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When the last electron goes into 3d subshell, that series is known as the first transition series or 
3d series in the periodic table. In this series, as we move from left to right, there is an increase in 
electrons by one unit at a time. As we know, the shielding of the d-orbital is poor. Due to this, there 
is less shielding effect and the effective nuclear charge increases continuously as we move from 
left to right in a period (Z

eff
 > Shielding effect). This is the reason that the atomic radii decrease 

as we move from Sc to Ni, but slightly increase towards the end of the 3d series.  This is due to 
electron-electron repulsions among d-electrons. These repulsions become predominant at the 
end of 3d series as more and more electrons get paired and thus the size increases.

The reason behind this order is the effective nuclear charge and electronic repulsion. 

Table 1: Atomic radii data of 3d series

Atomic radii trend

•  As we move from Sc to Cr, there are less electrons present in the d-subshell. This is the reason 
that these elements have less electronic repulsion and there is a continuous increase in the 
number of protons. Due to this, the effective nuclear charge increases and hence, in these 
elements, the effective nuclear charge dominates upon the electronic repulsion, which in turn 
continuously decreases the radii.

Atomic Radii Trend in d-Block

First transition series
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What you will learn

• Atomic radii trend in d-block

• Ionic radii

• Isoelectronic species

• Ionic radii of isoelectronic species

• Ionisation energy

• Factor affecting ionisation energy

What you already know

• Penetration power

• Shielding effect

• Effective nuclear charge

• Atomic radius

• Factors affecting atomic radii

• Variation of atomic radii in groups and periods

• Irregularities in the variation of atomic radii

Element Sc Ti V Cr Mn Fe Co Ni Cu Zn

Atomic radii
(pm)

144 132 122 117 117 117 116 115 117 125
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Second and third transition series (4d and 5d series)

Atomic radii change in groups

•  As we move from Cr to Ni, there is an increase in the number of electrons in d-subshell and 
the effective nuclear charge. So here, both the increase in the effective nuclear charge and the 
electronic repulsion are approximately equal and thus these factors neutralise each other. 
Hence, we get the similar atomic radii in this range.

•  As we move from Ni to Zn, electrons in all orbitals in 3d subshell get paired and this is the 
reason that the electronic repulsion is increased as compared to the effective nuclear charge. 
Hence, the electronic repulsion dominates, which in turn increases the atomic radii.

In these two series, as we move from left to right, the trend in the atomic radii is similar to the 
3d (first transition) series. First there is a decrease in atomic radii due to the domination of the 
effective nuclear charge and then atomic radii remain constant due to neutralisation of both the 
factors, effective nuclear charge and electronic repulsion. Thereafter, there is an increase in the 
atomic radii due to the domination of electronic repulsion.

We know that in the 5d (third transition) series, there are f-orbitals except in lanthanum. So, after 
lanthanum (La), the electrons enter into 4f orbitals and they have poor shielding effect. Because of 
weak shielding, the effective nuclear charge increases and radii continuously decrease in f-block. 
When the f-subshell is completely filled, the electrons enter into the d subshell in hafnium (Hf). The 
effective nuclear charge at this stage is so much that the radii of Hf (5d series) is comparable to 
that of Zr (4d series). 

As we move down the group, there is an increase in principal quantum number which leads to an 
increase in the atomic radii. As we move from 3d series to 4d series, the atomic radii increase but 
as we move from 4d to 5d series, the radii of corresponding elements are approximately equal. 
This is because of lanthanide contraction.

The f-orbitals  are present in 5d series elements except for lanthanum and after lanthanum (La), 
the electrons enter into f-orbitals and have poor shielding effect. Because of weak shielding, the 
effective nuclear charge increases and atomic radii decrease. Although the atomic radii should 
increase significantly due to the increase in principal quantum number or the number of shells, 
lanthanide contraction predominates this effect. However, radii increases when we move down 
the group but it is negligibly small to the extent that we can say that the atomic radii of 4d and 5d 
series elements are approximately equal.
The order of atomic radii is given as follows:

3d < 4d ≅ 5d

Note

This order is not valid for the third group in the periodic table because lanthanum (La) does not 
have 4f electrons. Hence, lanthanoid contraction does not take place.
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Fig. 1: Atomic radii trend of d-block elements

Fig. 2: Covalent radii of d block elements
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Covalent radii of transition metal

It is very difficult to measure the covalent radius of the transition metals, but the general observation 
is that the covalent radius decreases as we move from left to right in the d block due to an increase 
in the effective nuclear charge.
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Which is/are the correct order(s) of atomic radii?

(a) Li < B < Be (b) Be < B < Li (c) Li > Be > B (d) N > O > F

Finding the correct order of the atomic radii
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A trend similar to 3d is followed for 4d and 5d elements
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Solution

Step 1: Variation in effective nuclear charge (Z
eff

 ) across the period

As we move from left to right in the same period, the effective nuclear charge increases. 

Step 2: Order of effective nuclear charge (Z
eff

) for second period elements

All the given elements belong to the second period. Now, radius is inversely related to effective 
nuclear charge. So, the order of the second period is given as follows:
Li > Be > B > C > N > O > F > Ne
By seeing the above order, the correct options are (c) and (d).
(c) Li > Be > B
(d) N > O > F

Hence, the correct options are (c) and (d)

Solution

Step 1: Order of atomic radii in d-block

Here, all the elements belong to the d-block. In d-block, as we move from left to right, the effective 
nuclear charge continuously increases but there is abnormal behaviour due to increased electronic 
repulsion due to paired d orbitals. As we move from Sc to Cr, the radii continuously decrease. The 
radii is approximately equal while moving from Cr to Ni and thereafter, there is an increase.

Step 2: Finding the correct order of atomic radii

(a) This option is incorrect because from Mn to Co, the atomic radii is approximately the same.
(b) This option is correct because from Mn to Co, the radii is approximately the same.
(c) This option is correct because as we move Sc to Cr, the radii decreases.
(d)  This option is incorrect because as we move from Ni to Zn, the radii increase but this is just 

opposite.

