity in) the variations in 
atomic radius, ionic radius, melting point and electrical conductivity of 
the elements (see the Data Booklet )

b) explain qualitatively the variation in atomic radius and ionic radius 

c) interpret the variation in melting point and electrical conductivity in terms 
of the presence of simple molecular, giant molecular or metallic bonding 
in the elements 

d) explain the variation in first ionisation energy (see the Data Booklet) 

e) explain the strength, high melting point and electrical insulating 
properties of ceramics in terms of their giant structure; to include 
magnesium oxide, aluminium oxide and silicon dioxide

9.2  Periodicity of 
chemical properties 
of the elements in 
the third period

a) describe the reactions, if any, of the elements with oxygen (to give 
Na2O, MgO, Al 2O3, P4O10, SO2, SO3), chlorine (to give NaCl , MgCl 2, 
Al 2Cl 6, SiCl 4, PCl 5) and water (Na and Mg only)

b) state and explain the variation in oxidation number of the oxides (sodium 
to sulfur only) and chlorides (sodium to phosphorus only) in terms of 
their valence shell electrons

c) describe the reactions of the oxides with water

 (treatment of peroxides and superoxides is not required)

d) describe and explain the acid/base behaviour of oxides and hydroxides 
including, where relevant, amphoteric behaviour in reaction with acids 
and bases (sodium hydroxide only)

e) describe and explain the reactions of the chlorides with water

f) interpret the variations and trends in 9.2(b), (c), (d) and (e) in terms of 
bonding and electronegativity

g) suggest the types of chemical bonding present in chlorides and oxides 
from observations of their chemical and physical properties

9.3  Chemical periodicity 
of other elements

a) predict the characteristic properties of an element in a given Group by 
using knowledge of chemical periodicity

b) deduce the nature, possible position in the Periodic Table and identity of 
unknown elements from given information about physical and chemical 
properties
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PERIODICITY

The outer electronic configuration is a periodic function, it repeats ever so often. 

Many physical and chemical properties are influenced by the outer shell 

configuration of an atom and hence also exhibit periodicity, such as: 

atomic radius, ionic radius, ionisation energy, electron affinity, electronegativity, 

electrical conductivity, melting point and boiling point 

The first two periods in the periodic table are not typical... 

Period 1 (H, He) contains only two elements 

Period 2 elements at the top of each group have small sizes and high I.E.values 

Period 3 (Na-Ar)  is the most suitable period for studying trends

1

ATOMIC RADIUS

The atomic radius is basically used to describe the size of an atom. 

Larger the atomic radius, larger the atom.  

Atomic radius increases down a group.  

This is because, as we go down a group in the periodic table the atoms 

have increasingly more electron shells.  

In each new period the outer-shell electrons enter a new energy level 

and so are located further away from the nucleus.

2
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ATOMIC RADIUS

Atomic radius decreases across a period 

The magnitude of the positive charge of the nucleus increases, its “pull” 

on all of the electrons increases, hence the number of shells remain the 

same and the electrons are drawn closer to the nucleus.  

This results in a contraction of the atomic radius and therefore a 

decrease in atomic size. 

3

▲  Figure 4 Trends in atomic radii. Some people think of these shapes as snowmen – going down 
a group the snowman is standing upright, while across a period the snowman is sleeping!
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Periodic trends in atomic radius
Across a period from left to right, atomic radii decrease. This is because of 
the increasing effective nuclear charge, Zeff, going from left to right across 
the period. This pulls the valence (outer-shell) electrons closer to the 
nucleus, reducing the atomic radius.

Down a group from top to bottom, atomic radii increase. In each new 
period the outer-shell electrons enter a new energy level so are located 
further away from the nucleus. This has a greater effect than the 
increasing nuclear charge, Z, because of shielding by the core electrons.

These trends are summarized in figures 4 and 5. Figure 5 shows that the 
atomic radii of the transition elements do not change greatly across a period. 
The reason for this is that the number of electrons in the outermost energy 
level of the principal quantum number, n, remains almost constant across 
the period. As electrons are added they enter the (n - 1) rather than the 
nth energy level. So the number of valence electrons and hence Zeff remain 
essentially constant, resulting in little variation in atomic radius. 

  Worked example: estimating nuclear charge
Estimate the effective nuclear charge experienced 
by the valence electron in the alkali metal 
potassium.

Solution
Potassium, K has the electron configuration 
1s22s22p63s23p64s1 and Z = 19.

K has a total of 19 electrons and one valence 
electron (it is in group 1). This means there are 
18 core electrons (figure 3). The valence electron 
does not experience the full force of attraction 
of the 19 protons that provide the nuclear 
charge. The 18 core electrons partially cancel this 
positive charge and the effective nuclear charge is 
approximately 1:

Zeff ≈ Z - S = 19 - 18 = 1

(For comparison, using Slater’s rules Zeff for 
potassium is calculated as 2.2.) As chemists we 
need to be aware of the limitations of many of our 
assumptions, equations, and rules.

19+ nuclear charge19+

18- 18- core electrons

4s valence electron

▲  Figure 3 Shielding of the outer valence electron in the 
potassium atom
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4

Periodic trends in ionic radius
The radii of cations and anions vary from the parent atoms from which 
they are formed in the following way.

The radii of cations are smaller than those of their parent atoms; for 
example, the atomic radius of K is 200 pm while the ionic radius of 
K+  is 138 pm. The reason for this is that there are more protons than 
electrons in the cation so the valence electrons are more strongly 
attracted to the nucleus.

The radii of anions are larger than those of their parent atoms; for 
example, the atomic radius of F is 60 pm while the ionic radius of  
F-  is 133 pm. This is because the extra electron in the anion results in 
greater repulsion between the valence electrons. 

