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o Wave Behavior of Matter (de Broglie)
o Heisenberg’s Uncertainty Principle
o Schrödinger’s wave equation
o Orbitals
o Quantum Numbers
o Many-Electron Atoms
o Pauli exclusion principle
o Electron Configurations
o Abnormal Electron Configurations



 suggested that an electron moving about the nucleus 
of an atom behaves like a wave and therefore has a λ 
that depends on its mass, 𝑚𝑚, and on its velocity, 𝑣𝑣:

If radiant energy could, under appropriate conditions, 
behave as though it were a stream of particles 
(photons), could matter, under appropriate 
conditions, possibly show the properties of a wave?

λ =
ℎ
𝑚𝑚𝑣𝑣

The quantity 𝑚𝑚𝑣𝑣 for any object is 
called its momentum



 What is the wavelength of an electron moving with a 
speed of 5.97 × 106 𝑚𝑚 𝑠𝑠−1 ? The mass of the 
electron is 9.11 × 10−31𝑘𝑘𝑘𝑘.

= 1.22 × 10−10 𝑚𝑚 = 0.122 𝑛𝑛𝑛𝑛 = 122 𝑝𝑝𝑝𝑝

λ =
ℎ
𝑚𝑚𝑣𝑣

=
6.626 × 10−34 𝐽𝐽. 𝑠𝑠

9.11 × 10−31 𝑘𝑘𝑘𝑘 5.97 × 106 𝑚𝑚 𝑠𝑠−1
×

1 𝑘𝑘𝑘𝑘 𝑚𝑚2𝑠𝑠−2

1 𝐽𝐽



It is impossible for us to know simultaneously 
both the exact momentum of an electron and 

its exact location in space.

Math. he related the uncertainty in position, ∆𝑥𝑥, 
and the uncertainty in momentum, ∆ 𝑚𝑚𝑣𝑣 , to a 
quantity involving the Planck constant:

∆𝑥𝑥 � ∆ 𝑚𝑚𝑣𝑣 ≥
ℎ

4𝜋𝜋
The result is a model that precisely describes the energy of 
the electron while describing its location not precisely but 
rather in terms of probabilities.



 If the electron has a mass of 9.11 × 10−31𝑘𝑘𝑘𝑘 and moves 
at an average speed of about 5 × 106 𝑚𝑚 𝑠𝑠−1 with an 
uncertainty of 1% in a hydrogen atom. Calculate the 
uncertainty in the position of this electron.

∆𝑥𝑥 ≥ ℎ
4𝜋𝜋�𝑚𝑚 ∆𝑣𝑣 = 6.626×10−34 𝐽𝐽.𝑠𝑠

4𝜋𝜋 9.11×10−31 𝑘𝑘𝑘𝑘 5×104 𝑚𝑚 𝑠𝑠−1
 × 1 𝑘𝑘𝑘𝑘 𝑚𝑚2𝑠𝑠−2

1 𝐽𝐽

∆𝑣𝑣 = 0.01 × 5 × 106 𝑚𝑚 𝑠𝑠−1 = 5 × 104 𝑚𝑚 𝑠𝑠−1

Assume that this is the only important source of uncertainty 
in the momentum ⇒ ∆ 𝑚𝑚𝑣𝑣 = 𝑚𝑚 ∆𝑣𝑣

∆𝑥𝑥 ≥ 1 × 10−9 𝑚𝑚
Because the diameter of a H atom is about 1 × 10−10 𝑚𝑚, the 
uncertainty in the position of the electron in the atom is an 
order of magnitude greater than the size of the atom. Thus, 
we have essentially no idea where the electron is in the atom.



 incorporates both the wave-like and particle-like 
behaviors of the electron.

 opened an approach (quantum mechanics or wave 
mechanics) to dealing with subatomic particles.

 gives a powerful way to view electronic structure.
 treated the electron in a hydrogen atom like a standing 

wave (SW: do not travel in space) as the wave on a 
plucked guitar string.

 SWs (can be either mechanical or electromagnetic) 
form when two waves of the same frequency and 
amplitude interfere with each other, either by traveling 
in opposite directions or by being reflected from a 
boundary.



 As standing wave that has a fundamental frequency and 
higher overtones (harmonics), the electron exhibits a 
lowest-energy standing wave and higher-energy ones.