Hence, the correct options are (b) and (c).

Which is/are the correct order(s) of atomic radii?

(a) Mn > Fe > Co (b) Mn ≈ Fe ≈ Co (c) Sc > Ti > V (d) Zn < Cu < Ni

Finding the correct order of the atomic radii

Which of the following pairs have approximately the same atomic radii?

(a) Zr and Hf (b) Al and Mg (c) Al and Ga (d) Na and Ne

Finding the correct order of the atomic radii
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Solution

Step 1: Atomic radii relation between Zr and Hf

(a)  This option is correct because of lanthanoid contraction. In the third transition series (5d series), 
after La, the electrons enter into the f-orbitals and they have poor shielding effect. So, because 
of this poor shielding effect, the effective nuclear charge increases. Due to this, as we reach 
Hf, there is considerable reduction in size. The radii of Hf hence becomes comparable to that 
of Zr. Because of this lanthanide contraction, 4d series and 5d series elements have similar 
atomic radii. Hence, Zr (4d series) and Hf (5d series) have similar sizes.

Step 2: Atomic radii relation between Al and Mg

(b)  This option is incorrect because as we move from left to right across the period, the effective 
nuclear charge increases and atomic radii decreases. This is the reason that Al has a smaller 
size than Mg.

Step 3: Atomic radii relation between Al and Ga

(c)  This option is correct as due to poor shielding of d orbitals in Ga, the radii of Al and Ga are 
approximately equal. Ga comes after 3d series and we know that d orbital has less shielding 
effect than p-orbital. So, due to less shielding effect, it has a high effective nuclear charge. 
This increased nuclear attraction reduces the size of Ga and it ends up having comparable 
radii as Al.

Step 4: Atomic radii relation between Na and Ne

(d)  This option is incorrect. Ne (1s2 2s2 2p6 ) is a second period element and Na (1s2 2s2 2p6 3s1 ) 
is a third period element. As we move down the group, atomic radii always increase as the 
number of electronic shells increases which eventually increases the size.

Hence, the correct options are (a) and (c).

Atomic Radii of f-Block Elements

As we move from left to right in the f-block, the atomic radii decrease. This is because, in the 
f-block, the electron enters into the f-subshell and the f-orbital has a very poor shielding effect. 
Due to the poor shielding effect, there is an increment in the effective nuclear charge and hence, 
there is a decrease in the atomic radii.
Europium (Eu) has the largest metallic radius (208.4 pm) in the lanthanide series. Eu has electronic 
configuration as [Xe] 4f7 6s2, there are only 2 electrons in 6s orbital available for the formation of 
metallic bond in the crystal lattice. So, the crystal lattice is less compact and the atomic separation 
is more. Therefore , its radius is larger as compared to the other elements in the series. Similarly, 
Ytterbium (Yb) also has larger radius (193.3 pm), as again only 2 electrons are available ([Xe] 4f14 
6s2), but here it’s crystal lattice is compact as compared to Eu, due to presence of fully filled f-orbital, 
hence metallic radius is smaller than Eu, but larger than the other series elements.

MAIN ADVANCED
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Ionic Radii

Ionic radii is defined as the average distance 
between the nucleus and the outermost shell of 
an ion or it is the distance between the nucleus 
and the point till where the nucleus exerts its 
influence on the electron cloud. 
Ion is formed when an atom loses or gains 
electron(s). When an atom loses an electron, it 
forms a cation and when it gains an electron, it 
becomes an anion. 

Fig. 3: Ionic radii of cation and anion

A (Cation) B (Anion)
d

(Internuclear distance)

r
c

r
a

Cation

Cation is always smaller than its parent atom.

It always has less electrons than its parent atom.

The ratio of the electrons and protons is always less 
than 1.

When an atom loses an electron, it forms a cation.

Due to less electrons, it has less shielding. So, 
cations have high Z

eff
.

Anion 

Anion is always larger than its parent atom.

It always has more electrons than its parent atom.

The ratio of the electrons and protons is always 
greater than 1.

When an atom gains an electron, it forms an anion.

Due to more electrons, it has high shielding. So, 
anions have less Z

eff
.
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Those atoms or ions that have the same number of total electrons are known as isoelectronic 
species.
Example: Ne, Na+, Mg2+, F-, Al3+, O2- are isoelectronic species as shown in the given table 2.

Isoelectronic Species

Some examples of ionic radii of cations and anions are as follows:

Explanation: In the fig. 4, the parent atom has a 
higher atomic radii than its cation. This is because 
when an electron is lost by the parent atom, a 
cation is formed and due to less electrons, there 
is less shielding effect, because of which there is 
high effective nuclear charge. Hence, there is a 
decrease in the radii. Also, higher is the positive 
charge of cation, lesser is its size.
In case of anion, the parent atom has less radii 
than the anion. This is because, when the parent 
atom gains an electron, an anion is formed and 
due to extra electrons, it has a high shielding 
effect as compared to the parent atom. Because 
of this, it has less effective nuclear charge, leading 
the anion to have higher radii as compared to the 
parent atom. Also, more is the negative charge of 
the ion, more is the size of anion.

Fig. 4: Ionic radii of cations and anions 
with respect to their parent atom
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Atom Atom AnionCation

Atom/Ion
Atomic 
number

Electronic 
configuration of atom

Electronic 
configuration of ion

Total 
number of 
electrons

Ne 10 1s2, 2s2, 2p6 1s2, 2s2, 2p6 10

Na+ 11 1s2, 2s2, 2p6, 3s1 1s2, 2s2, 2p6 10

Mg2+ 12 1s2, 2s2, 2p6, 3s2 1s2, 2s2, 2p6 10

Al3+ 13 1s2, 2s2, 2p6, 3s2, 3p1 1s2, 2s2, 2p6 10

F- 9 1s2, 2s2, 2p5 1s2, 2s2, 2p6 10

O2- 8 1s2, 2s2, 2p4 1s2, 2s2, 2p6 10

N3- 7 1s2, 2s2, 2p3 1s2, 2s2, 2p6 10

Table 2: Isoelectronic species and their electronic configurations



08

© 2020, BYJU'S. All rights reserved

The species Ar, K+ and Ca2+ contain the same number of electrons. In which order do their radii 
increase?

