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In this chapter, we apply quantum mechanics to atomic systems. 

A large portion of the chapter is focused on the application of quantum mechanics to the 
study of the hydrogen atom. 

Understanding the hydrogen atom, the simplest atomic system, is important for several 
reasons:

• The hydrogen atom is the only atomic system that can be solved exactly.

• Much of what was learned about the hydrogen atom can be extended to such single-electron ions as He+ and Li2+.

• The hydrogen atom is an ideal system for performing precise tests of theory against experiment and for improving our 
overall understanding of atomic structure.

• The quantum numbers that are used to characterize the allowed states of hydrogen can also be used to investigate more 
complex atoms, and such a description enables us to understand the periodic table of the elements. This understanding is
one of the greatest triumphs of quantum mechanics.

• The basic ideas about atomic structure must be well understood before we attempt to deal with the complexities of 
molecular structures and the electronic structure of solids.
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Atomic Spectra of Gases

Emission Spectroscopy → when a low-pressure gas undergoes an electric 
discharge, a discrete line spectrum is observed

- Electric discharge occurs when the gas is subject to a potential difference that 
creates an electric field greater than the dielectric strength of the gas.

- Consist of a few bright lines of color on a generally dark background

Absorption Spectroscopy → obtained by passing white light from a 
continuous source through a gas or a dilute solution of the element

- consists of a series of dark lines superimposed on the continuous 
spectrum of the light source

continuous spectrum of radiation emitted by the Sun    → atmosphere    → absorption lines observed in the solar atmosphere

Helium was discovered (1868)
by observation of the various 
absorption lines in the solar spectrum →



In your quantum phys. Lab. 



In 1885, Johann Jacob Balmer (1825–1898), found an empirical equation that correctly predicted the wavelengths of 
four visible emission lines of hydrogen: Hα (red), Hβ (blue-green), H𝛾 (blue-violet), and Hδ (violet)

No theoretical basis existed for these 
equations; they simply worked ☺



http://chemistry.bd.psu.edu/jircitano/periodic4.html →

A nice website to see the spectroscopic lines of elements  ☺

Atomic spectra
↓

fingerprints of elements  

http://chemistry.bd.psu.edu/jircitano/periodic4.html


Early Models of the Atom
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Bohr radius is the radius of 
ground state of Hydrogen atom.



The Quantum Model of the Hydrogen Atom

Potential energy function of hydrogen atom
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Let’s write this function in time independent Schrodinger wave equation:

We won’t solve this equation in this class. We will examine the solution of it.

• Solution of the Schrödinger equation gives the energy levels of allowed states in quantum mechanics.
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A negative energy means that the electron and proton are bound together.



For three dimensional quantum mechanics there are three quantum numbers :

The three quantum numbers:

• n: Principal quantum number

• ℓ: Orbital angular momentum quantum number

• mℓ: Magnetic (azimuthal) quantum number

➔ The restrictions for the quantum numbers:

• n = 1, 2, 3, 4, . . . 

• ℓ = 0, 1, 2, 3, . . . , n − 1

• mℓ = −ℓ, −ℓ + 1, . . . , 0, 1, . . . , ℓ − 1, ℓ

The energy levels are:

Example:

n=1→l=0, ml=0

Values are allowed

➔ Equivalently:

• n > 0

• ℓ < n

• |mℓ| ≤ ℓ

All states with the same principal quantum number n are said to
form a shell, the states with given values of n and ℓ are said to
form a subshell.

n Shell symbol ℓ Subshell symbol

1 K 0 s

2 L 1 p

3 M 2 d

4 N 3 f

5 O 4 g

6 P 5 h

Example: Questions:

3p→ n=3, l=1 Does 2d state allowed? 

2s→ n=2, l=0 Why?



Example: How many allowed energy states are there for n=2 quantum number?

n=2

l=0

2s

l=1

2p

ml=0 ml=-1 ml=0 ml=1

➔ Equivalently:

• n > 0

• ℓ < n

• |mℓ| ≤ ℓ

n Shell symbol ℓ Subshel symbol

1 K 0 s

2 L 1 p

3 M 2 d

4 N 3 f

5 O 4 g

6 P 5 h

For n=2, we have for states.  Energy of each state is; 



Spin magnetic quantum number (ms)

• Very high resolution spectrometers revealed that spectral lines of gases have two very closely spaced lines even in the

absence of an external magnetic field.