▲  Figure 5 Values of atomic radii of elements in pm. These data can be found in section 9 of 
the Data booklet
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Ions
An ion is a charged species. 
Ions are either cations or 
anions:

• A cation is positively 
charged, such as Na+ , Mg2+ .

• An anion is negatively 
charged, such as Cl- , O2- .
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ATOMIC RADIUS MEASUREMENTS

The radius of an atom is determined by the distance between the center of the 

nucleus and the boundary of the region where the valence electrons have a 

probability of being located.  

Since the probability of finding an electron in an atom extends up to infinity it is 

impossible to determine the exact size of the atom.  

Hence atomic radius is taken as half the distance between the centre of two 

adjacent atoms in a molecule or in a closed packed system.  

The bond between two adjacent atoms may be covalent, metallic or simply van 

der Waal’s forces. 

5

ATOMIC RADIUS

Chemists use X-ray diffraction and other techniques to measure the 

distance between the nuclei of atoms.  

The atomic radius of an atom cannot be defined precisely because it 

depends on the type of bonding and on the number of bonds.  

Metallic radius in metals is half the distance between the inter-nuclear 

distance of what are effectively ions. 

6

cation

half this distance

189

 10 Periodicity

Interatomic and interionic radii
The term ‘atomic radius’ does not mean the same thing for every element. Although 
we can fairly easily measure the distance between two adjacent nuclei in an 
element (see Figure 10.3), if we are to use those distances to compare one element 
with another, we must be aware that the interatomic bonding might differ in the 
two elements. For example, tables of interatomic radii include three values for 
sodium: its covalent radius is 0.154 nm; its metallic radius is 0.186 nm, and its van 
der Waals’ radius is 0.230 nm. The only radius listed for argon is its van der Waals’ 
radius (0.190 nm), since it does not form compounds. If we are to compare the 
sizes of the atoms in a sensible way, we need to compare radii of the same type. 
Comparing the van der Waals’ radii of the two elements shows that the sodium 
atom (0.230 nm) is larger than the argon atom (0.190 nm), as we might expect, since 
the nuclear attraction for the outer electron shell increases with proton number 
across the group. 

10_03 Cam/Chem AS&A2
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on the left – metallic radius on the right – covalent radius for Group 18 –
van der Waals’ radius
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In crossing the third period of the Periodic Table, the proton number increases from 
11 to 18. This means that the 3s and 3p outer electrons become more fi rmly attracted 
to the nucleus and as a result their distance away from the nucleus becomes less. 
This is the reason why the atomic radii decrease from sodium to chlorine (see Figure 
10.4). As mentioned above, the somewhat larger value of 0.190 nm listed for argon in 
Table 10.1 is the van der Waals’ radius, which is half the distance between the two 
nuclei when the atoms touch one another in the solid state. 

Sodium, magnesium and aluminium are metals and form Na+, Mg2+ and Al3+ ions. 
These ions all have the electronic structure 1s2 2s2 2p6. As the proton number increases 
from 11 with sodium to 13 with aluminium, the attraction for the outer electrons 
increases and they become drawn in closer to the nucleus. This means that the ionic 
radii get smaller (Na+ 0.095 nm, Mg2+ 0.065 nm, Al3+ 0.050 nm).

Melting points
The melting point of an element that has a giant structure is high because many 
interatomic bonds must be broken for melting to take place. The atomic radii 
become smaller from sodium to silicon and so the bonding becomes stronger 
and the melting points become higher, as the bonding electrons are closer to the 
adjacent nuclei.

Table 10.1 Some physical properties of the 
elements in the third period 

Na Mg Al Si P S Cl Ar

Melting point/°C 98 649 660 1410 44 113 −101 −189

First ionisation energy/kJ mol−1 494 736 577 786 1060 1000 1260 1520

Electronegativity 0.9 1.2 1.5 1.8 2.1 2.5 3.0 —

Electrical conductivity/S cm−1 2.1 × 105 2.3 × 105 3.8 × 105 2.5 × 10−6 1.0 × 10−11 5.0 × 10−18 ~0 ~0

Atomic radius/nm 0.186 0.160 0.143 0.117 0.110 0.104 0.099 (0.190)

Figure 10.3 The atomic radius is half the 
internuclear distance. 

181333_10_AS_Chem_BP_186-201.indd   189 18/09/14   1:49 PM

139

BILAL HAMEED                                                                                                      PERIODIC TRENDS

Online Classes : Megalecture@gmail.com

www.youtube.com/megalecture



ATOMIC RADIUS MEASUREMENTS

• Covalent radius is half the distance between the nuclei of atoms joined by a 

covalent bond. The values are measured by X-ray or electron diffraction.

7

chlorine molecule

half this distance

argon molecule

half this distance
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 10 Periodicity
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• Van der Waal’s radius is half the distance between two monoatomic molecules (two 

atoms held by van der Waal’s forces)

ATOMIC RADIUS
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The reason that atomic radius decreases across a period is basically the 
same reason electronegativity and ionisation energy increase: an increase 
in nuclear charge across the period but no signifi cant increase in shielding.

Sodium and chlorine have the same number of inner shells of electrons 
(and hence the amount of shielding is similar); however, chlorine has 
a nuclear charge of 17+ whereas sodium has a nuclear charge of only 
11+. This means that the outer electrons are pulled in more strongly in 
chlorine than in sodium and the atomic radius is smaller.

>dc^X�gVY^jh
The ionic radius is a measure of the size of an ion.

