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Light Waves
Frequency and 

Wavelength

c = λ ν



Amplit de (Intensit )Amplitude (Intensity) 
of a Wave



Steps to our modern picture of the atom:
The Electromagnetic SpectrumThe Electromagnetic Spectrum



SpectraSpectra



The Balmer Series of Hydrogen Lines
• In 1885, Johann Jakob Balmer (1825 ‐ 1898), 

worked out a formula to calculate the positions 
f th t l li f th i ibl h dof the spectral lines of the visible hydrogen 

spectrum
2
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Where   m = an integer, 3, 4, 5, …
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• In 1888, Johannes Rydberg generalized 
Balmer’s formula to calculate all the lines of 
the hydrogen spectrumthe  hydrogen spectrum
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Where RH = 109677.58 cm‐1
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The Quantum Mechanical Model
• Max Planck (1858 ‐1947)

– Blackbody radiation – 1900

– Light is emitted in bundles called 
quanta.

e = hν
h = 6.626 x 10-34 J-sec

As the temperature 
decreases the peak of thedecreases, the peak of the 
black-body radiation curve 
moves to lower intensities 
and longer wavelengths. 



The Quantum Mechanical Model
• Albert Einstein (1879‐1955)

The photoelectric effect – 1905
Planck’s equation:    e = hν
Equation for light :   c = λν

Rearrange to  cν =g

Substitute into Planck’s equation

ν
λ

=

e hc
λ

=

From general relativity:  e = mc2

Substitute for e and solve for λ

h

Li h i d f i l ll d h

h
mc

λ =

Light is composed of particles called photons



The Bohr Model ‐ 1913The Bohr Model  1913

• Niels Bohr (1885‐1962)Niels Bohr (1885 1962)



The Bohr Model – Bohr’s Postulates

1. Spectral lines are produced by atoms one at a 
timetime

2. A single electron is responsible for each line

3 The Rutherford nuclear atom is the correct3. The Rutherford nuclear atom is the correct 
model

4 The quantum laws apply to jumps between4. The quantum laws apply to jumps between 
different states characterized by discrete values 
of angular momentum and energyg gy



The Bohr Model – Bohr’s Postulates

5. The Angular momentum is given by
n = an integer: 1 2 3( )h n = an integer: 1, 2, 3, …

h = Planck’s constant2
( )hp n

π
=

6. Two different states of the electron in the atom 
are involved. These are called “allowedare involved.  These are called  allowed 
stationary states”



The Bohr Model – Bohr’s Postulates

7. The Planck‐Einstein equation, E = hν holds for 
emission and absorption.  If an electron makes 
a transition between two states with energies 
E1 and E2, the frequency of the spectral line is 
i bgiven by

hν = E1 – E2
f f th t l liν =  frequency of the spectral line

E =  energy of the allowed stationary state

8.  We cannot visualize or explain, classically (i.e., p , y ( ,
according to Newton’s Laws), the behavior of 
the active electron during a transition in the 
atom from one stationary state to another



Bohr’s calculated radii of 
h d l lhydrogen energy levels

r = n2A0

r = 53 pm r = 4(53) pm
= 212 pm

r = 9 (53) pm
= 477 pm

r = 16(53) pm    
=  848 pm r = 25(53) pm  

= 1325 pm

= 477 pm

r = 36(53) pm           r = 49(53) pm 
= 1908 pm                = 2597 pm



Lyman Series

Balmer Series

Paschen Series

Brackett Series

Pfund Series

Humphrey’s Series



The Bohr Model

The energy absorbed or emitted 
from the process of an electron 
transition can be calculated by the 
equation:

2 2
2 1

1 1( )HE R
n n

Δ = −

where 
RH = the Rydberg constant, 2.18 × 10−18 J, 

2 1n n

H

and 
n1 and n2 are the initial and final energy 
levels of the electron.