 As the overtones of the guitar string have nodes, points 
where the magnitude of the wave is zero, so do the 
waves characteristic of the electron.

https://www.walter-
fendt.de/html5/phen/standingwave

reflection_en.htm



 Solving Schrödinger’s equation for the H atom leads to a 
series of mathematical functions called wave functions 
(𝜓𝜓 , psi).

 𝜓𝜓 has no direct physical meaning, yet 𝜓𝜓2 inform about 
the electron’s location when it is in an allowed (as 
predicted by Bohr) energy state.

 𝜓𝜓2 (called the probability density or the electron 
density) represents the probability that the electron will 
be found at a certain location of space at a given instant.

 Bohr model assumed that the electron is in a circular 
orbit of some particular radius about the nucleus. In 
contrast, the quantum-mechanical model assumed the 
electron’s location cannot be described so simply.





 The solution to Schrödinger’s equation for H atom yields 
a set of 𝜓𝜓 called orbitals. Each orbital has a characteristic 
shape and energy. 

 For example, the lowest-energy orbital in the H atom has 
the spherical shape and an energy of −2.18 × 10−18 J. 

 Note that an orbital that is visualized as “electron 
clouds” according to the quantum- mechanical model 
describes electrons in terms of probabilities because the 
motion of the electron in an atom cannot be precisely 
determined (Heisenberg’s uncertainty principle).

 This is not the same as an orbit (as in Bohr model), 
which visualizes the electron moving in a physical orbit, 
like a planet around a star.



 𝑛𝑛 can have positive integral values 1, 2, 3, . . . . ∞
 As 𝑛𝑛  increases, the orbital becomes larger, and the 

electron spends more time farther from the nucleus.
 An increase in 𝑛𝑛 also means that the electron has a 

higher energy and is therefore less tightly bound to the 
nucleus.

𝐸𝐸𝑛𝑛 = −2.18 × 10−18 1
𝑛𝑛2

 For the hydrogen atom, as in the Bohr model:



 𝑙𝑙 can have integral values from 0 to (𝑛𝑛 − 1) for each 
value of 𝑛𝑛. 𝑙𝑙 defines the shape of the orbital. 

 The value of 𝑙𝑙  for a particular orbital is generally 
designated by the letters 𝑠𝑠 (sharp), 𝑝𝑝  (principal), 𝑑𝑑 
(diffuse), and 𝑓𝑓 (fundamental), corresponding to 𝑙𝑙 values 
of 0, 1, 2, and 3, respectively.

Value of 𝒍𝒍 0 1 2 3
Letter used 𝑠𝑠 𝑝𝑝 𝑑𝑑 𝑓𝑓

 can have integral values between −𝑙𝑙 and 𝑙𝑙, including 
zero.

 𝑚𝑚𝑙𝑙  describes the orientation of the orbital in space.

𝑚𝑚𝑙𝑙



 The collection of orbitals with the same value of 𝑛𝑛 
is called an electron shell. All the orbitals that have 
𝑛𝑛 = 3, for example, are said to be in the third shell. 

 The set of orbitals that have the same 𝑛𝑛 and 𝑙𝑙 
values is called a subshell. Each subshell is 
designated by a number (the value of 𝑛𝑛) and a 
letter (𝑠𝑠, 𝑝𝑝, 𝑑𝑑, or 𝑓𝑓, corresponding to the value of 
𝑙𝑙).

 For example, the orbitals that have 𝑛𝑛 = 3 and 𝑙𝑙 = 2 
are called 3𝑑𝑑 orbitals and are in the 3𝑑𝑑 subshell.





 The shell with 𝑛𝑛 consists of exactly 𝑛𝑛 subshells. 
Each subshell corresponds to a different allowed 
value of 𝑙𝑙 from 0 to (𝑛𝑛 − 1). 

 The first shell (𝑛𝑛 = 1) consists of only one 
subshell, the 1𝑠𝑠 (𝑙𝑙 = 0).

 The second shell (𝑛𝑛 = 2 ) consists of two 
subshells, the 2𝑠𝑠 (𝑙𝑙 = 0) and 2𝑝𝑝 (𝑙𝑙 = 1).

