
An X-ray image of a large solar flare in 2006  
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Objectives 

1. Generate and share questions about key 
experimental paradoxes of the 20th century 

2. Calculate light wavelength, frequency, energy 

3. Draw, label, and define the key parts of an 
electromagnetic wave (light wave) 

4. Define and explain the relationship between 
matter, light, and energy.  

5. Explain how the photoelectric effect provides 
evidence for the wave-particle duality of light 

6. Define diffraction, interference, and wave-particle 
duality. 



When white light is passed through a glass prism the waves 

are bent by the glass. The shortest wavelength light waves 

are bent the most 

White light is made of many colors 



Image: Copyright © Cengage Learning. All rights reserved 

Electromagnetic Spectrum 



Image: Copyright © Cengage Learning. All rights reserved 

Characteristics of Light Waves 

All light travels at 
the same speed 
 
The number of 
wave crests that 
pass in one second 
is the frequency, ν 
 
Unit: Hertz (Hz) 



E: Oscillating  

Electric Field 

H: Oscillating  

Magnetic Field 

PHET simulation of radio waves:  

http://phet.colorado.edu/en/simulation/radio-waves  
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Electromagnetic Radiation (Light) 

What is light? It is simply one way that energy travels 
through space. 

1. Wavelength ( λ ) – distance between two peaks or 
troughs in a wave.  

2. Frequency (  ν  ) – number of waves (cycles) per 
second that pass a given point in space 

3. Speed ( c ) – speed of light (2.9979×108 m/s) 

 = c 



Is Light a Wave or Particle? 

Energy transmitted 
can have any value 
 
 

Energy transmitted 
can only have 
certain, discrete 
values 

Image copyright © Cengage, Zumdahl, Chemistry, 8e. All rights reserved. 



Evidence Light is a 
Wave: Diffraction 

Image copyright © Cengage, Zumdahl, Chemistry, 8e. All rights reserved. 

http://phet.colorado.edu/

en/simulation/wave-

interference 

http://phet.colorado.edu/en/simulation/wave-interference
http://phet.colorado.edu/en/simulation/wave-interference
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Atomic Spectra 

Elements such as hydrogen only emit and absorb 
certain colors of light. Why? 

 

 

Strange Behavior: Particles and Waves 



Hydrogen 
Light 
Filtered  
Image of the 
Sun 
 
 
 
June 5, 2012 
Venus Transit 



Hot hydrogen gas emits only a few 

colors of light 



Hydrogen Line Spectra 

Hydrogen Absorption Spectrum 

Hydrogen Emission Spectrum 



Hydrogen, Helium and Lithium 
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Visible Spectra of the Elements 

Image: Accessed Dec 7, 2010: http://www.umop.net/spctelem.htm  

http://www.umop.net/spctelem.htm


(Note: The 

wavelength of light 

determines its 

color) 
 

Short wavelength  
 

 

 

High energy 

Blue light is higher energy 

than red light … 

 

That’s why red light is used 

in photographic dark rooms. 



Atomic Spectra 

Photoelectric Effect 

Light of a certain frequency ejects electrons from 
metals 

 

Strange Behavior: Particles and Waves 



Photoelectric Effect 

1. Low frequency light never excites 
electrons from the surface, no matter 
how bright the light. 
 

2. High frequency light always ejects 
electrons from the surface, no matter 
how dim the light.  
 

3. Above the threshold frequency, 
brighter light ejects a higher number 
of electrons. 
 

4. The speed of electrons ejected 
increases linearly as frequency 
decreases. 

http://phet.colorado.edu/en/simulation/photoelectric 

http://phet.colorado.edu/en/simulation/photoelectric


Photoelectric Effect 

Einstein: Ejected electrons 
absorb a chunk of energy 
 

E = hνo      (h = 6.626 x 10-34 J sec) 

 
If incoming light is more energetic, the 
extra energy contributes to the kinetic 
energy of the ejected electrons 

 
KEY POINT 
Light behaves like a particle 
because it delivers energy in 
chunks, i.e., it is quantized.  
 