The Wave Nature of the Electron
• In 1924, Louis de Broglie (1892‐1987) 

postulated that if light can act as a particle, 
then a particle might have wave properties

• De Broglie took Einstein’s equation
hh

mc
λ =

and rewrote it as  

hλ =

where m = mass of an electron 

mv

v =  velocity of an electron



The Wave Nature of the Electron

• Clinton Davisson (1881‐1958 ) and 
L G (1886 1971)Lester Germer (1886‐1971)
– Electron waves ‐ 1927



• Werner Heisenberg (1901‐1976)
– The Uncertainty Principle, 1927

“The more precisely the position is 
determined the less precisely thedetermined, the less precisely the 
momentum is known in this instant, and 
vice versa.” 

h

4
hx p

π
Δ ⋅ Δ ≥

– As matter gets smaller approaching the

4
hx p
π

Δ ⋅ Δ ≥

– As matter gets smaller, approaching the 
size of an electron, our measuring device 
interacts with matter to affect our 
measurementmeasurement.

– We can only determine the probability of 
the location or the momentum of the 
lelectron



Quantum Mechanics
Erwin Schrodinger (1887-1961)

• The wave equation, 1927
• Uses mathematical equations of waveUses mathematical equations of wave 

motion to generate a series of wave 
equations to describe electron behavior in 
an atoman atom

• The wave equations or wave functions are 
designated by the Greek letter ψ

d2Ψd2Ψ d2Ψ 8π2m

mass of electron potential energy at x,y,zwave function

d2Ψ
dy2

d2Ψ
dx2

d2Ψ
dz2+ +

8π2mΘ

h2 (E-V(x,y,z)Ψ(x,y,z) = 0+

how ψ changes in space total quantized energy of 
the atomic system



Quantum MechanicsQuantum Mechanics

• The square of the wave 
equation, ψ2, gives a 
probability density map of 
where an electron has a 
certain statistical likelihoodcertain statistical likelihood 
of being at any given 
instant in time.instant in time.



Quantum Numbers

• Solving the wave equation gives a set of wave 
f i bi l d h i difunctions, or orbitals, and their corresponding 
energies.

E h bit l d ib ti l di t ib ti f• Each orbital describes a spatial distribution of 
electron density.

• An orbital is described by a set of three quantum• An orbital is described by a set of three quantum 
numbers.

• Quantum numbers can be considered to be• Quantum numbers can be considered to be 
“coordinates” (similar to x, y, and z coodrinates 
for a graph) which are related to where an g p )
electron will be found in an atom. 



Solutions to the Schrodinger Wave Equation

Name Symbol Permitted Values Property

Quantum Numbers of Electrons in Atoms

y p y

principal n positive integers(1,2,3,…) Energy level 

angular l integers from 0 to n 1 orbital shape (probabilityangular 
momentum

l integers from 0 to n-1 orbital shape (probability 
distribution) 
(The l values 0, 1, 2, and 3 
correspond to s, p, d, and f 
orbitals, respectively.)

magnetic ml
integers from -l to 0 to +l orbital orientation

spin ms
+1/2 or -1/2 direction of e- spin



Looking at Quantum Numbers

• The principal quantum number, n, 
describes the energy level on which thedescribes the energy level on which the 
orbital resides.

h i h l ( l )• The azimuthal (or angular momentum) 
quantum number tells the electron’s 

l hiangular momentum. This quantum 
number describes the sublevels or orbitals



Looking at Quantum Numbers
• The values of l, the angular momentum quantum 

number, relate to the most probable electron 
distribution.

• Letter designations are used to designate the different 
values of l and therefore the shapes of orbitalsvalues of l and, therefore, the shapes of orbitals. 

Value 
of l

Orbital (subshell)
Letter designation

Orbital Shape Name*
* From 
emission 

0 s sharp

1 p principal

spectroscopy 
terms

1 p principal

2 d diffuse

3 f fine



Looking at Quantum Numbers
• The Magnetic Quantum Number, ml  , describes the 

orientation of an orbital with respect to a magnetic field p g

• This translates as the three‐dimensional orientation of 
the orbitals, or, in other terms, the different p, d, or f
bit lorbitals.