 The third shell consists of three subshells, 3𝑠𝑠, 
3𝑝𝑝, and 3𝑑𝑑 , and so forth.



o Each subshell consists of a specific number of 
orbitals. Each orbital corresponds to a different 
allowed value of 𝑚𝑚𝑙𝑙. 

o For a given value of 𝑙𝑙, there are (2𝑙𝑙 + 1) allowed 
values of 𝑚𝑚𝑙𝑙, ranging from −𝑙𝑙 to +𝑙𝑙. Thus, each 𝑠𝑠 
(𝑙𝑙 = 0) subshell consists of one orbital; each 𝑝𝑝 (𝑙𝑙 =
1) subshell consists of three orbitals; each 𝑑𝑑 (𝑙𝑙 = 2) 
subshell consists of five orbitals, and so forth.

o The total number of orbitals in a shell is 𝑛𝑛2. The 
resulting number of orbitals for the shells—1, 4, 9, 
16—is related to a pattern seen in the periodic table: 
We see that the number of elements in the rows of 
the periodic table—2, 8, 18, and 32—equals twice 
these numbers.



• When e occupies 
the lowest-
energy orbital 
(1𝑠𝑠, normally at 
ordinary T) the H 
atom is said to 
be in its ground 
state. 

• When e occupies 
any other orbital, 
the atom is in an 
excited state.



 Which set of quantum numbers is a valid 
description of an orbital?

(a) 𝑛𝑛 = 2; 𝑙𝑙 = 2; 𝑚𝑚𝑙𝑙= 0      (b) 𝑛𝑛 = 0; 𝑙𝑙 = 2; 𝑚𝑚𝑙𝑙 = 2 
(c) 𝑛𝑛 = 3; 𝑙𝑙 = 2; 𝑚𝑚𝑙𝑙 = 1     (d) 𝑛𝑛 = 2; 𝑙𝑙 = 0; 𝑚𝑚𝑙𝑙 = 1

(c) 𝑛𝑛 = 3; 𝑙𝑙 = 2; 𝑚𝑚𝑙𝑙 = 1 



 All 𝑠𝑠 orbitals are spherically symmetric and 
centered on the nucleus.

Radial probability functions for the 1𝑠𝑠, 2𝑠𝑠, and 3𝑠𝑠 orbitals of 
H atom. As 𝑛𝑛 increases, the most likely distance at which to 
find the electron (highest peak) moves farther from nucleus.

1 peak
0 node 2 peaks

1 node

3 peaks
2 node

Node: Probability of finding e =0



 For an 𝑛𝑛𝑠𝑠 orbital, the number of peaks is equal to 
𝑛𝑛, with the outermost peak being larger than inner 
ones.

 For an 𝑛𝑛𝑠𝑠 orbital, the number of nodes is equal to 
𝑛𝑛 − 1.

 As 𝑛𝑛 increases, the electron density becomes more 
spread out; that is, there is a greater probability of 
finding the electron further from the nucleus.

A widely used method of representing orbital shape by 
drawing a boundary surface that encloses some 
substantial portion, say 90%, of the electron density 
for the orbital.



All the orbitals have the same shape, but they differ in 
size, becoming larger as 𝑛𝑛 increases, reflecting the fact 
that the electron density becomes more spread out as 
𝑛𝑛 increases.



 Each 𝑝𝑝 subshell has 3 orbitals, corresponding to the 
three allowed values of 𝑚𝑚𝑙𝑙: −1, 0, and 1.

 The distribution of electron density for a 2𝑝𝑝 orbital is not 
spherically, but the density is concentrated in two 
regions on either side of the nucleus, separated by a 
node at the nucleus. 

 We say that this dumbbell-shaped orbital has two lobes. 

Contour representationse density model



 When 𝑛𝑛 is 3 or greater, d orbitals appear (for 
which 𝑙𝑙 = 2). There are five 3𝑑𝑑 orbitals, five 4𝑑𝑑 
orbitals, and so forth, because in each shell there 
are five possible values for the 𝑚𝑚𝑙𝑙  quantum 
number: −2, −1, 0, 1, and 2.

 The different d orbitals in a given shell have 
different shapes and orientations in space. 

 4 of the d-orbital contour representations have a 
“four-leaf clover” shape, with four lobes, and 
each lies primarily in a plane.





 The 𝑑𝑑𝑥𝑥𝑥𝑥, 𝑑𝑑𝑥𝑥𝑧𝑧, and 𝑑𝑑𝑦𝑦𝑧𝑧 orbitals lie in the xy, xz, 
and yz planes, respectively, with the lobes 
oriented between the axes. 

 The lobes of the 𝑑𝑑𝑥𝑥2−𝑦𝑦2 orbital also lie in the xy 
plane, but the lobes lie along the x and y axes.

 The 𝑑𝑑𝑧𝑧2  orbital looks very different from the 
other four: It has two lobes along the z axis and a 
“doughnut” in the xy plane. 

