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Goals

In atoms, there are electrons 

(e.g., 8 electrons in neutral oxygen atom). 

1.Where are they located?

2.How can we describe it?

3.Atomic orbitals (AOs)



Frequency Wavelength

Number of complete cycles per second

Unit: Hz (the same as sec-1)

Distance between two peaks

Light as Wave: Maxwell
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Speed of Light



▪ Different energies and wavelengths

▪ Travels through space at speed of light in vacuum

▪ c = speed of light = 2.9979 x 108 m/s  3 x 108 m/s

Light: Electromagnetic Radiation



Light frequency and 

wavelength

o What is the frequency of 488 nm blue 

light?

(Note: 1 nm = 10-9 m)

 



Light as Particle (Photons)

o Max Planck

o Einstein

Nobel Prize in Physics

In 1918

Nobel Prize in Physics

In 1921



Photoelectric Effect by Einstein

Blue light (high energy) could eject 

electrons, but red light (low energy) 

couldn’t.



White Light (Sunlight): 

Produces continuous spectrum
• White light can be separated by prism 

• Band of ’s that human eyes can see 

• 400 to 700 nm

• Make up spectrum of colors

• 700 nm ROYGBIV 400 nm



Every element produces different 

colors by flame tests, why?

Na K Li Ba



Line Spectrum
• Spectrum that has only a few discrete lines

• Also called atomic spectrum or emission 

spectrum

• Each element has unique emission spectrum  

hydrogen atoms



Examples of Spectra



Significance of Atomic Spectra

• Atomic line spectra tells us

– When excited atom loses energy

• Only fixed amounts of energy can be lost

• Only certain energy photons are emitted 

• Electron restricted to certain fixed energy levels in 

atoms

– Energy of electron is quantized



What Does “Quantized” Mean?

• Energy is quantized if 

only certain discrete 

values are allowed 

• Presence of 

discontinuities makes 

atomic emission 

quantized

continuous energy

quantized energy



Quantum Mechanical Explanation 

of Atomic Spectra

• Each wavelength in the spectrum of an atom 

corresponds to an electron transition between orbitals

• When an electron is excited, it transitions from an orbital 

in a lower energy level to an orbital in a higher energy 

level

• When an electron relaxes, it transitions from an orbital 

in a higher energy level to an orbital in a lower energy 

level

• When an electron relaxes, a photon of light is released 

whose energy equals the energy difference between the 

orbitals



Electronic Structure of Atom 

Most information comes from: 

1. Study of light absorption

– Electron absorbs energy

– Moves to higher energy 

“excited state” 

2. Study of light emission

– e− loses photon of light

– Drops back down to lower 

energy “ground state”

ground state

excited state

+h

−h

excited state

ground state



• Energy is quantized

• Absorption of photon: Low>high

• Emission of photon: High>low

• Yields line spectra (not continuous)

Bohr Model of Hydrogen Atom 

low

energy

high

energy



How Do We Describe an Electron?

• So small, it has both wave and particle 

properties 

• Confining electron makes its behavior more 

wavelike (electrons in atoms or molecules)

• Free electrons behave more like particles



Solutions to the Wave Function, Y

• Atomic orbitals: The locations that electrons in 

atoms/molecules are found

• The size, shape, and orientation of an atomic orbital 

are determined to be three integers in the wave 

function

• Three integers are called quantum numbers

– principal quantum number, n

– angular momentum quantum number, l

– magnetic quantum number, ml

– spin quantum number, ms (it was not proposed 

this time, but later it was proposed, +1/2 or -1/2) 



Principal Energy Levels in Hydrogen



Quantum Leaps



Emission spectrum of hydrogen

When the excited electron falls to

a lower energy level, light of 

a particular energy is emitted.



Hydrogen Energy Transitions



Atomic Orbitals and Quantum Numbers from 

Schrödinger’s Electron Wave Function

o Principal quantum number (n)

• n is positive integer number (n = 1, 2, 3, …....)

• As n increases, electron density is further 

away from the nucleus and electron has 

higher energy.

o Secondary (angular momentum) quantum 
number (l)

• 0 to n-1 

• l is designated by letter

• Defines shape of orbital

l 0 1 2 3 4 5

Orbital s p d f g h



Orbitals and Quantum Number

o Magnetic quantum number (ml)

• Has integer values: -l, -l+1 …..l-1, l including 0

• Describes the orientation of orbital in the 

space

The electron orbitals with a principal quantum number n =1 has
the following available values for l and ml

n l Subshell

designation

ml Number 

of orbitals

1 0 1s 0 1



When n=2, possible l and ml

n l Subshell

Designation

ml Number of 

Orbitals

in a shell

2 0 2s 0 1

1 2p -1, 0 , 1 3

When n=3, possible l and ml?



