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PERIODIC PROPERTIES

C H E M I S T R Y

HOW POWERFUL IS YOUR NUCLEUS? 

• Periodic classification
• Mendeleev’s periodic table

• Modern periodic law
• Blocks of periodic table 

What you already now 

• 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 

What you will learn

Penetration power is defined as the proximity of electrons in an orbital to the nucleus of an atom, 
i.e., the ability of an electron in an orbital to be closer to the nucleus of an atom.

For the same principal quantum number n, the order of penetration power of orbitals is as follows: 

Greater the penetration power of an orbital, more is its shielding effect. Thus, the shielding effect 
is the consequence of penetration power.

  
Penetration Power

The electrons in the inner shells act as a screen or shield 
between the nucleus and the electrons in the outermost 
shell. As a result, the nuclear attraction on the outer 
electrons decreases. This is known as the shielding effect.
The outer electrons in a shell experience an attractive 
force from the nucleus along with the repulsive force 
from the electrons present in the inner shells.

In the Fig. 1, the green dotted line represents the attraction 
of an electron with the nucleus and the red dotted lines 
represent the repulsion between the electrons.

  
Shielding Effect

Fig. 1: Attractive and repulsive forces 
on an outer electron
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The attractive force (FA) is acting on the outermost electron (charge on nucleus = Ze).

However, due to the repulsive forces experienced by an outer electron from the inner shell electrons, 
the net attractive force between the nucleus and the outermost electron reduces. In other words, 
electrons in the inner shell shield the outer electron from experiencing complete nuclear charge.

Where, k = Electrostatic constant
Z = Atomic number
r =  Distance between the electron and the 

nucleus
e = Electronic charge
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Fig. 2: Light bulb covered with frosted glass

Light bulb
(Nucleus)

Frosted glass
(Core electrons)

Observer
(Valence electron)

Suppose there is an observer who is observing 
the light coming from an electric bulb. However, 
after some time, the bulb is covered with frosted 
glass. Now, the intensity seems to be reduced as 
compared to the intensity of light in the absence 
of frosted glass. The frosted glass screens the 
intensity of light. 
Here, the light bulb can be assumed as a nucleus, 
the frosted glass as electrons present in the 
inner shell, and the observer can be assumed as 
a valence electron that is the outermost electron. 
So, the attractive force (due to nuclear charge) on 
an electron reduces because of the shielding by 
the inner shell electrons.

Analogy to understand shielding effect

In the multi-electron system, an attraction between the outer electron and the nucleus decreases 
due to the repulsion from the inner electrons. Higher the penetration power of an orbital, greater is 
the shielding effect. For the same principal quantum number n, the strength of the shielding effect 
is given as: s > p > d > f, because s-orbitals are more penetrating as compared to the p-orbitals, 
followed by d and f-orbitals.

Shielding effect is the property of multi-electron species and not of single electron species.

Note
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Effective Nuclear Charge (Z
eff

)

In order to understand the effective nuclear 
charge (Zeff), let us see some results of 
electrostatics (Electrostatics will be covered in 
physics). Suppose a sphere having a charge 
q

1
 is spread on its surface and another point 

charge q
2
 is lying at a distance r from the centre 

of the sphere (Fig. 3).

q1

r

q2

In order to write an expression of the electrostatic force, the charge on the surface of the sphere 
is assumed to be concentrated at the centre of mass of that sphere. 
The electrostatic force is given as follows:
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Fig. 3: Electrostatic force between spherical 
charge (q

1
) and outside point charge (q

2
)
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In case of an atom, the outer electron experiences the following two opposing forces (Fig. 1):
(a) Force of attraction from the nucleus
(b) Force of repulsion from the inner shell electrons

Suppose the inner electrons are not present, then the force of attraction experienced by the test 
electron (electron under consideration) must be greater than the force it actually experiences 
because of the electronic repulsion that weakens the force of attraction. This reduced nuclear 
charge (or the actual charge) experienced by an electron is termed as effective nuclear charge. 
Due to the shielding by the inner electrons, the nuclear attraction decreases.