Values of l Values of ml Orbital 
d i ti

Number of 
bit ldesignation orbitals

0 0 s 1

1 ‐1, 0, +1 p 3

2 ‐2, ‐1, 0, +1, +2 d 5

3 ‐3, ‐2, ‐1, 0, +1, +2, +3 f 7



Quantum Numbers and Subshells
• Orbitals with the same value of n form a shell

• Different orbital types within a shell are called subshells.Different orbital types within a shell are called subshells.





s Orbitalss Orbitals

• Value of l = 0.

• Spherical in shape.

• Radius of sphere increases 
with increasing value of n.





p Orbitals
• Value of l = 1.

• Have two lobes with a node between them.Have two lobes with a node between them.

ProbabilityProbability 
distribution

Boundary surface diagram – electron is within 
this area 90% of the time



p Orbitals



d Orbitals
• Value of l is 2



f Orbitals

• Value of l is 3• Value of l is 3.
• There are 

seven possible 
f bit lf orbitals



A Summary 
of Atomic 

Orbitals from 
1s to 3d



Energies of Orbitalsg

F l t• For a one‐electron 
hydrogen atom, 
orbitals on the sameorbitals on the same 
energy level are  
degenerate. (They 
have the same 
energy)



Energies of Orbitalsg
• As the number of 
electrons increaseselectrons increases, 
though, so does the 
repulsion between 
hthem.

• Therefore, in many‐
electron atoms orbitalselectron atoms, orbitals 
on the same energy 
level are no longer 
degenerate.

• Orbitals in the same 
subshell are degeneratesubshell are degenerate



The Spin Quantum Number mThe Spin Quantum Number, ms

h i di d• In the 1920s, it was discovered 
that two electrons in the same 
orbital do not have exactly the y
same energy.

• The “spin” of an electron 
describes its magnetic fielddescribes its magnetic field, 
which affects its energy.

• Electrons with opposite spin pp p
can pair up.



• Otto Stern (1888‐1969) and• Otto Stern (1888‐1969) and 
Walther Gerlach (1889‐1979)
– Stern‐Gerlach experiment, 1922p ,



• Wolfgang Pauli (1900‐1958)

P li E l i P i i l 1925– Pauli Exclusion Principle, 1925
“There can never be two or more 
equivalent electrons in an atom forequivalent electrons in an atom for 
which in strong fields the values of all 
quantum numbers n, k1, k2, m1 (or, 

i l tl k ) thequivalently, n, k1, m1, m1) are the 
same.”



Number of Electrons in Energy Levels 1‐5
Energy Subshells Available  Max. no.  Max. no. gy
level, n  orbitals electrons

for orbitals
electrons  
for E level

1 s 1 2 2

2 s
p

1
3

2
6

8

3 s 1 2 18
p
d

3
5

6
10

4 s 1
3

2
6

32
p
d
f

3
5
7

6
10
14

5 s 1 2 505 s
p
d
f

1
3
5
7

2
6
10
14

50

g* 9 18

*This orbital is not occupied in the ground state electron configuration of any element



Electron Configurations

• Electron configurations are 
important as they are related to the The total p y
physical properties of the element

• Electron configurations determine 
th h i l ti f th

The number of 
the energy level

The total 
number of 
electrons in 
that subshell

the chemical properties of the 
element

• The electron configuration notation 3p2 g
includes:
– The number of the energy level

The letter designation of the subshell

3p
– The letter designation of the subshell

– A number denoting the total number of 
electrons in that subshell

The subshell 
being filled 



Orbital Diagrams
• Use a box and arrow 

arrangement to represent a 
O bit l di f lithipicture of the electron 

configuration

• Each box represents one i
1s 2s

Orbital diagram for lithium

• Each box represents one 
orbital.

• The boxes are labeled with 
Li ↑↓      ↑

their subshell designation

• Arrows or half‐arrows 
represent the electrons

Li has 2 
l t

Li has 1 
l t irepresent the electrons.

• The direction of the arrow 
represents the spin of the 

electrons 
in the 1s
sublevel

electron in 
the 2s
sublevel

electron.