(a) K+ < Ar < Ca2+ (b) Ar < K+ < Ca2+ (c) Ca2+ < Ar < K+ (d) Ca2+ < K+ < Ar

Finding the correct order of the ionic radii

For the same atom, the size of anion is always greater and the size of the cation, which is 
always smaller than the the parent atom. The order is as follows:

• For isotopes, the radius is approximately same because there is no difference in no. of 
protons.

• Radius of Li+ is slightly greater than that of Mg2+.
• Smallest anion is F- and not H-.
• Size of H- is greater than Br- and less than I-. So, the order is given as follows:

F- < Cl- < Br- < H- < I-

• The electron and proton ratio for the H- is 2.

Size of anion > >Size of atom Size of cation

The ionic radii of the isoelectronic species depend upon the effective nuclear charge. The ionic 
radii of isoelectronic species are inversely proportional to the effective nuclear charge. As the 
effective nuclear charge (Z

eff
) increases, the ionic radii decreases.

Ionic radii of isoelectronic species ∝  1

Effective nuclear charge
Example: N3-, Na+, Mg2+, F-, Al3+, O2-.

From the Table 2, we can say that all ions are isoelectronic species. The ionic radii trend for 
isoelectronic species depends upon the effective nuclear charge order of these ions.

To find the order of effective nuclear charge, we have to look upon the number of protons 
present in the nucleus of all ions. 

Al3+ ion has 13 protons in the nucleus and 10 electrons, Mg2+ ion has 12 protons in the nucleus and 
10 electrons, Na+ ion has 11 protons in the nucleus and 10 electrons, F- ion has 9 protons in the 
nucleus and 10 electrons, O2- ion has 8 protons in the nucleus and 10 electrons, and N3- ion has 7 
protons in the nucleus and 10 electrons. As the number of protons increases in the nucleus, the 
effective nuclear charge increases. Hence, the order of effective nuclear charge is as follows:

Al3+ > Mg2+ > Na+ > F- > O2- > N3-

The ionic radii are inversely proportional to the effective nuclear charge. Hence, the order of ionic 
radii is as follows:

Al3+ < Mg2+ < Na+ < F- < O2- < N3-

Ionic Radii of Isoelectronic Species
MAIN ADVANCED
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Solution

Step 1: Relation between ionic radii and Z
eff

 for isoelectronic species

Step 2: Finding the order of Z
eff

Hence, the correct option is (d).

All the three species are isoelectronic and the ionic radii are inversely proportional to the effective 
nuclear charge. Hence, as the effective nuclear charge increases, the value of the ionic radii 
decreases.

The effective nuclear charge can be directly compared using the number of protons in the nucleus 
because all the species have the same number of electrons. Calcium (Ca) has 20, Potassium (K) 
has 19 and Argon (Ar) has 18 protons, and the element having the highest number of protons has 
the highest effective nuclear charge. Because of the highest number of protons, Ca has the highest 
effective nuclear charge, and the order of their radii is as follows:

Ca2+ < K+ < Ar

Arrange the following ions in the order of their increasing size: Li+, Mg2+, K+, Al3+

(a) Mg2+ < Al3+ < Li+ < K+ (b) Al3+ < Mg2+ < Li+ < K+

(c) Li+ < Mg2+ < Al3+ < K+ (d) Al3+ < K+ < Li+ < Mg2+

Finding the correct order of the ionic radii

Solution

Step 1: Relation between ionic radii of Mg2+ ion and Li+ ion

Step 2: Relation between ionic radii and Z
eff

 for isoelectronic species

Step 3: Finding the order of ionic radii

Hence, the correct option is (b).

The radii of the Li+ ion is slightly greater than the Mg2+ ion. Mg2+ and Al3+ are isoelectronic ions 
because in Mg (total number of electrons are 12), removal of two electrons takes place to form Mg2+. 
So, it has ten electrons and in Al (total number of electrons are 13), removal of three electrons takes 
place to form Al3+. So, it also has ten electrons.

For isoelectronic species, the ionic radii are inversely proportional to the effective nuclear charge. 
So, Al3+ ion has a higher effective nuclear charge than Mg2+ ion because Al3+ ion has higher number 
of protons than Mg2+ ion. Hence, Al3+ ion has lower ionic radii than Mg2+ ion. 
K+ ion belongs to the fourth period in the periodic table and all other ions belong to the second or 
the third period. As the principal quantum number increases, the ionic radii also increases. Hence, 
K+ ion has the highest ionic radii.

The order of the ionic radii is as follows:
Al3+ < Mg2+ < Li+ < K+
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Ionisation Energy

Ionisation energy is defined as the minimum amount of energy required to remove the most 
loosely bound electron from an isolated gaseous atom in its ground state.
Units of the ionisation energy are kJ/mol, kcal/mol or eV/atom.
Example: 

M (g) → M+ (g) + e-

Alternatively, we can also state that ionisation energy is the measure of strength (attractive 
forces) by which an electron is held in a place.

•  If the value of ionisation energy is less for any element, that means it has a tendency to 
easily lose the electron or the neutral atom can change easily into a positive ion.

•  Ionisation energy is an endothermic process or it is always positive because the atom in its 
ground state has electrons in their least energy, stable state where they are most attracted 
by the nucleus. If there is the need to eject electrons from this stable configuration, external 
energy needs to be given. This is the reason it is always an endothermic process.

Solution

Step 1: Relation between the radii of Al and Ga

Step 2: Relation between ionic radii and effective nuclear charge (Z
eff

) for isoelectronic species

(a)  This option is incorrect because due to the poor shielding effect of d-orbital, the radii of Al 
and Ga are approximately equal. Ga comes after 3d series and we know that d-orbital has 
less shielding effect than p-orbital. So, due to less shielding effect, it has a high effective 
nuclear charge. While moving down the group to Ga, because of the high value of effective 
nuclear charge, it has approximately equal radii as Al.