Consider an element having the atomic number Z with S as the number of inner electrons. By 
using Coulomb’s law, the force of attraction (FA) on the outermost electron is as follows:

If a point charge q
2
 lies at a distance r

1
 inside the 

sphere (Fig. 4), then the charge on the sphere cannot 
be assumed to be concentrated at the centre and in 
this case, the electrostatic force is zero.

Note

Fig. 4: Electrostatic force between spherical 
charge (q

1
) and inside point charge (q

2
)
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However, S number of electrons are repelling the outer electron. The electric charge due to 
these electrons can be assumed to be concentrated at the centre, which is the nucleus. Then, the 
repulsive force is given as follows:

The net attractive force (Fn) acting on the 
outermost electron,
Fn = FA + FR

Or 

Or 
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•   The effective nuclear charge (Zeff) is less than the nuclear charge (Z).
•   Zeff = Z - S, where S is the screening constant.

Note

In order to understand the screening constant (S), consider 
an example of sodium (Na). There are 11 protons in the 
nucleus and 11 electrons in the atom (2 in first orbit, 8 in second 
orbit and 1 in third orbit). Now, if the Zeff for the outer electron 
present in the third orbit (or 3rd shell) is to be calculated, 
then we can assume the screening constant (S) to be 10 
(considering the electric charge present at the centre to be 
- 10), as there are a total of 10 electrons that are present in 
the inner shells, and Zeff will be (11 - 10). It means that the 
nuclear attraction experienced by the outermost electron 
is equivalent to one proton in the nucleus. However, this is 
not true. 

The reason is that the electrons are not just the point charges 
moving in circular orbits. However, they have an electron 
cloud associated with them and are present in the orbitals. 
Hence, we cannot assume that the electric charge (because 
of the inner shell electrons) is completely concentrated at 
the centre.

11 Proton 
11 Electron

 Fig. 5: Sodium (Na) atom (2, 8, 1)
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Zeff = Z - S
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Some of the portions of 3s, 3p, 3d-orbitals can 
be present in the same volume (or space), as 
the moving electrons behave as waves. When 
the screening is calculated for the 3p-orbital 
due to the 3s-orbital, the 3s-orbital cannot 
be assumed completely inside the 3p-orbital 
(the portion of second yellow peak of 3s-orbital 
does not lie inside the curve of red 3p-orbital). 
Thus, the screening effect may change, as we 
cannot consider all the electric charges of the 
inner shell electrons to be simply concentrated 
at the centre of the nucleus.
In general, electrons present in the orbitals 
closer to the nucleus contribute more to 
screening.

The s-orbitals are closer to the nucleus and thus, the starting peak in the curve of the 3s-orbital is 
found nearer to the origin as compared to the 3p followed by the 3d (Fig. 6). The more penetrating 
orbital results in a significant screening effect and thus, the effective nuclear charge reduces.

Fig. 6: Probability curves for 3s, 3p, 3d
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Slater's rule provide numerical values for the orbitals to calculate the screening constant (S) in 
order to find the effective nuclear charge in a multi-electron atom.
The electrons are arranged into a sequence of groups in order of increasing principal quantum 
number n, and for equal n in order of increasing azimuthal quantum number l, except that s and 
p-orbitals are kept together.

As we move from the left to right across the period, effective nuclear charge (Z
eff

) increases 
consistently because nuclear charge increases by one, along with an increase of one electron 
in the same shell. However, the electron cloud is spread over a certain volume and it cannot be 
considered completely to be concentrated at the nucleus. As a result, Zeff for the outermost electron 
increases along a period.  

[1s] [2s, 2p] [3s, 3p] [3d] [4s, 4p] [4d] [4f] [5s, 5p] [5d], etc.

Each group is given a different shielding constant value that depends upon the number and type 
of electrons in those groups preceding it.

Sometimes the screening constant (S) is also represented by 𝝈.