In general, the ionic radii of positive ions are smaller than 
their atomic radii, and the ionic radii of negative ions are 
greater than their atomic radii.

For instance, Figure 4.10 (overleaf ) shows a comparison of the atomic and 
ionic radii (1+ ion) for the alkali metals. Each 1+ ion is smaller than the 
atom from which it is formed (by loss of an electron).

Na is larger than Na+ as it has one extra shell of electrons – the 
electronic confi guration of Na is 2, 8, 1, whereas that of Na+ is 2, 8. Also, 
they both have the same nuclear charge pulling in the electrons (11+), but 
there is a greater amount of electron–electron repulsion in Na, as there 
are 11 electrons compared with only 10 in Na+. The electron cloud is 
therefore larger in Na than in Na+, as there are more electrons repelling 
for the same nuclear charge pulling the electrons in.

The fact that negative ions are larger than their parent atoms can be seen 
by comparing the sizes of halogen atoms with their ions (1−) in Figure 
4.11 (overleaf ). Cl− is larger than Cl, because it has more electrons for the 
same nuclear charge and, therefore, greater repulsion between electrons. 
Cl has 17 electrons and 17 protons in the nucleus. Cl− also has 17 protons 
in the nucleus, but it has 18 electrons. The repulsion between 18 electrons 
is greater than between 17 electrons, so the electron cloud expands as an 
extra electron is added to a Cl atom to make Cl−.
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Although it is not possible to measure 
an atomic radius for Ar, it is possible to 
measure a value for the van der Waals’ 
radius of this element.
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SKILL CHECK 1

Put the following elements in order of increasing atomic radius. Justify 
your answers:  

A Mg, S, Si 

B Mg, K, Al 

C Si, Cl, K  

9

SKILL CHECK 2

Explain why the ionic radius of a Group 2 ion is smaller than the 
atomic radius of the corresponding Group 2 atom.  

10
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IONIC RADIUS

Positive ions (cations) are smaller than the parent atom.  

The cation has more protons than electrons (an increased nuclear charge).  

The excess nuclear charge pulls the remaining electrons closer to the 

nucleus.  

Also, cation formation often results in the loss of all outer-shell electrons, 

resulting in a significant decrease in radius.

11
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The variation of ionic radius across a period is not a clear-cut trend, as 
the type of ion changes from one side to the other. Thus positive ions are 
formed on the left-hand side of the period and negative ions on the right-
hand side.

For positive ions there is a decrease in ionic radius as the charge on 
the ion increases, but for negative ions the size increases as the charge 
increases (Figure 4.12).

Let us consider Na+ and Mg2+: both ions have the same electronic 
confi guration, but Mg2+ has one more proton in the nucleus (Figure 
4.13). Because there is the same number of electrons in both ions, the 
amount of electron–electron repulsion is the same; however, the higher 
nuclear charge in Mg2+ means that the electrons are pulled in more 
strongly and so the ionic radius is smaller.
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IONIC RADIUS

Negative ions (anions) are larger than the parent atom.  

The anion has more electrons than protons.  

Owing to the excess negative charge, the nuclear “pull” on each 

individual electron is reduced. The electrons are held less tightly, 

resulting in a larger anion radius in contrast to the neutral atom.

13
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The variation of ionic radius across a period is not a clear-cut trend, as 
the type of ion changes from one side to the other. Thus positive ions are 
formed on the left-hand side of the period and negative ions on the right-
hand side.

For positive ions there is a decrease in ionic radius as the charge on 
the ion increases, but for negative ions the size increases as the charge 
increases (Figure 4.12).

Let us consider Na+ and Mg2+: both ions have the same electronic 
confi guration, but Mg2+ has one more proton in the nucleus (Figure 
4.13). Because there is the same number of electrons in both ions, the 
amount of electron–electron repulsion is the same; however, the higher 
nuclear charge in Mg2+ means that the electrons are pulled in more 
strongly and so the ionic radius is smaller.
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IONIC RADIUS
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The variation of ionic radius across a period is not a clear-cut trend, as 
the type of ion changes from one side to the other. Thus positive ions are 
formed on the left-hand side of the period and negative ions on the right-
hand side.

For positive ions there is a decrease in ionic radius as the charge on 
the ion increases, but for negative ions the size increases as the charge 
increases (Figure 4.12).

Let us consider Na+ and Mg2+: both ions have the same electronic 
confi guration, but Mg2+ has one more proton in the nucleus (Figure 
4.13). Because there is the same number of electrons in both ions, the 
amount of electron–electron repulsion is the same; however, the higher 
nuclear charge in Mg2+ means that the electrons are pulled in more 
strongly and so the ionic radius is smaller.
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IONIC RADIUS ACROSS A PERIOD

Across a period the radii of ions with the same electron configuration 

decreases as nuclear charge increases.

15

Na+            Mg2+       Al3+           S2—              Cl— 

102            72           53             184              181

IONIC RADIUS IN ISOELECTRONIC PARTICLES

16

                                                                           
particle N3— O2— F— Ne Na+ Mg2+ Al3+

nuclear 
charge 7 8 9 10 11 12 13

electrons 10 10 10 10 10 10 10
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SKILL CHECK 3

Explain why the ionic radii of halides are larger than atomic radii of the 
corresponding halogens 

17

SKILL CHECK 4

Which diagram represents the change in ionic radius of the elements 

across the third period (Na to Cl)? 

18
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SKILL CHECK 5

The species Ar, K+ and Ca2+ are isoelectronic (have the same number of 

electrons).  

   In what order do their radii increase?  

19

WHAT IS IONISATION ENERGY?

Ionisation Energy is the amount of energy needed to remove electrons from atoms.  