(b)  This option is correct because all the four ions are isoelectronic species and in isoelectronic 
species, as the effective nuclear charge increases, the ionic radii decreases. Ba2+ has the 
highest effective nuclear charge and the lowest ionic radii, and Te2- has the lowest effective 
nuclear charge and the highest ionic radii.

Which of the following orders is(are) correct for size?

(a) Al > Ga (b) Te2- > I- > Cs+ > Ba2+ (c) Cr3+ < Cr6+ (d) Pd ≈ Pt

Finding the correct order of the ionic radii

Step 4: Relation of atomic radii and lanthanide contraction

(d)  This option is correct because of lanthanide contraction. Due to the poor shielding effect of 
f-orbital, Pd and Pt have approximately equal size.

Hence, the correct options are (b) and (d).

Step 3: Relation between the ionic radii and charge

(c)  This option is incorrect because as the effective nuclear charge increases, ionic radii 
decreases. Cr6+ has a higher effective nuclear charge than Cr3+ due to a higher charge. Hence, 
Cr3+ should have more ionic radii than Cr6+.

MAIN ADVANCED BOARDS
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Factors Affecting Ionisation Energy

Factors affecting ionisation energy

Size of atom
Effective nuclear 

charge
Screening 

effect
Penetration 

effect

Electronic 
configuration

Size of the atom: Ionisation energy is inversely proportional to the size.

Distance of the electrons from the nucleus depends on the atomic size. The attraction force 
between the nucleus and the electrons weakens as the size of the atom increases, resulting in less 
efforts required to remove an electron from the atom. Therefore, we may conclude that bigger the 
atomic size, less will be the ionisation energy. 

It is the energy required to remove the most loosely bound electron or the outermost 
electron from an isolated gaseous atom to form an isolated gaseous unipositive ion. 

M (g) → M+ (g) + e- , I.E.
1

It is the energy required to remove the most loosely bound electron from an isolated 
monopositive gaseous ion in its ground state to form an isolated gaseous dipositive ion.

M+ (g) → M2+ (g) + e- , I.E.
2

It is the energy required to remove the most loosely bound electron from an isolated 
dipositive gaseous ion in its ground state to form an isolated gaseous tripositive ion.

M2+ (g) → M3+ (g) + e- , I.E.
3

It is very difficult to remove the electrons from a cation as compared to a neutral atom. This 
is because when electrons are removed from the atom, it gains a positive charge or it has 
less electrons as compared to the neutral atom. Due to this, there is less shielding effect of 
the electrons and there is an increase in the effective nuclear charge. Higher the nuclear 
charge, more will be the difficulty to remove the electron. This is the reason that successive 
ionisation energy increases.

 I.E.
1
 < I.E.

2
 < I.E.

3

• First ionisation energy

• Second ionisation energy

• Third ionisation energy

Effective nuclear charge: Ionisation energy is directly proportional to the effective nuclear charge

Effective nuclear charge is an indicator of attraction force of the nucleus on any given electron. 
Higher the effective nuclear charge, more strongly the electron will be bound to the nucleus, 
leading to higher ionisation energy required to remove the electron. 

Screening effect: Ionisation energy is inversely proportional to the screening effect.

Screening effect is also known as shielding effect. Effective nuclear charge depends upon the 
degree of shielding that an electron feels due to the presence of other electrons in the atom. More 
shielding effect means less effective nuclear charge or we can say that the electron will be

MAIN ADVANCED BOARDS
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Electronic configuration: Ionisation energy also depends upon the electronic configuration.

It is more difficult to remove an electron from the fully filled and half-filled subshells than from the 
partially filled subshells. This is due to the extra stability of exactly half-filled and fully filled orbitals.
The order of ionisation energy for the orbitals is as follows:

Fully filled orbital > Half-filled orbital > Partially filled orbital

Penetration effect: Penetration is a representation of the proximity of electrons in an orbital to the 
nucleus. 

• For the orbital from which the electron is removed: When an electron is removed from 
the orbital having a higher penetrating power (i.e., an electron closer to the nucleus), the 
ionisation energy increases. 

• For the other orbitals: When the inner electrons have high penetrating power, they will 
have higher shielding effect. Thus, the effective nuclear charge for the outermost electron 
decreases and as a result, the ionisation energy decreases.

loosely bound to the nucleus of the atom. Needless to say, less ionisation energy will be required 
to remove a highly shielded electron.

Table 3: Successive ionisation energy of elements

Element
Electronic 

configuration
I.E.

1

(kJ/mol)
I.E.

2

(kJ/mol)
I.E.

3

(kJ/mol)

Li 1s2 2s1 520 7298 11815

Be 1s2 2s2 899 1757 14849

B 1s2 2s2 2p1 801 2427 3660

C 1s2 2s2 2p2 1086 2353 4620

N 1s2 2s2 2p3 1402 2856 4578

O 1s2 2s2 2p4 1314 3388 5300

F 1s2 2s2 2p5 1681 3374 6050

Ne 1s2 2s2 2p6 2080 3952 6122

Explanation of the Table 3 is as follows:

Li

In Li, the first electron is removed from the 2s subshell. However, after 
removing the first electron, Li obtained the noble gas configuration and if 
we try to remove the second electron, then we have to break the noble gas 
configuration. For this, we have to give a lot of energy that makes the second 
ionisation energy of Li extremely high. Now, the next electron is removed 
from the 1s orbital and we know that the successive ionisation energy always 
increases. Thus, it has a higher value than the second ionisation energy.
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Note

The colour change shows the removal of electrons from the fully filled, half-filled subshell or noble 
gas configuration, and the high values tells us that electron removal is from a stable configuration.

Be

In Be, we have to remove an electron from 2s subshell which is fully filled. 
This will take higher energy as compared to that required in Li. Now, the next 
electron is also removed from the 2s subshell and it has obtained the noble 
gas configuration. So, using the third ionisation energy, we have to break the 
noble gas configuration and we need much higher amount of energy for this. 
Due to this, the third ionisation energy of Be is too high.

