
Chapter 4 

The Electronic Structure of Atoms 



Introduction 
 An electron possesses both particle (has a mass) and 

wave properties (an electron move around the nucleus 
as standing waves).  

 Atomic orbitals defines the distribution of electron 
density in three-dimensional space around the 
nucleus.  

 An atomic orbital has a characteristic energy, as well as 
a characteristic distribution of electron density. 
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Quantum numbers 
 Quantum numbers describe the distribution of electrons in 

atomic orbitals and label electrons that reside in them in 
terms of its wave characters. 

 In quantum mechanics, three quantum numbers are 
required to describe the distribution of electrons in atoms.  
They are called the principal quantum number, the 
angular momentum quantum number, and the 
magnetic quantum number. A fourth quantum 
number— the spin quantum number—describes the 
behavior of a specific electron and completes the 
description of electrons in atoms. 
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The Principal Quantum Number  

(n( 
 The principal quantum number (n) can have integral 

values 1, 2, 3, and so forth.  

 It describes the shell or the level to which the 

electron belongs. 

 The principal quantum number relates to the average 

distance of the electron from the nucleus in a 

particular orbital.  

 The larger n is, the greater the average distance of an 

electron in the orbital from the nucleus and therefore 

the larger the orbital. 
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The Angular Momentum Quantum Number (I ) 
or subsidiary Quantum Number 

 Each shell is divided into subshell or sublevels assigned l 
number.  

 Each shell or principal level of quantum number n contains n 

subshells. For example, if n = 2, then there are two subshells (two 

values of l)  

 The values of l depend on the value of n. For a given value of 

n, l has possible integral values from 0 to (n -1). 

 It tells us the “shape” of the orbitals. 

 Thus, if l=0, we have an s orbital; if l =1, we have a p orbital; 

and so on. 
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The Magnetic Quantum Number (ml) 
 The magnetic quantum number ml describes the 

orientation of the orbital in space 

 The values of ml can vary from - l to l. 

 The number of ml values indicates the number of orbitals 
in a subshell with a particular l value.  

 There are (2 l +1) integral values of ml as follows: if l =0, 
then there are (2 l + 1)= 1 orbital and the value of ml = 0. If 
l = 1, then there are (2 l + 1)= 3 orbitals have three values of 
ml, namely, -1, 0, 1 and so on.   
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The Electron Spin Quantum Number (ms) 

 Electrons spin on their own axes, so 

can generate a magnetic field, and it is 

this motion that causes an electron to 

behave like a magnet.  

 There are two possible spinning 

motions of an electron, one clockwise 

and the other counterclockwise. 

 The electron spin quantum number 

(ms), describe electron spinning and 

has a value of  
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Summary 

n 

(shell) 

l 

(sub-shell) 

(0 to n-1) 

symbol of l 

subshell 
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(-l  to +l ) 

no. of orbitals 

in the subshell 

(2l  +1) 

Total no. of 

orbitals in the 

shell  

(n2) 

Total no. of 

electrons  in the 

shell  

(2 n2) 
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Atomic Orbitals 
 s Orbitals 

All s orbitals are spherical.   

They increase in size as n  

increases, so 1s< 2s <3s  

 p Orbitals  

These three p orbitals are identical in size, shape, and energy; they 
differ from one another only in orientation. 

Each p orbital can be thought of as two lobes on opposite sides of 
the nucleus. 

They increase in size  

as n increases, so   

2p< 3p< 4p. 

 

1s 
2s 

3s 
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Atomic Orbitals 

d Orbitals 
All the five d orbitals in an atom are identical in 
energy. They differ from one  another in orientation. 
They increase in size as n increases. 
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Notes  
 When we write the subshell, we write first the n number 

followed by the symbol of the l number. 

 For example: 

 In 2s and 2p subshells, 2 denotes the value of n, and s 
and p denote the symbol of l number. 

 The four quantum numbers n, l , ml , and ms enable us to 
label completely an electron in any orbital in any atom.  

 In a sense, we can regard the set of four quantum numbers 
as the “address” of an electron in an atom. 

 We use the simplified notation (n, l , ml, ms). 
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The Energies of Orbitals 
 The energy of an electron in many-

electron atoms in such an atom 
depends on n and l values. 

 For the same subshell (l), the 
energy increases as n increase. 
(1s<2s<3s). 

 In the same shell (n), the energy 
increase as l increase (3s<3p<3d). 

 Between subshells in different 
shells, there are overlap. For 
example, the 3d energy level is very 
close to the 4s energy level.  