Trends in effective nuclear charge

Penetration of orbitals Screening effect Effective nuclear charge

Furthermore, according to de Broglie’s hypothesis, moving objects behave like waves, which are 
known as matter waves. An electron moving in Bohr’s orbit has a de Broglie wavelength associated 
with it. The mathematical calculation (Zeff = 11 - 10) is not valid because the electron cloud of orbitals 
are overlapping as shown in the Fig. 6.
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Z
eff

 increases from left to right across a period

On moving down the group (here, elements belonging to Group 1, i.e., alkali metals), effective 
nuclear charge Z

eff
 (for the outermost electron) slightly increases and then almost becomes 

constant. The effective nuclear charge depends on the repulsive forces experienced by an outer 
electron. As we move down the group, the nuclear charge increases and the number of inner shell 
electrons increases. These two opposing factors balance, which results in the effective nuclear 
charge to become constant. 

Z
eff

 slightly increases and becomes constant on going down a group

Li

1.30 1.95 2.60 3.25 3.90 4.55 5.20 5.85

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

Li

1.3 2.2 2.2 2.2 2.2

Na< ≅ ≅ ≅K Rb Cs

Trends across the Periodic Table

The systematic study of the properties of elements can be done using the periodic table. The 
properties are given as follows:

Atomic 
radius

lonisation 
enthalpy

Electron 
gain

enthalpy

Electron
affinity

Electro-
negativity

01 02 03

04 05

Atomic Radius

Atomic radius is defined as the distance between the centre of the 
nucleus and the outermost electron of an atom.

There are some difficulties in calculating the atomic radius, which are 
as follows:

Fig. 7: Atomic radius

r
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• Finding the size of the atom is very complicated. The measurement of the boundary of an 
electron cloud is not feasible. This can be understood with the help of an analogy. When 
a cotton ball is taken for measuring the radius by using a vernier caliper or a scale, it is not 
possible to measure its exact value, as it can be compressed or expanded during the process 
of measurement itself.

• The size of atoms is very small, so the calculation of radius is very difficult.
• There are no sharp boundaries of atoms that exist and thus, distance cannot be measured 

accurately. 

However, the size of atoms can be measured by 
measuring the internuclear distance between 
the two identical atoms by an X-ray diffraction 
or by other spectroscopic techniques.

Internuclear distance refers to the distance 
between two nuclei. Different elements form 
different types of bonds like metallic bonds and 
covalent bonds. Furthermore, noble gases, in 
general, do not form bonds as they have fully 
filled stable electronic configurations. Therefore, 
there are different radii that are measured 
according to the type of bond formation. 

Atomic
radii

Metallic
radii

Covalent
radii

van der
Walls radii

Covalent Radii

Covalent radii can be defined as half the distance between the centres of two nuclei of the same 
element (for example, homonuclear molecules like H2, Cl2, F2, etc.) bonded by a single covalent 
bond. Generally, non-metals form covalent bonds. Hence, the covalent radii are measured for 
them.
The units of covalent radii are  picometre (pm) and Angstrom (A° ). 

BOARDSMAIN

The covalent radii are smaller than the actual radii.

Fig. 8: Covalent radius

d

Note

rcov = d2
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The above method can be adopted only for homonuclear diatomic molecules. The method is 
different for heteronuclear diatomic molecules.

Covalent radii of hetronuclear diatomic molecule (A-B): The distance between A-B can be 
measured with Schomaker and Stevenson equation, which is given as follows:

Where,
rA-A = Covalent radii of atom A (homonuclear molecule A-A)
rB-B = Covalent radii of atom B (homonuclear molecule B-B)
𝜒 (known as chi) = Electronegativity (Pauling scale)

Electronegativity is the tendency of an atom to attract the shared pair of electrons in a bond towards 
itself. Electronegativity is denoted by 𝜒. Δ𝜒 is difference between the electronegativity of A and B.

dA-B = rA-A + rB-B - 0.09 Δ𝜒

rA-A = (A)°dA-A

2
rB-B = (A)°dB-B

2

Metallic Radii

Metallic radii can be defined as half the internuclear 
distance between two adjacent metallic atoms in a 
crystalline lattice structure.

Metallic radii consider the smallest distance between the 
atoms without the overlapping of atoms.