Atomic Spectra 

Photoelectric Effect 

Double-slit Experiment and Electron Diffraction 

Electrons can act as waves 

http://www.youtube.com/watch?feature=player_embedded&v=DfPeprQ7oGc  

 

Strange Behavior: Particles and Waves 

http://www.youtube.com/watch?feature=player_embedded&v=DfPeprQ7oGc


Electrons as Waves 

Just like light, electrons 
produce diffraction patterns 
when passed through crystals 

 

This is a common method of 
characterizing the crystal 
structure of solids.  

 

Particle diffraction can 
only be explained by 

treating matter as waves 

Aluminum manganese 
“quasicrystals” exhibit 
icosahedral symmetry. 



DE = nh 

Review: Photon Energy 

Light transfers energy through space in small, quantized 
bits. Each quantum of light carries hν energy, according to 
Planck. 

Energy Change 

n = 1, 2, 3 (# of photons) 

frequency 

h = Planck’s constant  
   = 6.626 x 10-34 J.s 

Light can be thought of as a 
series of energy “packets” … 

photons. 



Bohr Model of Hydrogen Atom 

1. H atom has only certain allowable energy levels.   

2. Each energy level is associated with a fixed circular 
orbit of electron around the nucleus. 

3. Electrons do not radiate energy while moving about 
the nucleus. (This contradicts classical physics.) 

4. Electrons jump to other levels by absorbing or 
emitting a photon.   … the “quantum jump” 

5. The energy of absorbed or emitted photons matches 
the energy difference between the two levels. 

 

 En = -2.178 × 10-18(1/n2) Joules, n = 1 … ∞  
 



The Bohr Model of 
the atom 

656  486  434 410  

Principle Quantum #: n  

Numbers the electron energy levels 

Atomic emission spectrum of the hydrogen atom 



Electrons jump energy levels by absorbing or 
emitting energy in the form of light. 

Electrons can jump between energy levels 

Electron energies are “quantized” 



The color of light (λ) emitted depends on the 
difference between energy levels  

Light color reflects energy difference 

Lowest energy level  ground state 
Higher energy levels  excited states 



Objectives 

1. Calculate electron energy levels in hydrogen 

2. Calculate wavelengths of photons emitted from 
hydrogen atom energy levels 

3. Model electrons as standing waves in the atom 

4. Define and explain the Heisenberg Uncertainty 
Principle 

5. Identify Schrodinger wave functions as electron 
orbitals and discuss the physical meaning of the 
wave function. 

6. Discuss wave functions as probability distributions 

7. Explore periodic trends in electron affinity, 
ionization energy, and atomic size 

 



Bohr Model Calculations 

The Bohr model exactly predicts the energy levels 
for the hydrogen atom. 









 

2

2
18J10178.2

n

Z
E

Z = atomic number (1 for H) 

n = integer (1, 2, ….) 

∆𝐸 =  −2.178 𝑥 10−18𝐽 
1

𝑛𝑓𝑖𝑛𝑎𝑙2
−

1

𝑛𝑖𝑛𝑖𝑡𝑖𝑎𝑙2
 



Example: Bohr Model Calculations 

Calculate the wavelength of the light emitted (in 
nm) when a hydrogen atom electron falls from the 
10th to the 4th energy level 

∆𝐸 =  −2.178 𝑥 10−18𝐽 
1

𝑛𝑓𝑖𝑛𝑎𝑙2
−

1

𝑛𝑖𝑛𝑖𝑡𝑖𝑎𝑙2
 

∆𝐸 = −2.178 𝑥 10−18𝐽 
1

42
−

1

102
= − 1.143 𝑥 10−19𝐽 

   

Wavelength: λ =
ℎ𝑐

Δ𝐸
   

6.626𝑥10−34𝐽𝑠∗ 2.998𝑥108  
𝑚

𝑠

1.143𝑥10−19𝐽
 

 

  λ = 1.74 x 10-6 m = 1.74 μm 



Copyright © Cengage Learning. All rights reserved 

 What color of light is emitted when an excited 
electron in the hydrogen atom falls from: 

 
a) n = 5 to n = 2 

b) n = 4 to n = 2 

c) n = 3 to n = 2 
 

Which transition results in the longest 
wavelength of light? 

blue, λ = 434 nm 

green, λ = 486 nm 

orange/red, λ = 657 nm 

Practice 



The Bohr model works almost perfectly for the 
hydrogen atom, which has only one electron. 
However, it performs poorly for more complex 
atoms. 
 