 It turns out that the total energy of 
an atom is lower when the 4s 
subshell is filled before a 3d 
subshell (the energy of repulsion between the 
electrons in d orbitals make increase in the atom 
energy). 93 



Ground state and excited state 
 A ground state of an atom is the lowest possible energy 

(stable state) of an atom in which all the electrons in the 
atom are as close to the nucleus as possible. 

 An excited state of an atom in which the electronic 
configurations gives the atom a higher energy than the 
ground state. 
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Ground state Electron Configuration 
 The Ground state electron 

configuration of the atom 
determines how the electrons are 
distributed among the various 
atomic orbitals. It is important to 
understand electronic behavior. 

 The next figure shows the order 
in which atomic subshells are 
filled in a many-electron atom.  

 Start with the 1s orbital and move 
downward, following the 
direction of the arrows. 
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Electron Configuration 
 To write the electron configuration we write the symbol of the 

subshell (n+ symbol of l) and provide the number of its electrons in 
the superscript as follows: 
 
 
 

 
 

 The electron configuration can also be represented by an orbital 
diagram that shows the spin of the electron: 

    
 
 

 The upward arrow denotes one of the two possible spinning motions of the electron. 
(Alternatively, we could have represented the electron with a downward arrow.) The 
box represents an atomic orbital. 
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The Building-Up Principle 
 It is used in writing electron configurations for 

the elements. This process is based on the 
Aufbau principle.  

 The Aufbau principle dictates that as protons 
are added one by one to the nucleus (as Z 
increase) to build up the elements, electrons are 
similarly added to the atomic orbitals. 

 The electron configurations of elements (except 
hydrogen and helium) could be represented by a 
noble gas core, which shows in brackets the 
noble gas element that most nearly precedes the 
element being considered, followed by the 
symbol for the highest filled subshells in the 
outermost shells. 
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The Pauli Exclusion Principle 
 This principle states that no two electrons in an atom can 

have the same four quantum numbers.  

 If two electrons in an atom should have the same n, l , and 
ml values (that is, these two electrons are in the same 
atomic orbital), then they must have different values of 
ms.  

 In other words, only two electrons may occupy the same 
atomic orbital, and these electrons must have opposite 
spins.  

 Consider the helium atom, which has two electrons. The 
right way of placing two electrons in the  

1s orbital are as follows: 
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Hund’s rule 
 This rule states that the most stable arrangement of 

electrons in subshells is the one with the greatest number 
of parallel spins. 
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Paramagnetism & diamagnetism  
 Atoms in which one or more electrons are unpaired and 

are attracted by a magnet are paramagnetic. 

 

  

 Atoms in which all the electron spins are paired (cancel 
each other) and are slightly repelled by a magnet are 
diamagnetic. 

 

 

100 



Irregularities 
 The electron configuration of chromium (Z=24) is 

[Ar]4s13d5 and not [Ar]4s23d4, as we might expect. A similar 
break in the pattern is observed for copper (Z=29), whose 
electron configuration is [Ar]4s13d10 rather than [Ar]4s23d9.  

 The reason for these irregularities is that a slightly greater 
stability is associated with the half-filled (3d5) and 
completely filled (3d10) subshells. 

 The electron configuration of gadolinium (Z=64) is 
[Xe]6s24f75d1 rather than [Xe]6s24f8. Like chromium, 
gadolinium gains extra stability by having a half-filled 
subshell (4f7). 
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Summary 
General Rules for Assigning Electrons to Atomic Orbitals 

 Each shell or principal level of quantum number n contains n subshells. For example, if n = 2, 

then there are two subshells (two values of l) of angular momentum quantum numbers 0 and 1. 

 Each subshell of quantum number l contains (2l +1) orbitals. For example, if1=1, then there 

are three p orbitals. 

 No more than two electrons can be placed in each orbital. They must have opposite spins, or 

different electron spin quantum numbers. Therefore, the maximum number of electrons is 

simply twice the number of orbitals that are employed. 

 A quick way to determine the maximum number of electrons that an atom can have in a 

principal level n is to use the formula 2n2. 

 No two electrons in the same atom can have the same four quantum numbers. (This is the 

Pauli exclusion principle). 

 The most stable arrangement of electrons in a subshell is the one that has the greatest number 

of parallel spins. This is Hund’s rule. 

 Atoms in which one or more electrons are unpaired are paramagnetic. Atoms in which all the 

electron spins are paired are diamagnetic. 

 In a hydrogen atom, the energy of the electron depends only on its principal quantum number 

n. In a many-electron atom, the energy of an electron depends on both n and its angular 

momentum quantum number l. 

 