B

In B, we have to remove the first electron from the p-subshell and we know 
that s-subshell has more penetration than the p-subshell. Due to this, we can 
easily remove the electron from the p subshell as compared to the s-subshell 
electron in Be. This is the reason that it has a lower value of the first ionisation 
energy as compared to Be. The second electron will be removed from the 
filled 2s orbital. So, we have to give a higher energy as compared to the 
normal and the third electron is also removed from 2s orbital.

C

In C, we have to remove the first electron from the p-subshell and when 
compared to B it has a higher effective nuclear charge. Thus, it has a higher 
first ionisation energy than B. Second electron will also be removed from the 
p-orbital but the third electron is removed from the fully filled 2s orbital, so we 
have to give more energy to remove it.

N

In N, the first electron is removed from the p-orbital but in this case, the 2p 
subshell is half-filled and we know that electronic configuration also affects 
the ionisation energy. So, it has a higher ionisation energy as compared to 
C. Now, the second and third electrons will be removed from the p-orbital 
and successive ionisation energy always increases, so the ionisation energy 
values increase continuously.

O

In O, the first electron is removed from the p-orbital but it has a lower value 
of the first ionisation energy than N. This is because N has a half-filled 2p 
subshell and we know that an exactly half-filled subshell has extra stability. 
So, removing the electron from a half-filled subshell takes more energy than 
removing it from a partially filled subshell. Hence, due to this, N has a higher 
first ionisation energy than O. 

Table 4: Reasons for the ionisation energy trend in second period
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Fig. 5: First ionisation energy of first 60 elements
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• A zig-zag graph is obtained because as we move along the period, the effective nuclear 
charge continuously increases. Due to this, the ionisation energy increases.

• The peaks in zig-zag are due to the removal of electrons from half-filled or fully filled orbitals.

As we move from top to bottom in a group, there is an increment in the principal quantum number, 
leading to an increase in the size. We know that the ionisation energy is inversely proportional to 
the size, so as we move down the group, size increases and the ionisation energy decreases.

As we move from left to right in a period, there is an increase in the effective nuclear charge and 
we know that the ionisation energy is directly proportional to the effective nuclear charge. So, 
ionisation energy increases. 

First Ionisation Energy of 60 Elements

Graph explanation:

• In this graph of first ionisation energy of 60 elements, there are noble gases on topmost 
positions and alkali metals within their respective periods on the bottom. This is because 
noble gases have the highest effective nuclear charge and they have complete octets, due 
to which it is very difficult to remove electrons from noble gases and they have the highest 
ionisation energy.

• Alkali metals have the lowest effective nuclear charge. Due to this, they have the lowest 
ionisation energy in their respective periods.

Ionisation energy in a group

Ionisation energy in a period

BOARDS
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Order of First Ionisation Energy in Second Period

We know that the second period has the elements Li, Be, B, C, N, O, F and Ne.
The order of the first ionisation energy is given as follows:

Li < B < Be < C < O < N < F < Ne

As we go from left to right in the period, the effective nuclear charge continuously increases and we 
know that the ionisation energy is directly proportional to the effective nuclear charge. Due to 
this, the ionisation energy increases as we move from left to right in the period.However, electronic 
configuration also affects the ionisation energy and this creates exceptions in trends. For example, 
Be and N have higher ionisation energy than B and O, respectively, in the second period.

Why does Be have higher first I.E. than B?

Explanation:
Their electronic configurations are given as follows:
Be = 1s2 2s2 and B = 1s2 2s2 2p1

The electron will be removed from a 2p orbital in B and from 2s in Be. An s-orbital has a higher 
penetrating power than a p-orbital. The ionisation energy is directly proportional to the penetration 
power. Due to high penetration power of the 2s orbital, more energy is needed to remove the 
electron from 2s as compared to 2p and Be has additional stability due to completely filled 2s 
configuration. This is the reason Be has higher ionisation energy than B.

Why does N have higher first I.E. than O?

Explanation:
Their electronic configurations are given as follows:

N ⥮ ⥮ ↿ ↿ ↿
1s2 2s2 2p3

O ⥮ ⥮ ⥮ ↿ ↿
1s2 2s2 2p4

Half-filled subshell

Electronic configuration also plays a role in the ionisation energy trend. The energy that is needed 
to remove an electron from a half-filled or fully filled subshell is more than the energy required to 
remove it from a partially filled one. Here, N has a half-filled 2p subshell and O has a partially filled 
one, so the energy required to remove an electron from N is greater than the energy needed for O. 
Due to this, N has a higher ionisation energy.

Order of Second Ionisation Energy in Second Period

We know that the second period has Li+, Be+, B+, C+, N+, O+, F+ and Ne+.
The order of the second ionisation energy is given as follows:

Be+ < C+ < B+ < N+ < F+ < O+ < Ne+ < Li+

As we move from left to right in the period, the effective nuclear charge continuously increases and 
we know that the ionisation energy is directly proportional to the effective nuclear charge. Due to 
this, the ionisation energy increases as we move from left to right across the period.
However, electronic configuration that also affects the ionisation energy. Thus, the order for the 
second ionisation energy is given as follows:
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Table 5: Electronic configuration of second period elements and their unipositive ions

S. No. Element
Electronic 

configuration of 
atoms

Electronic 
configuration after 

removal of first 
electron

1 Li 1s2 2s1 1s2

2 Be 1s2 2s2 1s2 2s1

3 B 1s2 2s2 2p1 1s2 2s2

4 C 1s2 2s2 2p2 1s2 2s2 2p1

5 N 1s2 2s2 2p3 1s2 2s2 2p2

6 O 1s2 2s2 2p4 1s2 2s2 2p3

7 F 1s2 2s2 2p5 1s2 2s2 2p4

8 Ne 1s2 2s2 2p6 1s2 2s2 2p5

We can see from the table 5 that in Li, the second electron will be removed from 1s orbital. For 
removing the electron from 1s orbital, we have to break the noble gas configuration of Li+ ion and a 
noble gas has the highest stability. Moreover, 1s orbital has the highest penetrating effect as well. 
Due to this reason, Li+ ion has the highest ionisation energy. Now, as we move from left to right, a 
simple trend follows as for first ionisation energy. However, there will be an irregularity that B+ and 

O+ have higher ionisation energy than C+ and F+ respectively.