Fig. 9: Metallic radii

d

rmetallic = d2

BOARDSMAIN

van der Waals Radii

The van der Waals radii is measured for those species that are non-reactive in nature. Therefore, it 
can be measured for noble gases as well as for non-metals.

van der Waals radii

For noble gases For non-metals

BOARDSMAIN

A B= -∆χ χ χ
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Noble gases generally exist in the gas phase. However, when the temperature is lowered, the 
gas phase changes to liquid and further to solid. Even for a sodium element in the solid state, it 
behaves as a metal and the metallic radius can be measured. However, in the vapour phase for a 
homonuclear gas, its covalent radius can be measured.

For a noble gas like argon, the van der Waals 
radius is defined as half the distance between the 
nuclei of two non-bonded nearest neighbouring 
atoms of the same element when it is cooled to its 
solid state

The van der Waals radius is defined as half the 
distance between the nuclei of two non-bonded 
nearest neighbouring atoms of two adjacent 
molecules when it is cooled to its solid state.

For noble gases 

For non-metals

d

Fig. 10: van der Waals radii of noble gases

Fig. 11: van der Waals radii of non-metals

(CI2 molecule)
(CI 2

 m
olecule)

d

360 pm

99
pm

rvan der Waals = d2

In the solid state, the radii of non-metals can be measured. For a Cl
2
 molecule, covalent radii is 

found as 99 pm, whereas the distance between two atoms of adjacent molecules is measured as 
360 pm. Half of this value gives the van der Waals radius, which is 180 pm. Thus, it can be seen 
that there is a significant difference between the covalent radii and the van der Waals radii of the 
same element.

• As overlapping between the atoms increases, the radius decreases. The magnitude 
of the covalent radius is smallest and that of the van der Waals radius is the largest 
(considering the same element).

• The method of calculating the different radii is different. Thus, the comparison of 
different types of radii for different elements is not done.

van der Waals  > Metallic radii > Covalent radii
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Factors Affecting the Atomic Radii

1. Number of shells

2. Effective nuclear charge

Atomic radius ∝ Number of shells

Atomic radius is directly proportional to the number of shells. As the number of shells increases, 
the distance between the nucleus and the valence electrons also increases. Thus, the atomic 
radius increases.

Example: Cs > Rb > K > Na > Li
As we move down the group from Li to Cs (elements of group 1, i.e., alkali metals), the number of 
shells increases and so, the atomic radius also increases.

Number of shells
Number of 

bonds
Effective nuclear 

charge
Screening effect

Factors affecting 
the atomic radii

Atomic radius is inversely proportional to the effective nuclear charge. Greater is the effective 
nuclear charge, smaller will be the atomic radius.

1
∝Atomic radius 

Effective nuclear charge

MAIN BOARDS ADVANCED

Example: Li > Be > B > C > N > O > F
As we move across the period from the left to the right, the effective nuclear charge increases and 
atomic radius decreases because the force of attraction between the electron and the nucleus 
increases.

Atomic radius is directly proportional to the screening effect. Greater the screening effect, lesser 
will be the effective nuclear charge and more will be the atomic radius. 

Example: Cs > Rb > K > Na > Li
As we move down the group from Li to Cs, the screening effect increases due to the presence of 
more number of inner shell electrons resulting in the increase of the atomic radius.

3. Screening effect

Atomic radius ∝ Screening effect
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Atomic radius is inversely proportional to the number of bonds. Greater the number of bonds 
between the two atoms, smaller will be the atomic radius, as more overlapping of atomic orbitals 
occur in case of triple covalent bond followed by double covalent bond and single covalent bond. 

Example: >N >N N N N N

4. Number of bonds

Atomic radius ∝ 
Number of bonds

1

Variation of Atomic Radii in a Group

Graphical representation

As the principal quantum number (n) increases, the distance between valence electrons and 
nucleus increases, resulting in the increase of the atomic radius.

In the Fig. 12, the atomic radius (pm) vs atomic 
number (Z) curve has been shown for alkali 
metals and halogens. As the atomic number 
increases, the atomic radius also increases but 
the slope of the curve decreases. The slope of 
the alkali metal curve changes at potassium (K) 
and the halogen curve changes at chlorine (Cl).