The ionisation energy of an atom measures how strongly an atom holds its 

electrons. 

As electrons are negatively charged and protons in the nucleus are positively 

charged, there will be an attraction between them. The greater the pull of the 

nucleus, the harder it will be to pull an electron away from an atom.

20

Attraction between the nucleus and an electron
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WHAT AFFECTS IONISATION ENERGY?
The value of the 1st Ionisation Energy depends on the electronic structure 
 
 
 
 

Helium has two protons in the nucleus. The nuclear charge is greater so the 

pull on the outer electrons is larger. More energy will be needed to pull an 

electron out of the atom.
21

+

Hydrogen

1310 kJ mol-1

3+

Lithium

519 kJ mol-1

2+

Helium

2370 kJ mol-1

WHAT AFFECTS IONISATION ENERGY?

 
 
 
 

Lithium atoms have 3 protons so you would expect the pull on electrons to be 

greater. However, the 1st I.E. of Li is lower than that of He because 

1. Filled inner shells exert a shielding effect - lowers the effective nuclear pull and, 

2. Electrons are further away from the nucleus- lowers effective nuclear attraction.

22

+

Hydrogen

1310 kJ mol-1

3+

Lithium

519 kJ mol-1

2+

Helium

2370 kJ mol-1
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FACTORS INFLUENCING IONISATION ENERGY

Nuclear Charge 

As nuclear charge increases the attractive force would increase and hence 

more energy would be needed to overcome the increasing nuclear 

attraction. 

Atomic Radius 

As the atomic radius increases, the outermost electron would be further 

away from the nucleus experiencing a weaker attractive force. Hence the 

value decreases with increasing size.   

Attraction decreases very rapidly with distance. An electron close to the 

nucleus will be much more strongly attracted than one further away.  

23

FACTORS INFLUENCING IONISATION ENERGY

Shielding effect/Screening 

Electrons in full inner shells repel electrons in outer shells. Full inner shells of 

electrons prevent the full nuclear charge being felt by the outer electrons. 

The inner electron orbitals effectively screen or shield the outermost electrons 

from the nucleus, due to which the ionisation energy decreases. 

The lessening of the pull of the nucleus by the inner electrons is known as 

shielding.  

It is due to the shielding effect that the electrons in the outer shell are attracted 

by the effective nuclear charge which is less than the full charge on the 

nucleus.

24

148

BILAL HAMEED                                                                                                      PERIODIC TRENDS

Online Classes : Megalecture@gmail.com

www.youtube.com/megalecture



FACTORS INFLUENCING IONISATION ENERGY

25
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The outermost electron in potassium is furthest from the nucleus and 
therefore least strongly attracted by the nucleus. This electron is thus 
easiest to remove. It is also shielded (screened) from the full attractive 
force of the nucleus by the other 18 electrons in the atom (Figure 2.34).

Complete shells of electrons between the nucleus and a particular 
electron reduce the attractive force of the nucleus for that electron. There 
are three full shells of electrons between the outermost electron and the 
nucleus, and if this shielding were perfect the eff ective nuclear charge 
felt by the outer electron would be +1 (19+ in nucleus, 18 shielding 
electrons). This shielding is not perfect, however, and the eff ective nuclear 
charge felt by the outermost electron is higher than +1.
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In electrostatics a sphere of charge behaves like a point charge at its centre; 
therefore relative to the outer electron, spheres of charge inside (the 
electron shells) behave as if their charge is at the nucleus. The charge felt 
by the outer electron is thus 19+ + 18− = 1+ acting at the nucleus. 

The electrons do not form perfect spheres of charge, and the movement 
of the outer electron is not simply in an orbit around the nucleus as shown, 
and this is why the eff ective nuclear charge felt by the outer electron 
in potassium is greater than 1. There are various ways of estimating or 
calculating the eff ective nuclear charge for a particular electron in an atom 
(e.g. Slater’s rules). Calculations suggest that the eff ective nuclear charge felt 
by the outer electron in potassium is about 3.5+.

Once the fi rst electron has been removed, the next electron is 
considerably more diffi  cult to remove (there is a large jump between fi rst 
and second ionisation energies). This is consistent with the electron being 
removed from a new main energy level (shell). This electron is closer 
to the nucleus and therefore more strongly attracted. It is also shielded 
by fewer electrons (the ten electrons in the inner main energy levels), as 
electrons in the same shell do not shield each other very well (they do not 
get between the electron and the nucleus).

The ionisation energy now rises steadily as the electrons are removed 
successively from the same main energy level. There is no signifi cant change 
in shielding, but as the positive charge on the ion increases it becomes more 
diffi  cult to remove a negatively charged electron (less electron–electron 
repulsion, so the electrons are pulled in closer to the nucleus).

There is another large jump in ionisation energies between the ninth 
and the tenth, as the ninth electron is the last to be removed from the 
third main energy level but the tenth is the fi rst to be removed from the 
second level. The tenth electron is signifi cantly closer to the nucleus and is 
less shielded than the ninth electron to be removed.

An alternative view of shielding is that the outer electron is attracted 
by the nucleus but repelled by the inner electrons.
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The outermost electron in potassium is furthest from the nucleus and 
therefore least strongly attracted by the nucleus. This electron is thus 
easiest to remove. It is also shielded (screened) from the full attractive 
force of the nucleus by the other 18 electrons in the atom (Figure 2.34).

