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Chapter 7

1.1 Interaction of Light and Matter

� Accounts for certain objects being colored

� Used in medicine (examples?)

� Allows us to learn about structure of the atom

Chapter 7

1.2 Wavelike Properties of Light
Wavelength, l : peak to peak distance

Amplitude: height of the wave

Frequency, n : the number of wave crests passing a point per unit 
time

Speed of light: 2.998 x 108 ms-1 = c = l  � n

Chapter 7

1.3 The Electromagnetic Spectrum

Speed of light: 2.998 x 108 ms-1 = c = l  � n

Blue light has shorter wavelength than red light
Blue light has higher frequency than red light

Blue light is more energetic than red light

Chapter 7

1.4 The Electromagnetic Spectrum

� Speed of light: 2.998 x 108 ms-1 = c = l  � n

� Convert wavelength to frequency: blue light, 420. nm

� Convert wavelength to frequency: red light,  710. nm
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1.5 Infrared Radiation
Chapter 7

2.1 So Where are the Electrons?

� We know where the protons and neutrons are
� Nuclear structure of atoms (Chapter 2)

� The interaction of light and matter helps us determine 
the electronic structure of atoms

A. The wavelike nature of light
B. Quantization
C. The particle nature of light (photons)

D. Bohr’s model for the hydrogen atom
E. The wavelike properties of the electron
F. The quantum mechanical atom

Chapter 7

2.2 Planck’s Equation

� Classical physics: atoms can absorb and emit 
radiation (light) of any energy – “anything goes”

� Modern (quantum) physics: atoms can absorb or emit 
only radiation (light) of certain frequencies (quantized)

� Climbing devices analogy
Classical Quantized

rope step ladder

� Allowed energies are given by Planck’s equation
E = hn = hc

l

Chapter 7

2.3 Photoelectric Effect
� Light shines on a metal surface
� Minimum energy required to eject an electron
� # of electrons ejected is measured as electrical current
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2.4 Photoelectric Effect
� Some key results
� For low frequency light (low energy, below threshold)

� Electrons are not ejected regardless of the light’s 
intensity (number of light waves)

� For high frequency light (high energy, above threshold)

� Same number of electrons are ejected regardless of 
the frequency (energy of light waves)

� Increasing the light’s intensity increases the number 
of electrons ejected (increases the current)

� Einstein considered light as mass-less, energetic 
particles (photons) to help explain this effect – energy 
follows Planck’s equation

Chapter 7

2.5 Photon Analogy

� 100 ping-pong balls at 1 mile per hour or 1 golf 
ball at 100 miles per hour

Chapter 7

2.6 Photon Energy

� What’s the energy of each photon of blue light?  
Of red light?  Of a mole of photons?

Chapter 7

2.7 Properties of Light

� What’s the difference between blue light and red light?

� What’s the difference between faint blue light and 
bright blue light?
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3.1 Atomic Emission Spectra
Chapter 7

3.2 Atomic Emission Spectra

The hydrogen spectrum correlates with a mathematical relationship 
called Rydberg equation

Chapter 7

3.3 Atomic Emission Spectra

Calculation of emission lines for H

Chapter 7

3.4 Bohr’s Hydrogen Atom 
� The electron circles (orbits) the nucleus

� Only certain “orbits” are allowed (quantized)

� n in the Rydberg equation refers to different allowed 
orbits

� The distance from the nucleus increases as n increases

� Allowed orbits have different energies (E is quantized)

� Light emitted as electron moves from higher E orbit to 
lower E orbit
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3.5 Bohr’s Hydrogen Atom 

400 450 500 550 600 650 700 750

slit

prism

Gas discharge
tube

Bohr concluded that the electron has 
specific, allowable orbits – each with a 
specific energy – with the emission 
spectrum accurately described by the 
Rydberg equation

Chapter 7

3.6 Energies of Allowed Orbits

� n = 2

� n = 3

Chapter 7

4.1 Transition Energies

� Energy absorbed n = 2 ® n = 3

� Wavelength of absorbed light

Chapter 7

� Summary of the visible transitions

4.2  The Bohr Hydrogen Atom
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4.3 Interaction of Light and Matter

absorbed light emitted light

absorbed light

The same energy light is absorbed and emitted

emitted light

Lower energy light is emitted than absorbed

Chapter 7

4.4 How Many Emission Lines?

A B C

Chapter 7

4.5 How Many Absorptions?

A B C

Chapter 7

4.6 Why Are Some Objects Colored?

Corresponds to  l  = 300 nm Corresponds to  l  = 500 nm

Not colored colored
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5.1 Wave Nature of Matter

� Light has wave and particle properties

� Can matter have wave and particle properties?
� de Broglie’s hypothesis: matter has wave-like properties

� Confirmed by electron diffraction experiments

� If you run 15 km/hr, what’s your wavelength?

� Bohr’s model ignores the wave properties of electrons

Chapter 7

6.1 Quantum Mechanical Atom
� Electrons are outside the nucleus

� Electrons can’t be just anywhere – occupy regions of 
space

� Knowing the location and energy of an electron
� Heisenberg uncertainty principle

� Orbitals
� Regions in space where the electron is likely to be found
� Regions are described mathematically as waves

Chapter 7

6.2 Quantum Mechanical Atom
� Electrons described mathematically as waves (wave 

functions)

� Square of the wave function is probability of finding the 
electron in that region 

� Each wave function has an energy

� Only certain energies are allowed

� Solutions to wave functions requires integer quantum 
numbers n, � and m�

Chapter 7

7.1 Quantum Numbers

name values property

Principal, n n = 1, 2, 3, …, ¥ size

Angular momentum, � � = 0, 1, 2, …n-1    shape

Magnetic, m� m� = 0, � 1, � 2 … � � orientation

The quantum numbers result from solutions to mathematical 
equations (Schrodinger’s wave functions)

� Quantum numbers are much like a zip code, describing 
a region of space where the electrons are likely (high 
probability) to be found
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7.2 Quantum Numbers and Orbitals

� Shell

� Subshell

� Orbital

Chapter 7

7.3 Quantum Numbers and Orbitals
� Each distinct set of 3 quantum numbers corresponds 

to an orbital

� Quantum numbers describe the size, shape and 
orientation of orbitals

� Possible quantum numbers for third shell

Chapter 7

7.4 Orbital Shapes
� s orbitals – what’s value of �?

� Any nodal planes?

Chapter 7

7.5 Orbital Shapes
� p orbitals - what’s value of �?

� Where are the nodal planes?
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7.6 Orbital Shapes
� d orbitals - what’s value of �?

� Where are the nodal planes?

Chapter 7

7.7 Third Shell Orbitals

3s

3p

3d

Shell n = 3
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Chapter 7

Summary
� Compare and contrast the Bohr and quantum 

mechanical models

Chapter 7

Summary

� An electron has a 100% probability of being 
somewhere

� ORBITAL: The region in space where an electron is 
likely to be found

� The usual pictures of orbitals show the region where 
the electron will be found 90% of the time

� http://www.falstad.com/qmatom/
� http://winter.group.shef.ac.uk/orbitron/AOs/1s/index.ht

ml
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Summary
� nodes: regions in space where the electron can’t be 

found

� radial probabilities: the probability of finding an 
electron a certain distance from the nucleus

� Different orbitals have different shapes and sizes �
different energies


