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Chapter 2

Trends in the Periodic Table
What you should know



ial

H Covalent radius is a measure of the size of an atom.
H Trends in covalent radius can be explained in terms of the number of occupied shells and the

nuclear charge.

H The first ionisation energy is the energy required to remove one mole of electrons from one mole

H
H
H

ma
ter

H

of gaseous atoms.
The second and subsequent ionisation energies refer to the energies required to remove further
moles of electrons.
Trends in ionisation energies can be explained in terms of the atomic size, nuclear charge and the
screening effect due to inner shell electrons.
Electronegativity is a measure of the attraction an atom involved in a bond has for the electrons
of the bond.
The trends in electronegativity can be explained in terms of covalent radius, nuclear charge and
the screening effect due to inner shell electrons.

Covalent radius

aft

The covalent radius is a measure of the size of an atom. It is half the
distance between the nuclei of two covalently bonded atoms of an
element, as shown in Figure 2.1.

Figure 2.1 Half the distance between two nuclei is the covalent radius.

dr

There are two general trends that are considered in Higher Chemistry:

Remember

1 Going across a period, covalent radius decreases.
2 Going down a group, covalent radius increases.

9
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Section 1 Chemical Changes and Structure

Covalent radius data can be obtained from the SQA data booklet, page 7.
Covalent radii decrease

ial

Covalent radii increase

Figure 2.2 Trends in covalent radius

ma
ter

The two factors that help explain these trends are the nuclear charge of
the atom and the number of filled electron shells.

Going across a period:
the effect of nuclear charge

Going across a period, the nuclear charge increases but the number of
filled electron shells remains the same. This is shown in Table 2.1.
Table 2.1 The covalent radius decreases going across a period. Note that the unit of
measurement here is picometres (pm), which is 1 × 10-12 m.
Element

Li

Be

Atomic
number

3

4

Nuclear
charge

3+

4+

Electron
2,1
arrangement

2,2

Covalent
radius/pm

129

C

N

O

F

5

6

7

8

9

5+

6+

7+

8+

9+

2,3

2,4

2,5

2,6

2,7

90

77

75

73

71

aft

134

B

Going down a group: the shielding effect
Going down a group, the number of filled electron shells increases. This is
shown in Table 2.2.
Table 2.2 The covalent radius increases going down a group.
Li

Na

K

Rb

Cs

Atomic number

3

11

19

37

55

Nuclear charge

3+

11+

19+

37+

55+

Electron
arrangement

2,1

2,8,1

2,8,8,1

2,8,18,8,1

2,8,18,18,8,1

Covalent radius/pm

134

154

196

216

235

dr

Element

Remember

An increase in the
nuclear charge
results in electrons
being more strongly
attracted to the
nucleus which means
that the covalent
radius decreases.

Remember
As you go down
a group, an extra
shell of electrons is
added. This explains
why the covalent
radius increases as
you go down a group.

10
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Trends in the Periodic Table

ial

As you go down a group, the nuclear charge increases too. You would expect
this to pull electrons in closer to the nucleus. However, the effect of increasing
nuclear charge is outweighed by the much greater effect of adding extra shells
of electrons. Each extra layer of electrons ‘shields’ the outer electrons from the
positive nucleus so that the outer electrons are less strongly attracted to the
nucleus. This shielding effect is also known as screening.

f
Explain the trend in atomic size as you go across a period in the

Example

Periodic Table.

ma
ter

Solution

The atomic size, as measured by the covalent radius, decreases as you
go across a period. This is due to the nuclear charge increasing causing
electrons to be pulled closer to the nucleus.

Example

f

Explain why the covalent radius of a potassium atom is larger than
the ionic radius of a potassium ion.

Solution

aft

The electron arrangement for a K atom is 2,8,8,1.
The electron arrangement for a K ion is 2,8,8.
This shows that the K atom is larger as it has four electron shells,
whereas the K ion has only three electron shells.