Complete shells of electrons between the nucleus and a particular 
electron reduce the attractive force of the nucleus for that electron. There 
are three full shells of electrons between the outermost electron and the 
nucleus, and if this shielding were perfect the eff ective nuclear charge 
felt by the outer electron would be +1 (19+ in nucleus, 18 shielding 
electrons). This shielding is not perfect, however, and the eff ective nuclear 
charge felt by the outermost electron is higher than +1.
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In electrostatics a sphere of charge behaves like a point charge at its centre; 
therefore relative to the outer electron, spheres of charge inside (the 
electron shells) behave as if their charge is at the nucleus. The charge felt 
by the outer electron is thus 19+ + 18− = 1+ acting at the nucleus. 

The electrons do not form perfect spheres of charge, and the movement 
of the outer electron is not simply in an orbit around the nucleus as shown, 
and this is why the eff ective nuclear charge felt by the outer electron 
in potassium is greater than 1. There are various ways of estimating or 
calculating the eff ective nuclear charge for a particular electron in an atom 
(e.g. Slater’s rules). Calculations suggest that the eff ective nuclear charge felt 
by the outer electron in potassium is about 3.5+.

Once the fi rst electron has been removed, the next electron is 
considerably more diffi  cult to remove (there is a large jump between fi rst 
and second ionisation energies). This is consistent with the electron being 
removed from a new main energy level (shell). This electron is closer 
to the nucleus and therefore more strongly attracted. It is also shielded 
by fewer electrons (the ten electrons in the inner main energy levels), as 
electrons in the same shell do not shield each other very well (they do not 
get between the electron and the nucleus).

The ionisation energy now rises steadily as the electrons are removed 
successively from the same main energy level. There is no signifi cant change 
in shielding, but as the positive charge on the ion increases it becomes more 
diffi  cult to remove a negatively charged electron (less electron–electron 
repulsion, so the electrons are pulled in closer to the nucleus).

There is another large jump in ionisation energies between the ninth 
and the tenth, as the ninth electron is the last to be removed from the 
third main energy level but the tenth is the fi rst to be removed from the 
second level. The tenth electron is signifi cantly closer to the nucleus and is 
less shielded than the ninth electron to be removed.

An alternative view of shielding is that the outer electron is attracted 
by the nucleus but repelled by the inner electrons.
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The outermost electron in potassium is furthest from the nucleus and 
therefore least strongly attracted by the nucleus. This electron is thus 
easiest to remove. It is also shielded (screened) from the full attractive 
force of the nucleus by the other 18 electrons in the atom (Figure 2.34).

Complete shells of electrons between the nucleus and a particular 
electron reduce the attractive force of the nucleus for that electron. There 
are three full shells of electrons between the outermost electron and the 
nucleus, and if this shielding were perfect the eff ective nuclear charge 
felt by the outer electron would be +1 (19+ in nucleus, 18 shielding 
electrons). This shielding is not perfect, however, and the eff ective nuclear 
charge felt by the outermost electron is higher than +1.
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In electrostatics a sphere of charge behaves like a point charge at its centre; 
therefore relative to the outer electron, spheres of charge inside (the 
electron shells) behave as if their charge is at the nucleus. The charge felt 
by the outer electron is thus 19+ + 18− = 1+ acting at the nucleus. 

The electrons do not form perfect spheres of charge, and the movement 
of the outer electron is not simply in an orbit around the nucleus as shown, 
and this is why the eff ective nuclear charge felt by the outer electron 
in potassium is greater than 1. There are various ways of estimating or 
calculating the eff ective nuclear charge for a particular electron in an atom 
(e.g. Slater’s rules). Calculations suggest that the eff ective nuclear charge felt 
by the outer electron in potassium is about 3.5+.

Once the fi rst electron has been removed, the next electron is 
considerably more diffi  cult to remove (there is a large jump between fi rst 
and second ionisation energies). This is consistent with the electron being 
removed from a new main energy level (shell). This electron is closer 
to the nucleus and therefore more strongly attracted. It is also shielded 
by fewer electrons (the ten electrons in the inner main energy levels), as 
electrons in the same shell do not shield each other very well (they do not 
get between the electron and the nucleus).

The ionisation energy now rises steadily as the electrons are removed 
successively from the same main energy level. There is no signifi cant change 
in shielding, but as the positive charge on the ion increases it becomes more 
diffi  cult to remove a negatively charged electron (less electron–electron 
repulsion, so the electrons are pulled in closer to the nucleus).

There is another large jump in ionisation energies between the ninth 
and the tenth, as the ninth electron is the last to be removed from the 
third main energy level but the tenth is the fi rst to be removed from the 
second level. The tenth electron is signifi cantly closer to the nucleus and is 
less shielded than the ninth electron to be removed.

An alternative view of shielding is that the outer electron is attracted 
by the nucleus but repelled by the inner electrons.
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The outermost electron in potassium is furthest from the nucleus and 
therefore least strongly attracted by the nucleus. This electron is thus 
easiest to remove. It is also shielded (screened) from the full attractive 
force of the nucleus by the other 18 electrons in the atom (Figure 2.34).

Complete shells of electrons between the nucleus and a particular 
electron reduce the attractive force of the nucleus for that electron. There 
are three full shells of electrons between the outermost electron and the 
nucleus, and if this shielding were perfect the eff ective nuclear charge 
felt by the outer electron would be +1 (19+ in nucleus, 18 shielding 
electrons). This shielding is not perfect, however, and the eff ective nuclear 
charge felt by the outermost electron is higher than +1.
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In electrostatics a sphere of charge behaves like a point charge at its centre; 
therefore relative to the outer electron, spheres of charge inside (the 
electron shells) behave as if their charge is at the nucleus. The charge felt 
by the outer electron is thus 19+ + 18− = 1+ acting at the nucleus. 