Why does B+ have higher first I.E. than C+?
Explanation:
Their electronic configurations are given as follows:
B+ = 1s2 2s2 and C+ = 1s2 2s2 2p1

In the above configuration, the electron will be removed from 2p for C+ and the electron will be 
removed from 2s for B+. An s orbital has a higher penetrating power than a p orbital, and the 
ionisation energy is directly proportional to the penetration power. Because of high penetration 
power of the 2s orbital, more energy is needed to remove the electron from 2s as compared to 2p. 
Due to this reason, B+ has a higher ionisation energy than C+.

Why does O+ have higher first I.E. than F+?
Explanation:
Their electronic configurations are given as follows:

O+ ⥮ ⥮

1s 2s

↿ ↿↿

2p

F+ ⥮ ⥮

1s 2s

⥮ ↿↿

2p

Electronic configuration plays a role in getting ionisation energy trends. The energy that is needed 
to remove an electron from a half-filled or fully filled subshell is more than the energy required 
to remove it from a partially filled one. Here, O+ ion has a half-filled 2p subshell and F+ ion has a 
partially filled one. Due to this, the energy required to remove an electron from the O+ ion is greater 
than the energy needed for F+. Hence, O+ ion has a higher ionisation energy than F+ ion.
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Order of Second Ionisation Energy in Third Period

We know that the third period has Na+, Mg+, Al+, Si+, P+, S+, Cl+ and Ar+.
The order of the second ionisation energy is given as follows:

Mg+ < Si+ < Al+ < P+ < Cl+ < S+ < Ar+ < Na+

As we move from left to right in the period, the effective nuclear charge continuously increases 
and we know that the ionisation energy is directly proportional to the effective nuclear charge. 
So, ionisation energy increases as we move from left to right in the period. However, electronic 
configuration also affects the ionisation energy. Hence, the order for the second ionisation energy 
is given as follows:

Order of First Ionisation Energy in Third Period

We know that the third period has the elements Na, Mg, Al, Si, P, S, Cl and Ar.
The order of the first ionisation energy is given as follows:

Na < Al < Mg < Si < S < P < Cl < Ar

As we move left to right across the period, the effective nuclear charge continuously increases 
and the ionisation energy is directly proportional to the effective nuclear charge. Due to this, the 
ionisation energy increases as we move across the period. However, electronic configuration also 
affects the ionisation energy leading to some deviation from trend expected. For example, Mg and 
P have a higher ionisation energy than Al and S, respectively.

Why does Mg have higher first I.E. than Al?

Explanation:
Their electronic configurations are given as follows:
Mg = 1s2 2s2 2p6 3s2 and Al = 1s2 2s2 2p6 3s2 3p1

The electron will be removed from 3p for Al and from 3s for Mg, and an s-orbital has a higher 
penetrating power than a p-orbital. Also, we know that ionisation energy is directly proportional 
to the penetration power. Due to high penetration power of 3s orbital, more energy is needed to 
remove the electron from 3s as compared to 3p. Thus, Mg has a higher ionisation energy than Al.

Why does P have higher first I.E. than S?

Explanation:
Their electronic configurations are given as follows:

Electronic configuration also plays a role in the trend of ionisation energy. The energy that is needed 
to remove an electron from a half-filled or fully-filled subshell is more than the energy required to 
remove it from a partially filled one. Here, P has a half-filled 3p subshell but S has a partially filled 
one. Due to this, the energy required to remove an electron from P is greater than the energy 
needed for S electron. Thus, P has a higher ionisation energy than S.

P ⥮ ⥮
1s 2s

⥮
3s

↿ ↿ ↿
3p

⥮ ⥮ ⥮
2p

S ⥮ ⥮
1s 2s

⥮
3s

⥮ ↿ ↿
3p

⥮ ⥮ ⥮
2p
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Table 6: Electronic configuration of third period elements and their unipositive ions

S. No. Element
Electronic 

configuration of 
atoms

Electronic 
configuration after 

removal of first 
electron

1 Na 1s2, 2s2, 2p6, 3s1 1s2, 2s2, 2p6

2 Mg 1s2, 2s2, 2p6, 3s2 1s2, 2s2, 2p6, 3s1

3 Al 1s2, 2s2, 2p6, 3s2, 3p1 1s2, 2s2, 2p6, 3s2

4 Si 1s2, 2s2, 2p6, 3s2, 3p2 1s2, 2s2, 2p6, 3s2, 3p1

5 P 1s2, 2s2, 2p6, 3s2, 3p3 1s2, 2s2, 2p6, 3s2, 3p2

6 S 1s2, 2s2, 2p6, 3s2, 3p4 1s2, 2s2, 2p6, 3s2, 3p3

7 Cl 1s2, 2s2, 2p6, 3s2, 3p5 1s2, 2s2, 2p6, 3s2, 3p4

8 Ar 1s2, 2s2, 2p6, 3s2, 3p6 1s2, 2s2, 2p6, 3s2, 3p5

Why does Al+ have higher first I.E. than Si+?

Explanation:
Their electronic configurations are given as follows:
Al+ = 1s2 2s2 2p6 3s2 and Si+ = 1s2 2s2 2p6 3s2 3p1

From the given electronic configurations, we can say that, for ionisation of Si+, the electron in 3p 
orbital will be removed, whereas in case of Al+, the electron from 3s orbital will be removed. We 
know that an s-orbital has a higher penetration power than a p-orbital, and due to the higher 
penetration power, it requires more energy to remove an electron from 3s orbital than from 3p 
orbital. Due to this reason, Al+ has higher ionisation energy than  Si+.

Why does S+ have higher first I.E. than Cl+?