Orbital Diagrams
• p, d, and f orbitals are 

degenerate
O bit l di f• Electrons will occupy 

separate orbitals, unpaired, 
before pairing up O

2s 2p

Orbital diagram for oxygen

before pairing up

• It takes more energy for an 
electron to occupy another 

O ↑↓     ↑↓   ↑   ↑
subshell than it does to pair 
up The boxes are labeled 
with their subshell O has 2 

l t
O has 4 

l t iwith their subshell 
designation

• It is only necessary to show 
f

electrons 
in the 2s
sublevel

electron in 
the 2p
sublevel

the orbital diagram for the 
outermost energy level 



Hund’s Rule
Friedrich Hund (1896 ‐ 1997)

For degenerate orbitalsFor degenerate orbitals, 
the lowest energy is 
attained when the 
electrons occupy 
separate orbitals with 
their spins unpaired.p p



Paramagnetism and Unpaired Electrons

P ti b t i tt t d t ti fi ldParamagnetic: substance is attracted to a magnetic field. 
Substance has unpaired electrons.

Diamagnetic: NOT attracted to a magnetic field



Electron Configurations and the Periodic Table

• Energy levels and orbitals are “filled” in order of increasing energyEnergy levels and orbitals are  filled  in order of increasing energy

• Energy increases going down the periodic table from top to bottom



Condensed ground-state electronCondensed ground state electron 
configurations for H to Ar



Electron Configurations and Orbital Diagrams for Na to Ar



Electron Configurations and Orbital Diagrams for K to Nig g



Electron Configurations and Orbital Diagrams for Cu to Kr



A periodic table of partial ground-state electron configurations



The relation between orbital filling and the periodic table



The Half‐Filled Rule



The Filled Rule



Determining Electron Configuration
PROBLEM: Using the periodic table, give the full and condensed electrons 

configurations, partial orbital diagrams showing valence electrons, 
and number of inner electrons for the following elements:

PLAN:

and number of inner electrons for the following elements:

(a)  potassium (K: Z = 19) (b)  molybdenum (Mo: Z = 42) (c)  lead (Pb: Z = 82)

Use the atomic number for the number of electrons and the periodic 

SOLUTION:

Use e a o c u be o e u be o e ec o s a d e pe od c
table for the order of filling for electron orbitals.  Condensed 
configurations consist of the preceding noble gas and outer electrons.

(a)  for K (Z = 19)

1s2 2s2 2p6 3s2 3p6 4s1full configuration

[Ar] 4s1condensed configuration

partial orbital diagram There are 18 inner electrons.

4s1



(b) for Mo (Z = 42)

1s2 2s2 2p6 3s2 3p6 4s2 3d10 4p6 5s1 4d5

[Kr] 5s1 4d5condensed configuration
partial orbital diagram

full configuration

p g

5s1 4d5

There are 36 inner electrons 
and 6 valence electrons.

(c) for Pb (Z = 82)

5s1 4d5

[Xe] 6s2 4f14 5d10 6p2condensed configuration

partial orbital diagram

full configuration 1s2 2s2 2p6 3s2 3p6 4s2 3d10 4p6 5s2 4d10 5p6 6s2 4f14 5d10 6p2

partial orbital diagram

6s2 6p2

There are 78 inner electrons 
and 4 valence electrons.

6s 6p



Glenn T. Seaborg (1912‐1999)g ( )

Extending the periodic table

Watch: Island of Stability A video from NOVA explaining how heavy elements are made. 
The link to the NOVA website is http://www.pbs.org/wgbh/nova/sciencenow/3313/02.html



J. Mauritsson, P. Johnsson, E. Mansten, M. Swoboda, T. Ruchon, A. L’Huillier, and K. J. 
Schafer Coherent Electron Scattering Captured by an Attosecond QuantumSchafer, Coherent Electron Scattering Captured by an Attosecond Quantum 
Stroboscope, PhysRevLett.,100.073003, 22 Feb. 2008
http://www.atto.fysik.lth.se/