Electronegativity

dr

Electronegativity is a measure of attraction for electrons in a bond. The
higher the electronegativity value of an element, the stronger its attraction
for electrons. For example, in a molecule of hydrogen chloride, the Cl
attracts the shared electrons much more strongly than the H. Cl has an
electronegativity value of 3.0 whereas H has a value of 2.2.
The trends in electronegativity are:

Hints & tips



You may be asked to
compare trends for ions
instead of atoms. To
answer such questions,
remember that negative
ions have gained electrons,
whereas a positive ion has
lost electrons. Use this fact
to help you write the
electron arrangement for
the ion. Look at the
following worked example
for guidance.

δ+

δ–

H

CI

Figure 2.3 The Cl atom attracts
the bonded electrons more
strongly than the H atom in a
molecule of hydrogen chloride.

Remember

1 Going down a group, electronegativity decreases.
2 Going across a period, electronegativity increases.

11
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Section 1 Chemical Changes and Structure

Electronegativity data can be obtained from the SQA data booklet,
page 11.

Electronegativity
increases

ial

Electronegativity
decreases

Figure 2.4 Trends in electronegativity

ma
ter

As with covalent radius, the two factors that influence electronegativity
are the nuclear charge of an atom and the number of filled electron shells.
H
2.2
Li
1.0

Be
1.5

B
2.0

Na
0.9

Mg
1.2

Al
1.5

K
0.8

Ca
1.0

Ga
1.8

Rb
0.8

Sr
1.0

In
1.7

Cs
0.8

Ba
0.9

C
2.5

N
3.0

O
3.5

F
4.0

Si
1.9

P
2.2

S
2.5

Cl
3.0

Ge
2.0

As
2.2

Se
2.4

Br
2.8

Sn
1.8

Sb
2.1

Te
2.1

I
2.6

decrease down group

Table 2.3 Electronegativity increases across a period and decreases down a group.

aft

increase across period

Going across a period, the nuclear charge increases. This increase in
nuclear charge causes the atom to attract bonded electrons more
strongly. Consequently, electronegativity increases across a period.

dr

Going down a group, the number of filled electron shells increases.
This means that the outer electrons are further from the nucleus and
are less strongly attracted to the nucleus. In addition, the extra shells
of electrons screen the outer electrons from the nuclear charge which
means that they are less strongly attracted to the nucleus. Consequently,
electronegativity decreases going down a group.

12
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Trends in the Periodic Table

f
Explain the trend in electronegativity as you descend the halogens,

Example
group 7.

Solution

ma
ter

ial

As you go down group 7, the electronegativity decreases.
As you go down the group, an extra layer of electrons is added.
For example, F is 2,7; Cl is 2,8,7; Br is 2,8,18,7, etc. This results in the
outer electrons (the electrons that will form covalent bonds) being
increasingly distant from the nucleus. In addition, the extra layers of
filled electron shells will shield the outer electrons from the nuclear
charge. Overall, this results in the outer electrons being less strongly
attracted to the nucleus. Hence, electronegativity, which is a measure
of attraction for bonded electrons, decreases as you go down group 7.

Ionisation energy

The ionisation energy is defined as ‘the energy required to remove one
mole of electrons from one mole of gaseous atoms’.
Na(g) → Na+(g) + e-    ∆H = 496 kJ mol-1

For sodium, 496 kJ of energy is required to remove the first electron from
one mole of sodium atoms in the gaseous state. This is known as the first
ionisation energy of sodium since it is a measure of the energy required to
remove the first, or outermost, electron from sodium.
The second ionisation energy is the energy required to remove a second
electron from sodium after the first electron has been removed.

aft

Na+(g) → Na2+(g) + e-    ∆H = 4562 kJ mol-1

The trends in first ionisation energy are:

Remember

dr

1 Going down a group, the ionisation energy decreases.
2 Going across a period, the ionisation energy increases.

Ionisation energy data can be obtained from the SQA data booklet, page 7.
As with covalent radius and electronegativity, the factors that must be
considered to help us explain the trends in ionisation energy are the
nuclear charge of the atom and the number of filled electron shells.
Going across a period, the nuclear charge is increasing. The outermost
electrons are therefore more strongly held and so the energy required to
remove them, the ionisation energy, increases along each period.
13
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Section 1 Chemical Changes and Structure

Example

f

Explain why potassium has a lower first ionisation energy than
lithium.