 Even though the 𝑑𝑑𝑧𝑧2  orbital looks different from 
the other 𝑑𝑑 orbitals, it has the same energy as 
the other four 𝑑𝑑 orbitals.



 The shapes of the orbitals are the same as those 
for hydrogen, but their energies are different due 
to electron–electron repulsions.
o In hydrogen, the energy of an orbital depends 

only on its 𝑛𝑛 (3s, 3p, and 3d subshells all have 
the same energy, degenerate). 

 For a given value of 𝑛𝑛, the energy of an orbital 
increases with increasing value of 𝑙𝑙.

 All orbitals of a given subshell (as the 5 3𝑑𝑑 
orbitals) have the same energy, just as they do in 
the hydrogen atom (degenerate).





 Spectral lines of many electron atoms that were 
originally thought to be single were actually closely 
spaced pairs. ⇒ There were twice as many energy 
levels as there were “supposed” to be.

 In 1925, It is postulated that electrons have an intrinsic 
property, called electron spin, that causes each 
electron to behave as if it were a tiny sphere spinning 
on its own axis.

 By now, it is learnt that electron spin is quantized, that 
led to the assignment of the spin magnetic quantum 
number, 𝑚𝑚𝑠𝑠 = ⁄1 2  or ⁄−1

2 (indicating the two opposite 
directions in which the electron can spin).



 A spinning charge produces a magnetic field. The two 
opposite directions of spin therefore produce two 
oppositely directed magnetic fields that lead to the 
splitting of spectral lines.



No two electrons in an atom can have the same set 
of four quantum numbers 𝑛𝑛, 𝑙𝑙, 𝑚𝑚𝑙𝑙, and 𝑚𝑚𝑠𝑠.

 If for a given orbital where 𝑛𝑛, 𝑙𝑙 and 𝑚𝑚𝑙𝑙  are fixed, 
and to put more than one electron in an orbital 
and satisfy the Pauli exclusion principle, they 
should take different our only choice is to assign 
different 𝑚𝑚𝑠𝑠 values.

 Because there are only two 𝑚𝑚𝑠𝑠 values, an orbital 
can hold a maximum of two electrons, and they 
must have opposite spins.



 The way electrons are distributed among the 
various orbitals of an atom.

The most stable electron configuration—the ground 
state—is that in which the electrons are in the lowest 

possible energy states.
Orbitals are filled in order of increasing energy, with 

no more than two electrons per orbital.

↿⇂
1𝑠𝑠

↿
2𝑠𝑠

1𝑠𝑠2 2𝑠𝑠1

↿ 𝑚𝑚𝑠𝑠 = �1
2

𝑚𝑚𝑠𝑠 = �−1
2⇂

spin-up

spin-down

↿⇂



 When filling degenerate orbitals, the lowest energy 
is attained when the number of electrons having 
the same spin is maximized.

↿⇂
1𝑠𝑠

↿
2𝑠𝑠

1𝑠𝑠2 2𝑠𝑠1
2𝑝𝑝 3𝑠𝑠

↿⇂
1𝑠𝑠

↿⇂
2𝑠𝑠

1𝑠𝑠2 2𝑠𝑠2
2𝑝𝑝 3𝑠𝑠

↿⇂
1𝑠𝑠

↿⇂
2𝑠𝑠

1𝑠𝑠2 2𝑠𝑠2 2𝑝𝑝1↿
2𝑝𝑝 3𝑠𝑠



↿⇂
1𝑠𝑠

↿⇂
2𝑠𝑠

1𝑠𝑠2 2𝑠𝑠22𝑝𝑝2↿ ↿
2𝑝𝑝 3𝑠𝑠

↿⇂
1𝑠𝑠

↿⇂
2𝑠𝑠

1𝑠𝑠2 2𝑠𝑠22𝑝𝑝3↿ ↿ ↿
2𝑝𝑝 3𝑠𝑠

↿⇂
1𝑠𝑠

↿⇂
2𝑠𝑠

1𝑠𝑠2 2𝑠𝑠2 2𝑝𝑝4↿⇂ ↿ ↿
2𝑝𝑝 3𝑠𝑠

↿⇂
1𝑠𝑠

↿⇂
2𝑠𝑠

1𝑠𝑠2 2𝑠𝑠2 2𝑝𝑝6↿⇂ ↿⇂ ↿⇂
2𝑝𝑝 3𝑠𝑠

↿⇂
1𝑠𝑠

↿⇂
2𝑠𝑠

1𝑠𝑠2 2𝑠𝑠2 2𝑝𝑝6 3𝑠𝑠1 ↿⇂ ↿⇂ ↿⇂ ↿
2𝑝𝑝 3𝑠𝑠



1𝑠𝑠2 2𝑠𝑠1 [He] 2𝑠𝑠1

1𝑠𝑠2 2𝑠𝑠2 2𝑝𝑝6 3𝑠𝑠1 [Ne] 3𝑠𝑠1 

Elements having the same type of electron 
configuration in the outermost occupied 
shell have similar chemical properties. 