What are the quantum numbers and names (for 

example, 2s, 2p) of the orbitals in the

n = 3 principal level? How many orbitals exist?



s Orbital Shape



s orbital shape

The probability (y axis) of finding an 

electron for the 1s, 2s, 3s orbitals as a 

function of distance from the nucleus



p Orbital Shape

Note that there is no simple relation between the ml values and the

x, y, and z direction.



d Orbital Shape



f Orbital Shape



Why are Atoms Spherical?



The Phase of an Orbital

• Orbitals are determined from mathematical  wave 

functions

• A wave function can have positive or negative 

values

– as well as nodes where the wave function = 0

• The sign of the wave function is called its phase

• When orbitals interact, their wave functions may be 

in-phase (same sign) or out-of-phase (opposite 

signs)

– this is important in bonding 

• as will be examined in a later chapter



Phases



Atomic Orbitals and Quantum Numbers from 

Schrödinger’s Electron Wave Function

o Principal quantum number (n)

• n is positive integer number (n = 1, 2, 3, …....)

• As n increases, electron density is further 

away from the nucleus and electron has 

higher energy.

o Secondary (angular momentum) quantum 
number (l)

• 0 to n-1 

• l is designated by letter

• Defines shape of orbital

l 0 1 2 3 4 5

Orbital s p d f g h



Orbitals and Quantum Number

o Magnetic quantum number (ml)

• Has integer values: -l, -l+1 …..l-1, l including 0

• Describes the orientation of orbital in the 

space

The electron orbitals with a principal quantum number n =1 has
the following available values for l and ml

n l Subshell

designation

ml Number 

of orbitals

1 0 1s 0 1



When n=2, possible l and ml

n l Subshell

Designation

ml Number of 

Orbitals

in a shell

2 0 2s 0 1

1 2p -1, 0 , 1 3

When n=3, possible l and ml?



Electron Spin and Quantum 

Number
Spin quantum number (ms) : +1/2 or -1/2

Emission spectrum of atoms having 

odd number of electrons show that

lines in the emission spectra split

by the application of magnetic field,

suggesting the existence of two

different electron spins.

Stern-Gerlach Experiment

Nobel prize in physics in 1943



Pauli Exclusion Principle 

• No two e− in same atom can have same set of all 

four quantum numbers (n, l, ml, ms)

• Can only have 2 e− per orbital

• 2 e− s in same orbital must have opposite spin

– e− s are paired

• Odd number of e−s

– Not all spins paired

– Have unpaired e−s

• Even number of e−s

– Depends on number of orbitals



Consequences of Pauli Exclusion 

Principle 



Diamagnetic vs Paramagnetic

• Two e− s in same orbital with different spin

– Spins paired—diamagnetic

– Sample not attracted to magnetic field

– Magnetic effects tend to cancel each other

• Two e− s in different orbital with same spin

– Spins unpaired—paramagnetic

– Sample pulled into magnetic field

– Magnetic effects add

• Measure extent of attraction

– Gives number of unpaired spins



Your Turn!
Which of the following is a valid set of four 

quantum numbers  (n, ℓ, mℓ, ms)?

A. 3, 2, 3, +½

B. 3, 2, 1, 0

C. 3, 0, 0, -½

D. 3, 3, 0, +½

E. 0, -1, 0, -½



Your Turn!
What is the maximum number of electrons 

allowed in a set of 4p orbitals?

A.14

B.6

C.0

D.2

E.10



Ground State Electron 

Configuration of H

1 1s

Principal 

quantum number 

(n =1)

Angular momentum 

quantum number 

(l= 0)

Number of 

electrons in the 

orbital ↑
1s

Electron configuration of H Orbital diagram of H

Box indicates an atomic orbital.

The upward arrow indicates

one of the two possible spins

(ms = ½)



Electron Configuration of Atoms 

Having Many Electrons

Distribution of electrons among the orbitals 

of an atom that yields the lowest energy 

for an atom

Electron configuration should be built up 

by filling electrons in the orbitals from 

lowest to higher energy orbitals (Aufbau 

principle).

Energy order

1s<2s<2p<3s<3p<4s<3d<4p<5s……



Ground State Electron 

Configuration of He

2 1s He

Then, how about the orbital diagram of He atom?

Which one is correct?

