Early History of the Atomic Theory

	Scientist
	Discovery/Experiment
	Atomic Theory

	Democritus

300 B.C.
	Theory
	Matter consists of very small indivisible particles called ‘atoms’

	John Dalton
	Law of definite composition: elements combine in a characteristic mass ratio

Law of multiple proportions: there may be more than one mass ratio

Law of conservation of mass: total mass remains
	Each atom of an element has a particular combining capacity

Some atoms have more than one combining capacity

Atoms are neither created nor destroyed in a chemical reaction

	J. J. Thomson

1897
	Cathode ray tubes gave evidence of negatively charged particles in atoms
	Plum pudding model ( electrons embedded in a positively charged sphere

	Ernest Rutherford

1911
	Alpha particles deflected at large angles by thin gold foil
	Most of the atom is empty space with a small positively charged nucleus. The nucleus accounts for almost all of the mass of the atom.

	Ernest Rutherford


	Cathode ray tubes gave evidence of positively charged particles in atoms
	The smallest particle of positive charge is the proton.

	James Chadwick

1932
	Mass spectrometer showed that atoms of the same element can have different masses. Isotopes are atoms of the same element with different number of neutrons.
	Nucleus contains protons and neutrons of approximately the same mass. Element is determined by the number of protons (atomic number Z). Total number of neutrons and protons is the mass number (A)


	Scientist
	Discovery/Experiment
	Atomic Theory

	Max Planck

1900
	A heated object (ie. metal) gives off light (red( yellow ( white)
	Heated atoms emit energy (light) when they change from one energy value to a lower one in whole number multiples of a certain energy. Energy is not continuous but is given off in little bundles called quanta.

Planck’s Equation

Energy = Planck’s constant (6.65 x 10-34 Js) x frequency(Hz)

E = h x f

	Albert Einstein

1905
	Photoelectric Effect – light shone on a metal produces a release of electrons. The frequency (colour) of the light is the most important factor in producing this effect.
	Light emitted by a hot solid is quantized. Each packet of energy is known as a quantum of energy. Each packet is known as a photon. An electron cannot break free from the atom unless a certain minimum quantity of energy is absorbed from a single photon.

	Niels Bohr

1913
	The spectra of elements is a series of specific lines (not a continuous spectra). Therefore only photons with a certain quanta of energy can be absorbed or emitted by an atom. Therefore the energy of the electrons in the atom must also be quantized.
	Electrons exist at a certain fixed distance from the nucleus with a fixed energy (stationary state/ground state) that does not involve any emission of radiation (light).

Electrons can change their energy only by undergoing a transition from one stationary state to another (excited state) which involves a fixed amount of energy.

When this fixed amount of energy is released (ie. excited state ( stationary state) a specific wavelength of light is released.

En = -13.6/n2 eV  where n is the energy level (orbit)

This equation correctly predicted the energy levels for the orbits of hydrogen electrons, but not for other elements.


	Werner DeBroglie

1924
	Electrons have a diffraction pattern similar to that of a wave when passed through a crystal
	Moving electrons may be considered as a wave as well as a particle.

Wavelength = Planck’s constant / (mass x velocity)

( = h / mv

	Erwin Schrodinger

1926
	Envisioned electrons as stable circular standing waves around the nucleus
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	Developed a mathematical wave equation (wave mechanics) to describe an electron behaving as a standing wave inside an atom. An electron can only have certain (quantized) energies because of the requirement for only whole numbers of wavelengths. This is known as quantum mechanics.

This equation calculates the identity of the regions in space where there is a high probability of locating an electron with a specific energy at any given time. These are called orbitals.

	Werner Heisenberg

1926
	To measure any particle, we essentially have to touch it. To ‘touch’ an electron, photons are used to collide with it. The reaction of the photon gives information about the electron. However, the location and speed of the electron has now been changed due to the collision with the photon.
	Heisenberg’s Uncertainty Principle

Demonstrated mathematically that there are limits to our ability to know both where a particle is and its speed (especially at the subatomic level).

Therefore we can only predict the probability of finding an electron in a certain location.