• For many-electron atoms, it does not 

correctly predict electron energies 
• Even for hydrogen, it does not correctly 

describe electron location 
 

Limitations of the Bohr Model 



The Quantum Model of the Atom has 
now replaced the Bohr Model 

1. Electrons are mathematically depicted as “standing 
waves” using Schrodinger’s wave equation, Hψ = Eψ. 

2. ψ is the “wave function”, E is the energy of the electron 
3. An electron can be represented by many wave 

functions, each corresponding to a specific value of E).  
4. The wave functions do not tell us how electrons move 

from point A to point B  instead, the square of the 
wave function describes the probability of finding the 
electron in a certain region at a given time  

5. Our ability to know both the momentum AND location 
of an electron is fundamentally limited by Heisenberg’s 
Uncertainty Principle. 
 



Electrons as waves 

In his Ph.D. thesis, Louis de Broglie proposed that 
matter can be treated as waves. 

 

Derivation: Planck had already calculated the 
relationship between light energy and wavelength: 

photonE h

c



 hcE




Energy of light as a 
function of wavelength, λ 



Electrons as waves 

2 2

/E hc h
m

c c c




  

v

h

m
 

de Broglie 

wavelength of a 

particle of mass 

m and velocity v 

Particles carry energy as momentum, mv. 

If particles act as waves, then we can relate particle 
momentum to wavelength via energy (E = mc2) 



𝜆 = 6.626𝑥10−34  ⋅

𝑘𝑔 ⋅ 𝑚2

𝑠2
⋅ 𝑠

80 𝑘𝑔 3.00 𝑚 𝑠 
 

𝜆 = 6.626𝑥10−34  ⋅

𝑘𝑔 ⋅ 𝑚2

𝑠2
⋅ 𝑠

9.31𝑥10−31𝑘𝑔 3.00𝑥108𝑚 𝑠 
 

Example: Electron wavelengths 

 

What is the de Broglie wavelength of an electron 
traveling at the speed of light? (melectron = 9.109 x 10-31 kg) 

 
 
 

 

What is the de Broglie wavelength of a 80 kg student 
walking across campus at 3 m/s? 

v

h

m
 

122.43 10 m 

362.76 10 m 



Electrons as “standing waves” 



If electrons are waves, there is a fundamental 
uncertainty associated with finding both their 
momentum AND position at the same time. 

 

An analogy:  

• Momentum is related to wavelength (de Broglie 
relation).  

• Measuring momentum amounts to measuring 
wavelength exactly.  

• But a standing wave with perfect wavelength has 
totally undefined position. 

 
 

Heisenberg uncertainty principle 



The Schrodinger (Wave) Equation 

Hψ = Eψ 
 

Where ψ is the “wavefunction” of the electron.  
 

For an electron in the 1s orbital: 
ψ = 2Z 3/2 e-rn  (1/4π)1/2 

 
This is the wavefunction that satisfies the 

Schrodinger equation: 
 

−
ℏ2

2𝑚

𝜕2

𝜕𝑥2
+

𝜕2

𝜕𝑦2
+

𝜕2

𝜕𝑧2
+ 𝑉 𝑥, 𝑦, 𝑧 𝜓 𝑥, 𝑦, 𝑧 = 𝐸𝜓 𝑥, 𝑦, 𝑧  

 

Fun looking at orbitals and wavefunctions! 

http://winter.group.shef.ac.uk/orbitron/AOs/1s/index.html 

http://winter.group.shef.ac.uk/orbitron/AOs/1s/index.html
http://winter.group.shef.ac.uk/orbitron/AOs/1s/index.html


The Schrodinger (Wave) Equation 

Hψ = Eψ 
 

How is it used? If we know the wavefunction ψ, 
we can calculate the quantized energy of an 

electron with that wavefunction 
 

Thus,  
ψ1s has a certain energy, E1s 

Ψ2s has a certain energy, E2s 

 … etc. 
 

 



How to Interpret the Wavefunction? 