↑↑ ↓↓ ↑↓

1s 1s1s

The two electrons cannot have the same four quantum numbers.

In He example, all three quantum numbers (n, l , ml) are the same, 

but spin quantum numbers are different (Pauli Exclusion Principle).



Ground state electron 

configuration of  Li, Be, and B

Li

Be

B



Diamagnetic and Paramagnetic

Paramagnetic substance: contains net unpaired electrons

and are attracted by a magnet.

Diamagnetic substance: do not contain net unpaired electrons

and are slightly repelled by a magnet.



Diamagnetic or paramagnetic? 

H  

He

Li

Be

B



Hund’s rule

The most stable arrangement of electrons in subshell is 

the one with the greatest number of parallel spins.

  

 

C 1s22s22p2

2p2s1s

  

2p



2p



yes

no

no



N, O, F, and Ne

  

 

N 1s22s22p3

  

 

O 1s22s22p4

  

 

F 1s22s22p5

  

 

Ne 1s22s22p6



General Rules for Assigning 

Electrons to Atomic Orbitals

Each shell (principal level of quantum number n) contains 

n subshells (l = 0, 1, 2 , n-1).

Each subshell of quantum number l contains (2l+1) orbitals.

No more than two electrons can be placed in each orbital.

The maximum number of electrons that an atom can have 

in a principal level n is 2n2.



Electron Configuration Using 

Noble Gas Core

  

 

11Na    1s22s22p63s1

  

 

12Mg 1s2 2s2 2p6 3s2

The same electron configuration as “Ne”: core electrons

  

 

Ne  3s2

  

 

Ne  3s1

Valence electrons

Valence electrons



Period 3 elements→ Use Ne

Period 4 elements→ Use Ar

Period 5 elements→ Use Kr

Period 6 elements→ Use Xe

Period 7 elements→ Use Rn



42622

16 3p3s2p2s1s    S

  

 

[Ne]
  

 

[Ne]3s23p4

  

 

19K    1s22s22p63s23p6 4s1

  

 

[Ar]

  

 

[Ar]4s1

Try 14Si and 35Br

Electron Configuration Using 

Noble Gas Core

Valence electrons

Valence electrons



Electron configuration of 

transition and rare earth metals 

(lanthanides)

Representative elements

Transition elements

Lanthanides

Actinides

La

Ac



Electron configuration of transition 

and rare earth metals (lanthanides)

101

29

52

25

51

24

32

23

22

22

1262622

21

3d4s [Ar]Cu    

3d4s [Ar]Mn  

3d4s [Ar]Cr    

3d4s [Ar]      V

3d4s [Ar]     Ti

3d4s3p3s2p2s1s    Sc

  

 

[Ar]

3d4s

    

3d4s

 

Energy order

1s<2s<2p<3s<3p<4s<3d<4p<5s……



Let’s do more practice!

  

 

17Cl

  

 

26Fe

  

 

32Ge



Atomic radii in the periodic table

Unit: pm

1 pm = 10-12 m

Atomic radius is largely determined by the strength of 

attraction between the nucleus and the outer-shell electrons.



Ionic radii

Changes in the sizes of Li and F when they react to form LiF

Li
F

+

Li+
F-

If atom forms an anion, its size increases.

If atom forms a cation, its size decrease.



Isoelectronic ions (same number 

of electrons)

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



Ionization Energy

The minimum energy required to remove an electron from

a gaseous atom in its ground state

  

 

energy+ X(g) → X+ (g)+ e−

energy+ X+(g)→ X2+ (g)+ e−

energy+ X2+(g)→ X3+ (g)+ e−

First ionization (I1)

Second ionization (I2)

Third ionization (I3)

I1<I2<I3<…….

Ionization is always endothermic





Why big jump from second to third 

ionization energy in Be?

  

 

Be+ energy →Be+ + e- : first ionization

Be+ + energy →Be2+ + e- :  second ionization

Be2+ + energy →Be3+ + e- :  third ionization

The same electronic configuration

as noble gas “He”



The first ionization in the 

periodic table

Ionization energy increases with arrows

Nuclear effective charge increases

As principal number decreases, the distance between a valence electron and

nucleus decreases. 



First Ionization Energy

Why decrease?

Note high ionization energy of noble gas

and irregularity in B, and O



Electron affinity

The energy change that occur when an electron is 

accepted by an atom in the gaseous state to form 

an anion

-328kJ/mol=H )g(Fe)g(F →+ −−

More negative, more electron affinity 

(loves electron more)





Electron affinity trend



Homework

TBA