The Quantum Mechanical Model of the Atom

We now see the atom as containing a nucleus in the center and containing electrons found in regions of space outside the nucleus called orbitals. The orbitals define a three-dimensional region of space where the probability of finding an electron is > 90%. These orbitals are defined using Schrodinger’s wave equation. The electron density within each orbital gradually fades away to regions less and less likely to contain an electron. Schrodinger’s wave equation also describes the shapes of the orbitals.

Homework:  
Read pages 169-172
Questions Page 173 #1,3,4 and Page 202 #2,3,4,7

Quantum Numbers

Principal Quantum Number

The Bohr model uses only the principal quantum number (n) to describe the main energy level of an electron. As the principal quantum number increases, the difference in energy between them gets smaller and smaller (i.e. the energy levels get closer together).

Secondary Quantum Number (l)

In 1915, Arnold Sommerfeld introduced the secondary quantum number (l) to describe additional spectral lines for hydrogen that could not be previously explained. Higher resolution line spectra indicated that some of the spectral lines for hydrogen actually consisted of more than one line. As a result, the ‘main’ energy levels were further subdivided into one or more smaller steps. These electron energy sublevels, or subshells, form part of a main energy level (i.e. each energy level after n=1 consists of several small levels). This number relates primarily to the shape of the electron orbital and has values starting at 0. The maximum value for l is equal to the value of n-1. (eg. for n=4, the values for l are 0,1,2,3)

Magnetic Quantum Number (ml)

This quantum number was introduced in 1916 by Arnold Sommerfeld and Peter Debye to explain the Zeeman effect. If a magnet was placed near a gas discharge tube, the lines of the spectra were split into several lines. They deduced that the orbits of the electrons could exist in different orientations (ie. x, y, z axis). The number of values of ml are dependent on the secondary quantum number.

	Value of l
0 to n-1
	Values of ml
-l to +l

	
	

	
	

	
	

	
	


Spin Quantum Number (ms)

Introduced in 1925 by Wolfgang Pauli to explain some additional spectral line-splitting in a magnetic field, and different kinds of magnetism.

Ferromagnetism – ‘regular’ magnetism involving metals such as iron, cobalt and nickel; a relatively strong form of magnetism

Paramagnetism – a relatively weak magnetism found in individual atoms of some substances

Electrons have a ‘spin’ that can have only one of two possible values (+1/2 or –1/2). A pair of electrons that have opposite spins create a stable arrangement and produces no magnetism in the substance. A single, unpaired electron can be affected by a magnetic field.

Summary of Quantum Numbers

	Principal Quantum number (n); the ‘main’ energy level (shell)


	Secondary Quantum number (l); the subshells

(0 to n-1)
	Magnetic 

Quantum number (ml); the orientation in space of the orbital

(-l to +l)
	Spin 

Quantum number (ms); the electron spin 

(-1/2 or +1/2)

	
	
	
	

	
	
	
	

	
	
	
	


The secondary quantum numbers are now represented by letters as follows:

0
-


1
-


2
-


3
-


The principal quantum number, secondary quantum number and magnetic quantum numbers can be combined into a short-form syntax to describe an electron.

1s
-
principal quantum number 1, secondary quantum number 0

2s
-
principal quantum number 2, secondary quantum number 0

2px
-
principal quantum number 2, secondary quantum number –1

2py
-
principal quantum number 2, secondary quantum number 0

2pz
-
principal quantum number 2, secondary quantum number +1

Electron Energy Level Diagrams

With the four quantum numbers every electron in an atom can now be uniquely identified.

The Pauli Exclusion Principal further states that:

The electron orbitals increase in energy from s ( p ( d ( f.

The Aufbau Principal states that:

· each additional electron that is added to an atom will occupy the lowest energy level

highest energy electrons

lowest energy electrons

Hunds Rule states that:

Additional Rules for Energy Level Diagrams

1. Each principal energy level, n, can hold 2n2 electrons

2. Each principal energy level, n, has n2 suborbitals

3. Each individual orbital can only hold 2 electrons

Practice:
Draw energy-level diagrams for Li, Ne, Al, Fe

Electron Energy Level Diagrams for Anions (negative ions)

· Add extra electrons following the usual rules for filling orbitals. (example O2-)

Electron Energy Level Diagrams for Cations (positive ions)

· Draw the energy level diagram for the neutral atom first, and then remove electrons from the orbitals with the highest principal quantum number first. (example Mg2+)

Homework: 
Pg 191 #1,3,4

Electron Configurations

Another way to convey the information about electrons for any specific atom is to use an ‘electron configuration’.