• In 1925 Samuel Goudsmit and George Uhlenbeck introduced the idea of an electron spinning about its own axis to explain

the origin of fine structure. The results of their work introduced yet another quantum number, ms, called the spin magnetic

quantum number.

The energy levels for these two cases are close to each other.Spin up

Spin down

ms=1/2 ms=-1/2

Sommerfield and Dirac, later showed that ms quantum

number is not the result of electrons spin, it is the

result of electron’s relativistic motion.



Example: How many allowed energy states are there for n=2 quantum number?

n=2

L

l=0

2s

l=1

2p

ml=0
ml=-1 ml=0 ml=1

ms= ½     -½ ms= ½     -½    ½      -½    ½     -½ 

Number of electrons 

in subshell

2 6





The Wave Functions for Hydrogen

If we do not consider electron’s spin, the potential energy of Hydrogen atom depends only on the radial distance r

between electron and the nuclei. Therfore, wave functions representing allowed states depends only r.

Wave function corresponding 1s state: 0/
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If r→ , 1s→0

because 1s depends only on r ,  it is spherically symmetric        →

The probability density for the 1s state is;



radial probability density function P( r ) :   the probability per unit radial length of finding the 

electron in a spherical shell of radius r and thickness dr.

the radial probability density function for an s state is ;

probability can be written as; 

the radial probability density function for the hydrogen atom in its ground state:

The probability of finding the electron as a 
function of distance from the nucleus for the 
hydrogen atom in the 1s (ground) state.

The cross section in the xy plane of the 
spherical electronic charge distribution 
for the hydrogen atom in its 1s state

A spherical shell of radius r and 

infinitesimal thickness dr has a 

volume equal to 4𝝅r2 dr.



Wave function of the first excited state (2s) of a Hydrogen atom: 
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All s states have spherical symmetric wave functions but the other states do not have.

What if there are more than one electron?

Helium has a nuclei with 2p and two electrons.

Due to complexity of potential interactions, Schrödinger equation can not
be solved but the approximate solution can be found in terms of single
particle wave functions:
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The Exclusion Principle and the Periodic Table

• the state of a hydrogen atom is specified by four 

quantum numbers: n, l, ml , ms

• the number of states available to other atoms may also 
be predicted by this same set of quantum numbers.

these four quantum numbers can be used to describe all 
the electronic states of an atom, regardless of the number 
of electrons in its structure.

How many electrons can be in a particular quantum state?

Pauli answered this important question in 1925; 

No two electrons can ever be in the same quantum state; therefore, no two 
electrons in the same atom can have the same set of quantum numbers.

Pauli’s Exclusion Principle



If this principle were not valid, an atom could radiate energy until every electron in the atom is in the lowest possible 
energy state and therefore the chemical behavior of the elements would be grossly modified.  
Nature as we know it would not exist.

Pauli’s Exclusion Principle

orbital : the atomic state characterized by the quantum numbers : n, ℓ , mℓ

According to exclusion principle → only two electrons can be present in any orbital.

spin magnetic quantum number of these electrons are:

Because each orbital is limited to two electrons, the number of electrons that can occupy the various shells is also limited!

1s 2s

2p

3s

3p 3d

• n > 0

• ℓ < n

• |mℓ| ≤ ℓ



n Shell symbol ℓ Subshel symbol

1 K 0 s

2 L 1 p

3 M 2 d

4 N 3 f

5 O 4 g

6 P 5 h

1s1principal 
quantum number 

(n)

orbital quantum number
(ℓ)

one e-



Carbon has 6 electrons. 

Do they go into the same orbital with paired spins (↑ ↓)    

or

do they occupy different orbitals with unpaired spins (↑ ↑)

According to experiments →most stable one is  (↑ ↑)

Hund’s Rule
when an atom has orbitals of equal energy, the order in 

which they are filled by electrons is such that a maximum 
number of electrons have unpaired spins.

Some exceptions to this rule occur in elements having 
subshells that are close to being filled or half-filled.



Dimitri Mendeleev 

1860s – 1870s

Invention of Periodic Table

…before quantum mechanics… 

Julius Lothar Meyer



Modern Periodic Table

elements in a column have 
similar chemical properties