K: nuclear charge 19+; electron arrangement 2,8,8,1
Li: nuclear charge 3+; electron arrangement 2,1
Potassium has two extra filled layers of electrons compared to lithium.
Consequently, the outer electron in K is further from the nucleus than
the outer electron in Li. In addition, the extra layers of electrons in K
screen the outer electron from the nucleus. Therefore, the outer electron
in K is not as strongly attracted (it is weakly held) as the outer electron
in Li. Overall, it will take less energy to remove the outer electron from K
than will be required to remove the outer electron from Li.

f

Explain why the second ionisation energy of sodium is much
higher than the first ionisation energy of sodium.

aft

Solution

Na: electron arrangement 2,8,1
Removing the second electron from sodium involves breaking into
the second shell of electrons which is much closer to the nucleus.
Consequently, more energy is required as the electron in the second
shell is more strongly attracted to the nucleus.

dr

Key points !



If you are asked to compare
the covalent radius,
electronegativity or
ionisation energy, explain
your answer in terms of
the nuclear charge or
screening effect. It is
always a good idea to
write down the electron
arrangement and nuclear
charge of the elements you
are comparing. This is
illustrated in the examples
below.

ma
ter

Solution

Example

Hints & tips

ial

Going down a group, an electron is being removed from the layer of
electrons which is furthest from the nucleus. This layer is increasingly
distant from the nuclear attraction and hence, although the nuclear
charge is also increasing, less energy is required to remove an electron. An
additional factor is the screening effect of electrons in inner shells. These
inner electrons reduce the attraction of the nucleus for outermost
electrons, hence reducing the ionisation energy.

✽✽ Trends for covalent radius, ionisation energy and electronegativity can be
explained by comparing the nuclear charge or number of electron shells.
✽✽ Going down a group, the number of electron shells increases. This
causes the size of the atom to increase. Since the outer electrons are
now further from the nucleus, they are less strongly attracted to the
nucleus. In addition, the extra layers of electrons added shield outer
electrons from the nuclear charge. Both effects result in ionisation
energy and electronegativity to decrease as you go down a group.

Hints & tips



The data booklet, page 11,
shows equations for the
first ionisation energy as
E(g) → E+(g) + e– and
for the second ionisation
energy as
E+(g) → E 2+(g) + e–.
Use these equations if you
are asked to write an
equation for ionisation
energy by replacing E with
the symbol for the element
being asked for.
For example, an equation
for the first ionisation
energy of magnesium
would be:
Mg(g) → Mg+(g) + e–
An equation for the second
ionisation energy of
magnesium would be:
Mg+(g) → Mg 2+(g) + e–

14
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Trends in the Periodic Table

Study Questions

?

ial

✽✽ Going across a period, the nuclear charge increases. This increases
attraction for electrons resulting in ionisation energy and electronegativity
increasing. Pulling electrons closer to the nucleus also results in atoms
becoming smaller.

ma
ter

1 Which of the following elements will form a non-polar covalent bond
when bonded to hydrogen?
A phosphorus
B fluorine
C sodium
D oxygen
2 A lithium atom is smaller than a sodium atom because lithium has
A a lower nuclear charge
B fewer layers of electrons
C a higher electronegativity
D a higher first ionisation energy.
3 Which of the following shows the correct equation for the second
ionisation energy of potassium?
A K(g) → K2+(g) + 2eB K+(g) → K2+(g) + 2eC K+(g) → K2+(g) + eD K2+(g) → K3+(g) + e-

aft

4 Which statement correctly describes the reason for iodine having a larger
covalent radius than fluorine?
A Iodine has a higher nuclear charge.
B Iodine has more layers of electrons.
C Iodine has a higher first ionisation energy.
D Iodine is more reactive than fluorine.

dr

5 a) Why does the ionisation energy increase across a period?
b) Write an equation corresponding to the first ionisation energy of
sodium.
c) In which group would you find the elements with the highest
electronegativity values?
6 a)	Aluminium and phosphorus are close to one another in the Periodic
Table but the P3- ion is much larger than the Al3+ ion. Give the reason
for this difference.
b) The P3- ion and the Ca2+ ion have the same electron arrangement
but the Ca2+ ion is smaller than the P3- ion. Give the reason for this
difference.

15
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