Example:


Oxygen atom:
O:


This indicates that oxygen has two electrons in its 1s orbital, two electrons in its 2s orbital, and 4 electrons in its 2p orbitals, for a total of 8 electrons.

Identify the neutral element whose electron configuration is:

1s2
2s2
2p6
3s2
4s2
3d10
4p6
5s2
4d10
5p6
6s2
4f14
5d10
6p4

Fortunately there is a shorthand form for writing electron configurations.

Use the prior noble gas to represent the non-reactive electrons and then write the remaining electrons.

For polonium:
Po:


For chlorine:
Cl:


Homework:
Pg 194 #6 ( 11

Electron Configurations and the Periodic Table

Different parts of the periodic table can now be explained using electron configurations as defined by the quantum mechanical theory.

	Period
	# of 

elements
	Electron distribution

Groups:
1-2

13-18
3-12

-

Orbitals:
s

p

d

f
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Quantum Explanation for Magnetism

These elements are strongly magnetic (demonstrate ferromagnetism).

Element
Electron

d-orbital


Pairing of 



Configuration
filling



d electrons

Fe

[Ar] 4s2 3d6
↑↓
↑
↑
↑
↑
1 pair; 

4 unpaired

Co

[Ar] 4s2 3d7
↑↓
↑↓
↑
↑
↑
2 pair; 

3 unpaired

Ni

[Ar] 4s2 3d8
↑↓
↑↓
↑↓
↑
↑
3 pair;










2 unpaired

These elements are not strongly magnetic (demonstrate paramagnetism).

Element
Electron

d-orbital


Pairing of 



Configuration
filling



d electrons

Ru

[Kr] 5s2 4d6
↑↓
↑
↑
↑
↑
1 pair; 

4 unpaired

Rh

[Kr] 5s2 4d7
↑↓
↑↓
↑
↑
↑
2 pair; 

3 unpaired

Pd

[Ar] 5s2 4d8
↑↓
↑↓
↑↓
↑
↑
3 pair;










2 unpaired

Why is there a difference in magnetism??

The smaller elements (Fe, Co and Ni) are able to orient themselves in a magnetic field (i.e. all or most of the atoms are re-oriented in line with the magnetic field lines). These are called domains. Ferromagnetism is based on the properties of a collection of atoms, rather than just one atom.

The larger elements (Ru, Rh and Pd) are not small enough to re-orient themselves in a magnetic field (they cannot form domains). Paramagnetism is based on the magnetism of individual atoms (and is therefore very weak).

Explaining Ion Charges for Transistion Elements

Many atoms (especially transistion metals) have multiple valences.

Example 1: Zn (only forms a 2+ ion)

Zn [Ar] 4s2 3d10

Example 2: Pb (forms 2+ or 4+ ions)

Pb [Xe] 6s2 4f14 5d10 6p2
This (simple) application of quantum mechanics can be used to explain many multi-valent elements. However, there are others (Mn +7,+6,+4,+3,+2) that require more complicated explanations.

Other ‘Anomalous’ Electron Configurations

Expected electron configurations.

Sc  [Ar] 4s2 3d1



Fe  [Ar] 4s2 3d6

Ti  [Ar] 4s2 3d2



Co  [Ar] 4s2 3d7
V   [Ar] 4s2 3d3



Ni   [Ar] 4s2 3d8
Cr  [Ar] 4s2 3d4



Cu  [Ar] 4s2 3d9
Mn [Ar] 4s2 3d5



Zn  [Ar] 4s2 3d10
Experimentally determined electron configurations.

Sc  [Ar] 4s2 3d1



Fe  [Ar] 4s2 3d6

Ti  [Ar] 4s2 3d2



Co  [Ar] 4s2 3d7
V   [Ar] 4s2 3d3



Ni   [Ar] 4s2 3d8
Cr  [Ar] 4s1 3d5



Cu  [Ar] 4s1 3d10
Mn [Ar] 4s2 3d5



Zn  [Ar] 4s2 3d10
Experimental evidence suggests that half-filled and filled subshells are more stable than unfilled subshells.

Page 220 #1 ( 19 (except #8)
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