The electrons do not form perfect spheres of charge, and the movement 
of the outer electron is not simply in an orbit around the nucleus as shown, 
and this is why the eff ective nuclear charge felt by the outer electron 
in potassium is greater than 1. There are various ways of estimating or 
calculating the eff ective nuclear charge for a particular electron in an atom 
(e.g. Slater’s rules). Calculations suggest that the eff ective nuclear charge felt 
by the outer electron in potassium is about 3.5+.

Once the fi rst electron has been removed, the next electron is 
considerably more diffi  cult to remove (there is a large jump between fi rst 
and second ionisation energies). This is consistent with the electron being 
removed from a new main energy level (shell). This electron is closer 
to the nucleus and therefore more strongly attracted. It is also shielded 
by fewer electrons (the ten electrons in the inner main energy levels), as 
electrons in the same shell do not shield each other very well (they do not 
get between the electron and the nucleus).

The ionisation energy now rises steadily as the electrons are removed 
successively from the same main energy level. There is no signifi cant change 
in shielding, but as the positive charge on the ion increases it becomes more 
diffi  cult to remove a negatively charged electron (less electron–electron 
repulsion, so the electrons are pulled in closer to the nucleus).

There is another large jump in ionisation energies between the ninth 
and the tenth, as the ninth electron is the last to be removed from the 
third main energy level but the tenth is the fi rst to be removed from the 
second level. The tenth electron is signifi cantly closer to the nucleus and is 
less shielded than the ninth electron to be removed.

An alternative view of shielding is that the outer electron is attracted 
by the nucleus but repelled by the inner electrons.
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FACTORS INFLUENCING IONISATION ENERGY

Nature of sub level 

Electrons in the s orbital are closer to the nucleus as compared to the 

electrons in the p orbital of the same shell.  

Hence the s electrons are the more firmly held and require a greater amount 

of energy to be removed as compared to the p electrons which are slightly 

further.  

Also, the p orbital of the same energy level will experience the shielding 

effect of the s electrons from the same shell in addition to previous s orbitals. 

Note: Only S Filled Orbitals Provide Shielding

26
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FACTORS INFLUENCING IONISATION ENERGY

Stability of Certain Configurations 

Two electrons in the same orbital experience a bit of repulsion from each 

other. This offsets the attraction of the nucleus so that the paired 

electrons are removed rather more easily. 

Completely filled sub levels are more stable than others requiring large 

amounts of energy for their disruption. This additional stability is 

associated with half filled sub levels also.

27

Stability of 

completely filled 

sub levels

Stability of half-

filled sub levels

Stability of other 

configurations
> >

IONISATION ENERGY DOWN A GROUP

Ionisation energy decreases down a group.  

Despite an increased nuclear charge the outer 

electron is easier to remove. This is due to 

greater distance from the nucleus and increased 

shielding. 

Down the group, as the number of shells 

increase, the outer electrons are farther away 

from the nucleus. 

28
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Down any group in the periodic table the fi rst ionisation energy 
decreases.

Although the nuclear charge also increases down a group, this is largely 
balanced out by an increase in shielding down the group, as there are 
more electron energy levels (shells). It is the increase in size that governs 
the change in fi rst ionisation energy.

KVg^Vi^dc�^c�Ò�ghi�^dc^hVi^dc�ZcZg\n�VXgdhh�V�eZg^dY

The general trend is that fi rst ionisation energy increases from left 
to right across a period. This is because of an increase in nuclear 
charge across the period.

The nuclear charge increases from Na (11+) to Ar (18+) as protons are 
added to the nucleus. The electrons are all removed from the same main 
energy level (third shell) and electrons in the same energy level do not 
shield each other very well. Therefore the force on the outer electrons due 
to the nucleus increases from left to right across the period and the outer 
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The increase in fi rst ionisation 
energy (Figure 4.7) can also be 
explained in terms of the eff ective 
nuclear charge felt by the outer 
electron in argon being higher. The 
eff ective nuclear charge felt by the 
outer electron in a sodium atom 
would be 11 (nuclear charge) − 10 
(number of inner shell electrons), 
i.e. 1+ if shielding were perfect. 
The eff ective nuclear charge 
felt by the outer electrons in an 
argon atom would be 18 (nuclear 
charge) − 10 (number of inner shell 
electrons), i.e. 8+ if shielding were 
perfect.

There are two exceptions to the 
general increase in fi rst ionisation 
energy across a period, and these 
are discussed on pages 77 and 78. 
This is required only by Higher 
Level students.

Potassium has a lower first 

ionisation energy than 

lithium.
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IONISATION ENERGY DOWN A GROUP

Also, down the group each successive element contains more electrons 

in the shells between the nucleus and the outermost electrons which 

increases the shielding effect.  

This increased shielding causes the outermost electrons to be held less 

tightly to the nucleus. 

The increased shielding effect and increased atomic radius/size 

outweigh the increase in nuclear charge. Therefore ionisation energy 

decreases. 

29

IONISATION ENERGY ACROSS A PERIOD

General Trend: Ionisation energy increases across a Period 

Across a period, the number of protons and the number of electrons increase by 

one each.  

The additional proton increases the nuclear charge.  

The additional electron is added to the same outer shell in each of the elements. 

A higher nuclear charge more strongly attracts the outer electrons in the same 

shell, but the electron-shielding effect from inner-level electrons remains the same. 

Thus, more energy is required to remove an electron because the attractive force 

on them is higher.

30
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IONISATION ENERGY ACROSS A PERIOD

31
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Down any group in the periodic table the fi rst ionisation energy 
decreases.

Although the nuclear charge also increases down a group, this is largely 
balanced out by an increase in shielding down the group, as there are 
more electron energy levels (shells). It is the increase in size that governs 
the change in fi rst ionisation energy.