Explanation:
Their electronic configurations are given as follows:

From the table, the second electron of Na will be removed from 2p in Na+ ion. Now, for removing 
the electron from Na+ ion, we will have to break the noble gas configuration and a noble gas has 
the highest stability. Due to this, it has the highest ionisation energy. As we move from left to right, 
a simple trend follows as for first ionisation energy. However, there is a change which is, Al+ and S+ 
have higher ionisation energy than Si+ and Cl+ respectively. 

We know that the electronic configuration also plays a role in the value of ionisation energy. The 
energy that is needed to remove an electron from a half-filled or fully-filled subshell is more than 
the energy required to remove it from a partially filled one. In this case, S+ has a half-filled 3p 
subshell and Cl+ has a partially filled one. Due to this, the energy required to remove an electron 
from the S+ is greater than the energy needed for Cl+. So, S+ has a higher ionisation energy than Cl+.

S+ ⥮ ⥮
1s 2s

⥮
3s

↿ ↿ ↿
3p

⥮ ⥮ ⥮
2p

Cl+ ⥮ ⥮
1s 2s

⥮
3s

⥮ ↿ ↿
3p

⥮ ⥮ ⥮
2p
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Solution

Step 1: Relation between ionisation energy and Z
eff

(a) Al < Mg < S (order of first I.E.)

(c) S < Ar < Na (order of second I.E.)

(b) Cl < S < P (order of first I.E.)

(d) S < Al < P (order of second I.E.)

Select the correct order(s) from the following:

Finding the correct order of the ionisation energy

(a) This option is correct. We know that as we move from left to right in the period, the effective 
nuclear charge increases and ionisation energy is directly proportional to the effective nuclear 
charge. Due to this, S has a higher ionisation energy than Mg and Al. Also, between Al and Mg, 
since it is easier to remove a 3p electron than a 3s electron with high penetrating power, Al has 
lower ionisation energy compared to Mg.

Step 2: Relation between ionisation energy and Z
eff

Step 3: Relation between ionisation energy and Z
eff

(b) This option is incorrect. We know that as we move from left to right in the period, the 
effective nuclear charge increases and ionisation energy is directly proportional to the effective 
nuclear charge. Cl comes last in the period having higher ionisation energy than the others. The 
order should have been Cl > P > S. P has higher ionisation energy than S due to stable half filled 
electronic configuration.

In case of Na, the second electron will be removed from the stable noble gas configuration 
which indicates that it has the highest ionisation energy.
In case of S, the electron is being removed from 3p3 but in case of Ar, the electron is being 
removed from 3p5. Ar has a higher second ionisation energy than S because of higher effective 
nuclear charge in Ar.

(c) This option is correct. 

S. No. Element
Electronic 

configuration of 
atoms

Electronic 
configuration after 

removal of first 
electron

1 S 1s2, 2s2, 2p6, 3s2, 3p4 1s2, 2s2, 2p6, 3s2, 3p3

2 Ar 1s2, 2s2, 2p6, 3s2, 3p6 1s2, 2s2, 2p6, 3s2, 3p5

3 Na 1s2, 2s2, 2p6, 3s1 1s2, 2s2, 2p6
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First Ionisation Energy in 13th Group

In the modern periodic table, the 13th group has elements B, Al, Ga, In and Tl.
As we move down the group, there is an increase in the value of the principal quantum number 
because of which size increases while moving down. Ionisation energy is inversely proportional to 
the atomic radii, so as we move down the group, ionisation energy should continuously decrease.
However, there is some irregularity in this trend. Ga has a higher ionisation energy than Al because 
of the poor shielding effect of 3d orbitals. Thus, Ga has a higher effective nuclear charge in 
comparison to Al which leads to higher ionisation energy of Ga than Al.
Tl has a higher ionisation energy than Al and Ga because of lanthanide contraction. In Tl, there is 
an introduction of the f-subshell and we know that f-orbitals have the least shielding effect and this 
leads to high effective nuclear charge. Due to this, Tl has a higher ionisation energy than Al and Ga.
The trend is given as follows:

B > Tl > Ga > Al > In

First Ionisation Energy 14th Group

We know that the 14th group has elements C, Si, Ge, Sn and Pb.
As we move down the group, there is an increase in the value of the principal quantum number 
because of which the size increases while moving down the group. Since ionisation energy is 
inversely proportional to the atomic radii, the ionisation energy continuously decreases while 
moving down.
However, there is one irregularity in this order, Pb has a higher ionisation energy than Sn. This is 
because of the lanthanoid contraction. The f-subshell has less shielding effect and Pb has a higher 
effective nuclear charge, which therefore leads to the increase in ionisation energy of Pb compared 
to Sn. So, the order is given as follows:

C > Si > Ge > Pb > Sn

Step 4: Relation between ionisation energy and Z
eff

Here, S has electronic configuration 1s2 2s2 2p6 3s2 3p3 (after first ionisation), which is half-filled 
stable configuration, hence it has the highest second ionisation energy. 
Also, the effective nuclear charge on P  is more than that of Al. Hence, the second ionisation 
energy is greater for P than Al.
Thus the order of second ionisation energy becomes S > P > Al.

(d) This option is incorrect.

Hence, the correct options are (a) and (c).

S. No. Element
Electronic configuration 

of atoms

Electronic configuration 
after removal of first 

electron

1 S 1s2, 2s2, 2p6, 3s2, 3p4 1s2, 2s2, 2p6, 3s2, 3p3

2 Al 1s2, 2s2, 2p6, 3s2, 3p1 1s2, 2s2, 2p6, 3s2

3 P 1s2, 2s2, 2p6, 3s2, 3p3 1s2, 2s2, 2p6, 3s2, 3p2

MAIN

MAIN

ADVANCED

ADVANCED
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Summary

1. Atomic radii trend in d-block

There are two factors that decide the atomic radii in d-block which are effective nuclear charge 
and electronic repulsion.

• As we move from Sc to Cr, there are less electrons present in the d-subshell. This is the 
reason that these elements have less electronic repulsion and there is a continuous increase

• Ionisation energy of a non-metal is always greater than that of a metal.
• Noble gas has the highest ionisation energy in its own period.
• Caesium has the lowest ionisation energy in the periodic table.
• Helium has the highest ionisation energy in the periodic table.