How does the wavefunction lead to the 3D position 
and/or motion of the electron? Can it tell us more than 
just the energy of the electron? 
 

The physical interpretation of wavefunctions 
 

The square of the wave function indicates the 
probability of finding an electron near a particular 
point in space.  
 

 Ψ2(x,y,z) = P(x,y,z)   probability distribution 



Probability Distribution (ψ2)  
for the 1s Wave Function (ψ) 

Image: Copyright © Cengage Learning. All rights reserved 

A probability 
distribution is a function 
that shows how the 
probability varies. 
 
 This function shows 
how probability 
decreases with distance 
from the nucleus. 
 



The Most Probable Radius 

ψ2 is the probability of 
finding an electron 
along any line 
extending out from 
the nucleus. 

4πr2ψ2 is the radial 
probability of finding 
an electron on a 
spherical surface of 
area 4πr2 around the 
nucleus. 



Explaining the radial probability 
distribution 

This distribution 

function is the product 

of two functions 

 

P = (4r2) x (2) 
 
At small r, ψ is large 

but the sphere’s area 

is tiny. As r increases, 

ψ decreases but area 

increases.  
 



Electron orbitals  
90% probability surfaces 

An orbital is the volume of radius r that encloses 90% 
of the total electron probability.   

The electron is found in this space 90% of the time. 

 

Actual distribution of electron in an s orbital         90% probability surface 



There are three types of p-orbitals all having identical 
shape and energy directed along the x, y and z axis. 
 

 

 

p Orbitals 

Actual distribution in a            Our representation  
p orbital  

Node 



There are 5 d orbitals and 7 f orbitals. 

 

 

 

d and f Orbitals 

Actual distribution in a p orbital            Our representation  



How many nodal planes can you identify in 
each of the following orbitals? 

 

 

 

Practice: Identifying Nodes 



Interior Nodes 

Radial Probability Distribution 
of the 3s orbital 



In the Hydrogen atom, only n 
determines orbital energy 

energy increases as 1/n2 

orbitals of same n, but 
different l are equal energy 
(“degenerate”). 

the “ground” or lowest energy 
orbital is the 1s. 



• In many-electron atoms, inner 
electron block the nucleus 

• Because s, p, d, and f orbitals 
have different shapes, 
electrons in each “see” a 
different nucleus 

• The differing electron 
environments change the 
orbital energy, even at the 
same n. 

Polyelectronic Atoms  electron screening 



Use the PT to remember energy levels 



Penetration offsets electron screening 

Screening (increases E) 

Other electrons, especially inner 
electrons, block the attractive 
charge of the nucleus so that 

outer electrons are less strongly 
attracted. 

Penetration (decreases E)  

Orbitals that have some 
probability density close to the 

nucleus have lower energy 

+ 
e- 

e- 

Image: © Silberberg, Chemistry: The Molecular Nature of Matter and Change, 5th ed. 



Concept Check: Why is 4s lower than 3d? 

4s allows for closer 
actual approach to 
nucleus due to 
penetration; therefore, 
4s is  energetically 
preferred over 3d. 

Note that although 4s fills before 3d, it also 
empties first; all transition metal ions lose 
their 4s electrons first. 



Writing Electron Configurations 

1. Find the total number of electrons for the element. 

2. Place these electrons into the lowest energy 
orbitals first (e.g., fill 1s before filling 2s, and fill 2s 
before filling 2p, etc.). (aufbau principle) 

3. Only put two electrons in each orbital, and make 
sure one is “spin up” and one is “spin down” (i.e., ↑ 
or ↓) (Pauli exclusion principle). 

4. If a subshell has more than one orbital (e.g., p, d, f 
subshells), keep electrons unpaired whenever 
possible (Hund’s rule). 

 



Half full and Closed Shells 

Full shells and half-full shells are unexpectedly stable 
 

Vanadium  Chromium   

 
 

 

Why? 

• It costs energy to put move an electron from 4s  3d 

• On the other hand, it costs energy to keep two electrons 
together in the 4s orbital (electron-electron repulsion) 

• Cr is more stable with the 4s electrons unpaired 



Half full and Closed Shells 

Full shells and half-full shells are unexpectedly stable 
 

Vanadium  Chromium   

 
 

Nickel  Copper 

Anticipate this effect when writing transition 
metal electron configurations! 