KVg^Vi^dc�^c�Ò�ghi�^dc^hVi^dc�ZcZg\n�VXgdhh�V�eZg^dY

The general trend is that fi rst ionisation energy increases from left 
to right across a period. This is because of an increase in nuclear 
charge across the period.

The nuclear charge increases from Na (11+) to Ar (18+) as protons are 
added to the nucleus. The electrons are all removed from the same main 
energy level (third shell) and electrons in the same energy level do not 
shield each other very well. Therefore the force on the outer electrons due 
to the nucleus increases from left to right across the period and the outer 
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The increase in fi rst ionisation 
energy (Figure 4.7) can also be 
explained in terms of the eff ective 
nuclear charge felt by the outer 
electron in argon being higher. The 
eff ective nuclear charge felt by the 
outer electron in a sodium atom 
would be 11 (nuclear charge) − 10 
(number of inner shell electrons), 
i.e. 1+ if shielding were perfect. 
The eff ective nuclear charge 
felt by the outer electrons in an 
argon atom would be 18 (nuclear 
charge) − 10 (number of inner shell 
electrons), i.e. 8+ if shielding were 
perfect.

There are two exceptions to the 
general increase in fi rst ionisation 
energy across a period, and these 
are discussed on pages 77 and 78. 
This is required only by Higher 
Level students.

SKILL CHECK 6

For each of the following pairs, state which element has the higher 
first ionisation energy and explain your answer:  

A Mg and Al 

B Mg and Ca  

C Ne and Na  
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1ST IONISATION ENERGIES OF PERIOD 3
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Along a Period as electrons are being added on to the same shell the 

magnitude of the ionisation energy increases due to the increase in the 

nuclear charge, a decrease in atomic size and no extra shielding.

There is a DROP in the value for Aluminum. 

This is because the extra electron has gone 

into one of the 3p orbitals. The increased 

shielding from the 3s makes the electron 

easier to remove. And the 3p is further away 

from the nucleus.
 3s      

Na      

 3s      Mg      

3s     3p
Al      

3s     3p

Si      

3s     3p
P      

There is a DROP in the value for 

Sulfur. The extra electron has paired 

up with one of the electrons already 

in one of the 3p orbitals. The 

repulsive force between the two 

paired-up electrons means that less 

energy is required to remove one of 

them.  

Also, Phosphorus, has a more stable 

half-filled 3p configuration.
 3s      

 3s      

3s     3p

3s     3p

3s     3p

3s     3p

3s     3p

Na      

Mg      

Al      

Si      

P      
Cl

Ar

3s     3pS      

1ST IONISATION ENERGIES OF PERIOD 3
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Atomic radii
Atomic radii measure the size of atoms in crystals and molecules. Chemists use
X-ray diffraction and other techniques to measure the distance between the
nuclei of atoms. The atomic radius of an atom cannot be defined precisely
because it depends on the type of bonding and on the number of bonds.

Atomic radii for metals are calculated from the distances between atoms in
metal crystals (metallic radii). The atomic radii for non-metals are calculated
from the lengths of covalent bonds in crystals or molecules (covalent radii).

Atomic radii decrease from left to right across a period. Across the period Na
to Ar, atomic radii fall from 0.191 nm for sodium to 0.099 nm for chlorine. From
one element to the next across a period the charge on the nucleus increases by
one as the number of electrons in the same outer shell increases by one.
Shielding by electrons in the same shell is limited, so the ‘effective nuclear
charge’ increases and the electrons are drawn more tightly to the nucleus.

Periodic properties

99

13 Use data on the CD-ROM to explore whether there is any pattern
in the boiling points of the chlorides of elements in Periods 2 and 3.

14 Why do you think the first ionisation energies of elements decrease
with atomic number in every group of the periodic table?

Figure 7.7 !
Periodicity in the first ionisation energies
of the elements.
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Figure 7.8 "
Atomic radii and the internuclear distance
in a molecule and a crystal.

atomic radius

atomic radius

non-metallic molecule

metal crystal

Data

Atomic radii decrease

Atomic radii increase

15 Arrange these elements in order of
atomic radius: Al, B, C, K and Na.

16 Which atom or ion in each of these
pairs has the larger radius?
a) Cl or Cl–

b) Al or N

Test yourself

Figure 7.9 "
Periodicity of atomic radii in the periodic table.

IONISATION ENERGIES OF ELEMENTS
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IONISATION ENERGIES OF ELEMENTS
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191

 10 Periodicity

Worked example
Suggest why:
a the ionisation energy of aluminium is less than that of magnesium
b the ionisation energy of sulfur is less than that of phosphorus.

Answer
a This is because the outer electron in aluminium is in the 3p orbital, and so further from 

the nucleus and less strongly held than the outer electron in magnesium, which is in the 
3s orbital.

b This is because the electron that is being removed from sulfur comes from a 
doubly-occupied orbital, in which it suffers inter-electron repulsion from the other electron 
occupying that orbital. 

The reactions of the elements with oxygen, 
chlorine and water
Apart from chlorine itself and argon, all the elements in the third period react directly 
and exothermically with oxygen and with chlorine, but they often need strong initial 
heating to overcome the energy barrier to reaction.

Now try this
1 The two elements silicon and 

germanium have higher melting points 
than their neighbours (see Figure 10.5).
a Suggest the bonding and structure in 

germanium.
b Would you expect germanium to be 

a conductor, a semiconductor or an 
insulator?