Step 2: Finding relationship between I.E.
1
 to I.E.

2
 for elements B and C

For the elements B and C, when we see the relationship between I.E.1 and I.E.2, the energy change 
is not drastic and is as normally expected. However, one important point is that a metal has lower 
ionisation energy values than a non-metal because of which B is a metal and C is a non-metal.
So, B belongs to alkaline earth metals and C belongs to non-metals.

Correct answer is:
A = Alkali metal
B = Alkaline earth metal
C = Non-metal

Solution

Step 1: Finding relationship between I.E.
1
 and I.E.

2
 for element A

For A, when we go down from I.E.1 to I.E.2, the energy change increases approximately by six times 
and this much of energy change indicates that while removing the second electron, the stable 
noble gas configuration breaks. This will happen only in case of alkali metal because alkali metals 
have only one electron in their outermost shell and after removing the first electron, they obtain the 
stable noble gas configuration. So, A is an alkali metal.

The I.E.
1
 and I.E.

2
 in kJ/mol of elements A, B and C are given as follows:

Which of the given elements is likely to be the 
following?

(a) Non-metal

(b) Alkali metal

(c) Alkaline earth metal

Finding the valency of an element based on I.E. values

A B C

I.E.
1

403 549 1140

I.E.
2

2633 1064 2103
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in the number of protons. Due to this, the effective nuclear charge increases and hence 
in these elements, the effective nuclear charge dominates upon the electronic repulsion, 
which in turn continuously decreases the radii.

• As we move from Cr to Ni, there is an increase in the number of electrons in d-subshell 
and effective nuclear charge as well. So, both effective nuclear charge and the electronic 
repulsion are approximately equal and thus, these factors neutralise each other. Hence, 
we get the similar atomic radii in this range.

• As we move from Ni to Zn, electrons in the d-subshell increase further and electrons in 
all orbitals orbitals get paired and this is the reason that the electronic repulsion is more 
pronounced as compared to the effective nuclear charge. Hence, electronic repulsion 
dominates, which in turn increases the atomic radii.

2.    Atomic radii change in groups
As we move from 3d series to 4d series, the atomic radii increase but as we move from 4d 
to 5d series, they have comparable atomic radii. This is because of lanthanoid/lanthanide 
contraction.
The order of the atomic radii is given as follows:

3d < 4d ≅ 5d

3.    Atomic radii of f-block elements

As we move from left to right in the f-block, the atomic radii decreases. This is because in the 
f-block, the electron enters into the f-subshell and the f-orbitals have very poor shielding effect. 
Due to the poor shielding effect, there is an increment in the effective nuclear charge and 
hence, there is a decrease in the atomic radii.

4.    Ionic radii

It is defined as the distance between the nucleus and the outermost shell of an ion or it is the 
distance between the nucleus and the point till where the nucleus exerts its influence on the 
electron cloud. 
When an atom loses an electron, it forms a cation and when it gains an electron, it becomes an 
anion. The ionic radius can be described as the distance between the nucleus of an ion and the 
outermost shell of the ion.

5.    Isoelectronic species

The atoms or ions having the same number of total electrons are known as isoelectronic species.
Example: Ne, Na+, Mg2+, F-, Al3+, O2-

6.    Ionic radii of isoelectronic species

The ionic radii of the isoelectronic species depend upon the effective nuclear charge. The ionic 
radii of isoelectronic species are inversely proportional to the effective nuclear charge, so as 
the Zeff increases, the ionic radii decreases. (Remember: As Z increases, size decreases)

7.    Ionisation energy

Ionisation energy is defined as the minimum energy required to remove the most loosely bound 
electron from an isolated gaseous atom in its ground state to form an isolated gaseous ion.
Units of the ionisation energy are kJ/mol , kcal/mol, or eV/atom.
Example: 

M (g) → M+ (g) + e-

8.   First ionisation energy

It is defined as the energy required to remove the most loosely held electron or the outermost
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9.    Second ionisation energy

It is defined as the energy required to remove the most loosely held electron from an isolated 
unipositive ion in its ground state. 

M+ (g) → M2+ (g) + e-, I.E.
2

10. Third ionisation energy

It is defined as the energy required to remove the most loosely held electron from an isolated 
dipositive ion in its ground state. 

M2+ (g) → M3+ (g) + e-, I.E.
3

The successive ionisation energy of an atom always increases.
I.E.

1
 < I.E.

2
 < I.E.

3

11. Factors affecting ionisation energy

• Size of the atom
• Effective nuclear charge
• Screening effect
• Penetration effect
• Electronic configuration

12. Ionisation energy in a group

As we move from top to bottom in a group, there is an increment in the principal quantum 
number, leading to an increase in the size. We know that the ionisation energy is inversely 
proportional to the size, so as we move down the group, size increases and the ionisation 
energy decreases.

13. Ionisation energy in a period

As we move left to right in the period, there is an increase in the effective nuclear charge 
and since ionisation energy is directly proportional to the effective nuclear charge, ionisation 
energy is therefore increased.

The order of the first ionisation energy in second period is given as follows:

Li < B < Be < C < O < N < F < Ne

The order of the second ionisation energy in second period is given as follows:

Be+ < C+ < B+ < N+ < F+ < O+ < Ne+ < Li+

The order of the first ionisation energy in third period is given as follows:

Na < Al < Mg < Si < S < P < Cl < Ar

The order of the second ionisation energy in third period is given as follows:

Mg+ < Si+ < Al+ < P+ < Cl+ < S+ < Ar+ < Na+

First ionisation energy in 13th group

The trend is given as follows:
B > Tl > Ga > Al > In

First ionisation energy in 14th group

The trend is given as follows:
C > Si > Ge > Pb > Sn

electron from an isolated gaseous atom in its ground state to form an isolated gaseous 
unipositive ion. 

M (g) → M+ (g) + e-, I.E.
1