• Principal quantum number (n) – size of the orbital. 

– n = 1, 2, 3, 4, … 

• Angular momentum quantum number (l) – shape of 
atomic orbitals. 

– l = 0, 1, 2, 3 … (also called s, p, d, f, …) 

• Magnetic quantum number (ml) – orientation of the 
orbital in space relative to the other orbitals 

– ml = 0 (s) or -1, 0, 1  (px , py , pz ) or -2, -1, 0, 1, 2 (dxy, etc. 

Size, Shape, and Orientation of Orbitals 
(3 of 4 Quantum Numbers) 



xydxzd yzd 2 2x y
d

 2z
d

The 3d orbitals 
n = 3, l = 2, and ml = -2, -1, 0, 1, and 2 



The final quantum # - ms 

The Stern-Gerlach experiment confirmed the need 
for another quantum number … to describe electron 
spin  (intrinsic angular momentum) 

Image: http://en.wikipedia.org/wiki/File:Stern-Gerlach_experiment.PNG 

http://en.wikipedia.org/wiki/File:Stern-Gerlach_experiment.PNG
http://en.wikipedia.org/wiki/File:Stern-Gerlach_experiment.PNG
http://en.wikipedia.org/wiki/File:Stern-Gerlach_experiment.PNG
http://en.wikipedia.org/wiki/File:Stern-Gerlach_experiment.PNG


Electron Spin (1/2 or -1/2) 

• Electrons demonstrate 
quantized, intrinsic angular 
momentum 
 

• Electrons have only two ways 
of interacting with an applied 
magnetic field. 
 

Interpretation: Electron 
can be in one of two 
angular momentum 
“quantum states” 

“spin up” 

ms = ½  

“spin down” 

ms = ½  

 



Pauli Exclusion Principle 
Definition 
No two electrons may occupy the 
same quantum state 
simultaneously. 
 

Only two electrons may occupy a 
given orbital, and they must have 
opposite spin.  

Every electron in an atom will 

have a unique set of quantum 

numbers: n, l, ml, ms 
Wolfgang Pauli 



 

 

Example: Electron quantum numbers 

↑__ 

2s
  

An up electron in 
the 2s orbital 

2, 0, 0, ½  



What set of quantum numbers describes the down 
electron in the 4s orbital? 
 
How many electrons have the ml = 0 in a fluorine atom? 
 

 

Practice: Electron quantum numbers 

↑__ 

2s
  

An up electron in 
the 2s orbital 

2, 0, 0, ½  



Periodic Trends of the Elements 

Add protons 

and electrons 

Image: © Silberberg, Chemistry: The Molecular Nature of Matter and Change, 5th ed. 

Increasing e-e repulsion      Increasing nuclear charge 



Periodic Trends: Atomic Radii 

 unit = nm 

Image: © Silberberg, Chemistry: The Molecular Nature of Matter and Change, 5th ed. 



Ionization Energy 

The energy required to remove an electron from a 
gaseous atom or ion. 

 

X(g) → X+(g) + e– 
 

Mg → Mg+ + e– 1st IE = 735 kJ/mol  (valence) 

Mg+ → Mg2+ + e– 2nd IE = 1445 kJ/mol (valence) 

Mg2+ → Mg3+ + e– 3rd IE = 7730 kJ/mol (core) 

 



First Ionization Energy Trends 

Increases from left to 
right across a period. 

Decreases from top to 
bottom down a group. 

Increasing nuclear charge (Z+) holds 
electrons more strongly 

Valence electrons farther from the 
nucleus are easier to remove 

Reason 



Electron Affinity 

    The energy change when an atom gains an electron  
 

X(g) + e– → X-(g) 
 

 

• Most important for elements that form anions (non-metals 
like F, N, O, Br, Cl, etc.) 

• The trend runs opposite atomic radius  

• Gets smaller down a group (less energy change for electrons 
added to large radius atoms) 

• Fluorine’s EA would be higher (due to its small atomic size) 
except for the electron repulsion upon squeezing an electron 
into its tiny 2p orbitals 

 

 