2 Suggest why the melting point of 
selenium (proton number 34) is higher 
than that of arsenic (proton number 33).

Ionisation energies
The fi rst ionisation energies generally increase from sodium to argon as the 
proton number increases. In two instances, this increase does not take place: 
between magnesium and aluminium, and between phosphorus and sulfur (see 
Figure 10.6). 
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Figure 10.6 Variation of fi rst ionisation 
energy with proton number
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SKILL CHECK 7

Use of the Data Booklet is relevant to this question.  

The elements radon (Rn), francium (Fr) and radium (Ra) have consecutive proton numbers 

in the Periodic Table.  

What is the order of their first ionisation energies?   

37

SKILL CHECK 8
The 1st ionisation energies of several elements 

with consecutive atomic numbers are shown in 

the graph below. The letters are not the symbols 

of the elements.  

a. Which of the elements A to I belong to Group I in 

the Periodic Table? Explain your answer.  

b. Which of the elements A to I could have the 

electronic configuration 1s2 2s2 2p6 3s2? 

c. Explain the rise in 1st ionisation energy between 

element E and element G.  

d. Estimate the 1st ionisation energy of element J. 

38

3 a What do you understand by the term atomic orbital? [1]
b Draw diagrams to show the shape of:

i an s orbital [1]
ii a p orbital. [1]

c Element X has the electronic confi guration 1s2 2s2 2p6 3s2 3p6 3d8 4s2.
i Which block in the Periodic Table does element X belong to? [1]
ii State the maximum number of electrons in a d sub-shell. [1]
iii Element X forms an ion of type X2+.
 Write the full electronic confi guration for this ion using 1s2 notation. [1]
iv Write the symbol for the sub-shell which begins to fi ll after the 3d and 4s are completely full. [1]

 Total = 7

4  Th e 1st ionisation energies of several elements with consecutive atomic numbers are shown in the graph 
below. Th e letters are not the symbols of the elements.
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a Which of the elements A to I belong to Group I in the Periodic Table? Explain your answer. [3]
b Which of the elements A to I could have the electronic confi guration 1s2 2s2 2p6 3s2? [1]
c Explain the rise in 1st ionisation energy between element E and element G. [4]
d Estimate the 1st ionisation energy of element J. [2]

46 3  Electrons in atoms
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SKILL CHECK 9

The first ionisation of elements sodium to argon is shown below. 

39

 2 Atomic structure and the periodic table (Topic 1)
36

Exam practice questions
 1 a) Define the term first ionisation 

energy. (2)
b) This part is about four sets of ionisation 

energies:
i) Which are the values of the successive 

ionisation energies for an element in 
group 4 of the periodic table?
A 496, 738, 578, 789, 1012, 1000
B 578, 1817, 2745, 11 578, 14 831, 18 378
C 1086, 2353, 4621, 6223, 37 832, 47 278
D 1314, 1000, 941, 869, 812 (1)

ii) Which are the values for the first 
ionisation energies of consecutive 
elements in the same period?
A 496, 738, 578, 789, 1012, 1000
B 578, 1817, 2745, 11 578, 14 831, 

18 378
C 1086, 2353, 4621, 6223, 37 832, 

47 278
D 1314, 1000, 941, 869, 812 (1)

iii) Which are the values for the first 
ionisation energies of elements in the 
same group, as the group is descended?
A 496, 738, 578, 789, 1012, 1000
B 578, 1817, 2745, 11 578, 14 831, 

18 378
C 1086, 2353, 4621, 6223, 37 832, 

47 278
D 1314, 1000, 941, 869, 812 (1)

c) i) Define the term electron affinity. (2)
ii) Which is the equation that relates to 

the first electron affinity of chlorine?

A 1
2
 Cl2(g) + e− → Cl−(g)

B Cl(g) + e− → Cl−(g)
C Cl(g) − e− → Cl−(g)
D Cl2(g) + 2e− → 2Cl−(g) (1)

(Total 8 marks)

 2 This question is about mass spectrometry.
a) A mass spectrometer can be used to find the 

percentage composition of the isotopes of 
an element. Explain how the following are 
achieved in a mass spectrometer:
i) ionisation (1)
ii) acceleration (1)
iii) deflection (1)

b) Analysis of a sample of iron in a mass 
spectrometer gave the following results:

 Calculate the relative atomic mass of iron to 
two decimal places. (2)

c) The mass spectrum of bromine has lines at 
m
z values of 158, 160 and 162, but none at 
159 or 161. What causes the line at 160?
A (80Br−80Br)+

B (80Br−80Br)−

C (79Br−81Br)−

D (79Br−81Br)+ (1)
d) State and outline one modern use of mass 

spectrometry. (3)
(Total 9 marks)

 3 The first ionisation of elements sodium to 
argon is shown below.
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Na Mg Al Si P S Cl Ar K

a) Explain why the general trend from sodium 
to argon is upwards but why the value for 
sulfur is less than that for phosphorus. (5)

b) Mark on the graph where the value for 
potassium would be. (1)

c) Explain why the value for the second 
ionisation of sodium is very much larger 
than that of its first ionisation. (2)

(Total 8 marks)

Isotope Relative isotopic mass %
54Fe 53.94  5.94
56Fe 55.93 91.78
57Fe 56.94  2.28

807404_C02_Edexcel_GF_Chem_009-036.indd   36 27/02/2015   19:58

A Explain why the general trend from sodium   

to argon is upwards but why the value for 

sulfur is less than that for phosphorus.  

B Mark on the graph where the value for 

potassium would be. 

C Explain why the value for the second ionisation of sodium is very much larger than that of its 

first ionisation.  

SKILL CHECK 10

 Which experience a greater effective nuclear charge: the valence 

electrons in beryllium or the valence electrons in nitrogen? Why?  

40
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