↿⇂[Ar] 
4𝑠𝑠

↿
3𝑑𝑑

[Ar] 4𝑠𝑠2 3𝑑𝑑5↿ ↿ ↿ ↿

↿⇂[Ar] 
4𝑠𝑠

↿⇂
3𝑑𝑑

↿⇂ ↿⇂ ↿⇂ ↿⇂ [Ar] 4𝑠𝑠2 3𝑑𝑑10



 The 4𝑓𝑓 subshell starts to filling in the sixth row of 
the periodic table after 55Cs: [Xe] 6𝑠𝑠1 and 56Ba: 
[Xe] 6 𝑠𝑠2  with seven degenerate 4 𝑓𝑓 orbitals 
corresponding to the seven allowed 𝑚𝑚𝑙𝑙  values 
(from 3 to −3).

 The 14 elements corresponding to the filling of the 
4𝑓𝑓 orbitals are known as either the lanthanide 
elements or the rare earth elements.

[Xe] 6𝑠𝑠2 5𝑑𝑑1
57

[Xe] 6𝑠𝑠2 5𝑑𝑑1 4𝑓𝑓1
58

[Xe] 6𝑠𝑠2 4𝑓𝑓3
59



 After the lanthanide series, the third transition 
element series is completed by the filling of the 5𝑑𝑑 
orbitals, followed by the filling of the 6𝑝𝑝 orbitals. 
This brings us to radon (86Rn), the heaviest naturally 
occurring noble-gas element.

 The final row of the periodic table begins by filling 
the 7𝑠𝑠  orbitals. The actinide (89Ac) elements, of 
which uranium (U, element 92) and plutonium (Pu, 
element 94) are the best known, are then built up by 
completing the 5𝑓𝑓 orbitals.

 All of the actinide elements are radioactive, and 
most of them are not found in nature.



 Elements in the same column of the table have 
related outer-shell (valence) electron configurations.



Also called main-
group elements

The electron 
configuration 

of an                                                            
element can 

be known 
from its 

position in PT



 Use the periodic table to write the electron 
configuration of selenium (Se, element 34).

34Se: [Ar] 4𝑠𝑠2 3𝑑𝑑10 4𝑝𝑝4



 Use the periodic table to write the electron 
configuration of Bithmus (Bi, element 83).

83Bi : [54Xe] 6𝑠𝑠24𝑓𝑓14 5𝑑𝑑10 6𝑝𝑝3

83Bi : [54Xe] 4𝑓𝑓14 5𝑑𝑑10 6𝑠𝑠2 6𝑝𝑝3



For representative elements we do not consider the 
electrons in completely filled 𝑑𝑑 or 𝑓𝑓 subshells to be 

valence electrons, and for transition elements we do 
not consider the electrons in a completely filled 𝑓𝑓 

subshell to be valence electrons. 

[Ne] 3𝑠𝑠2 3𝑝𝑝5 [Ar] 3𝑑𝑑10 4𝑠𝑠2 4𝑝𝑝5



 Elements in the same column of the table have 
related outer-shell (valence) electron configurations.

[Ar] 4𝑠𝑠1 3𝑑𝑑5 ↿[Ar] 
4𝑠𝑠

↿
3𝑑𝑑

↿ ↿ ↿ ↿

[Ar] 4𝑠𝑠1 3𝑑𝑑10 ↿[Ar] 
4𝑠𝑠

↿⇂
3𝑑𝑑

↿⇂ ↿⇂ ↿⇂ ↿⇂

This is largely a consequence of the closeness of the 3𝑑𝑑 
and 4𝑠𝑠 orbital energies. It frequently occurs when there 
are enough electrons to form precisely half-filled sets of 
degenerate orbitals (as in chromium) or a completely-
filled 𝑑𝑑 subshell (as in copper).
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