Fig. 12: Variation in atomic radius for alkali 
metals and halogens
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MAIN BOARDS

Alkali metal Atomic number
Increment in the 

number of protons

Li 3 -

Na 11 8

K 19 8

Rb 37 18

Cs 55 18

Table 1: Increment in the number of protons for alkali metals

Why does the slope of the curve decrease?
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Halogens Atomic number
Increment in the 

number of protons

F 9 -

Cl 17 8

Br 35 18

I 53 18

Table 2: Increment in the number of protons for halogens

As we move from K to Rb, the number of shells increases by one but the nuclear charge increases 
by 18, as 18 protons are added to the nucleus. As a result, the higher attraction force is experienced 
by an electron, so the rate of increment of atomic radius reduces.

As we move from Cl to Br, the number of shells increases by one but the nuclear charge increases 
by 18, as 18 protons are added to the nucleus. As a result, the higher attraction force is experienced 
by an electron, so the rate of increment of atomic radius reduces.

Variation of Atomic Radii in a Period

As the atomic number increases, the effective nuclear charge increases. Thus, the attraction 
between the valence electron and the nucleus increases and the atomic radius decreases.

Atomic radius

Atomic number Z
eff

Attraction between the nucleus and the valence electron

MAIN BOARDS ADVANCED

Graphical Representation

In the Fig. 13, the curve between atomic radius 
(pm) vs atomic number (Z) is drawn for the 
second period. As the atomic number increases, 
the effective nuclear charge increases and the 
attraction between the nucleus and the valence 
electron increases. Thus, the atomic radius 
decreases. 

Fig. 13: Variation of atomic radii of second 
period elements
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• In a period from left to right, the atomic radius decreases.
• In a group from top to bottom, the atomic radius increases.

General Trends in Atomic radius

In Fig. 14, change in atomic radius in the periodic table has been shown.

Atomic radius decreases
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Fig. 14: Trends in atomic radii

Lanthanides

Actinides

MAIN BOARDS

Irregularities in the Variation of Atomic Radii

1.    Atomic radius of an inert gas (18th group) is the largest in its period because for noble gases, 
only van der Waals radius is known, which is generally larger than the covalent and metallic 
radii.

2.   Generally, down the group, the atomic radius increases. However, the radius of Al is larger than 
the radius of the Ga due to the poor shielding effect of the d electron in Ga. Poor shielding 
effect of the d electron results in increased effective nuclear charge. Hence, the atomic radius 
of Ga is smaller than Al.

MAIN BOARDS

Summary

•      Penetration power is defined as the proximity of electrons in an orbital to the nucleus of 
an atom.

• The electrons in the inner shells act as a screen or shield between the nucleus and the 
outermost electrons, resulting in reduction of nuclear attraction for the outer electrons. 
This is known as the shielding effect.

• The reduced nuclear attraction (or the actual charge) experienced by the outermost electron 
is known as the effective nuclear charge (Zeff).
Zeff = Z - S 

Where, Z = Atomic number, S = Screening constant
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• Atomic radius is defined as the distance between the centre of the nucleus and the 
outermost electrons of an atom. There are three types of radii.

• van der Waals radii > Metallic radii > Covalent radii

• Factors affecting the atomic radii:

1. Covalent radii is defined as half the distance between the centres of two nuclei of the 
same element bonded by a single covalent bond. Generally, non-metals form covalent 
bonds and hence, the covalent radii is measured for them.

2. Metallic radii can be defined as half the internuclear distance between two adjacent 
metallic atoms in a crystalline lattice structure.

3. For a noble gas like argon, the van der Waals radii is defined as half the distance 
between the nuclei of two non-bonded nearest neighbouring atoms of the same element 
in its solid state. For a non-metal, the van der Waals radii is defined as half the distance 
between the nuclei of two non-bonded nearest neighbouring atoms of the two adjacent 
molecules of the same element in a solid state.

1. Number of shells: As the number of shells increases, the atomic radius also increases.
2. Effective nuclear charge: Greater the effective nuclear charge, smaller will be the atomic 

radius. 
3. Screening effect: Greater the screening effect, less will be the effective nuclear charge 

and more will be the atomic radius. 
4. Number of bonds: Greater the number of bonds between the two atoms, smaller will 

be the atomic radius, as more overlapping of atomic orbitals occur in the case of triple 
covalent bond, followed by double covalent bond and single covalent bond. 


