
Unit 3:  Atomic Structure and Quantum Mechanics 
 
Resources: 
 Periodic Table 
 
Early Advances in Atomic Theory: 
 Ancient Greeks, c400 B.C. 

 Four “elements:” Earth, Fire, Air, and Water 
 Conflicting views on what matter was like on the small scale 

o Infinitely divisible – supported by Aristotle 
o Smallest piece, called “atoms” – supported by Democritus 

 Aristotle’s view was more accepted because of his fame and because Democritus had no 
evidence 

 The Law of Conservation of Mass, 1789 
 Antoine Lavoisier 
 The total mass of a system does not change following a chemical reaction 

 The Law of Definite Proportions, 1799 
 Joseph Proust 
 When compounds are broken down into their component elements, the masses of the 

elements are always in the same ratio 
 John Dalton, 1803 

 Experimental evidence for the existence of a smallest piece of matter 
 The ratio of one element in two different compounds is always a small whole number ratio 

(Law of Multiple Proportions) 
 This can only be explained by the existence of tiny building blocks, called atoms 

 Dalton’s Atomic Model 
 All matter is composed of atoms 
 Atoms are indivisible and indestructible 
 Atoms of the same element are identical 
 Atoms of different elements are somehow dissimilar 
 Atoms combine in simple whole number ratios 

 J.J. Thomson, 1897 
 Experimenting with cathode ray tubes 
 Discovered the presence of tiny negatively charged particles within all matter (electrons) 
 Found the charge-to-mass ratio 

 Thomson’s Atomic Model 
 Called the “plum pudding model” 
 Viewed the atom as a sphere of positively charged material with electrons 

found randomly throughout 
 Robert Millikan, 1910 

 Famous Oil Drop Experiment 
 Determined the charge of a single electron to be 1.6x10-19 Coulombs 

 Ernest Rutherford, 1909 
 Famous Gold Foil Experiment 
 Fired alpha particles (positively charged radiation) at a thin sheet of gold foil 
 Most of the particles went through the foil without interference, indicating that most of the 

atom was empty space 



 A few of the alpha particles unexpectedly deflected or bounced backward as if they were 
hitting a dense positively charged region, which was termed the “nucleus” 

 Rutherford’s Atomic Model 
 Called the “nuclear model”  
 Consists of a positive nucleus that contains nearly all of the atom’s mass 
 Electrons in the space outside the nucleus 

 The neutron was discovered in the 1930s (James Chadwick) 
 
The Periodic Table: 
 Dmitri Mendeleev (1869) 

 Placed elements in order of increasing mass 
 Properties appeared to repeat every 8 elements (Law of Octaces, John Newlands, 1865) 
 Mendeleev placed elements with similar properties in the same column 

 Two important developments: 
 When properties did not match up, Mendeleev left spaces in the table, predicting the 

discovery of new elements with particular properties 
 Mendeleev reversed the order of several pairs to make the properties match the columns, 

believing the masses to be incorrectly calculated 
 This switch was justified decades later by Henry Moseley, who determined that elements on 

the periodic table were arranged by atomic number, not mass. 
 
Simple Atomic Structure: 
 Atomic Number - the number of protons in the nucleus of an atom.  All atoms of the same element 

have the same number of protons 
 Mass Number - the total number of nucleons (protons and neutrons) in the nucleus of an atom.  

Atoms of the same element can have different numbers of neutrons (isotopes) 
 Atomic Mass - the average number of nucleons in an atom of an element, weighted by isotopic 

abundance 
 Neutral atom - an atom with the same number of protons and neutrons 
 Cation - a positively charged ion, formed by the loss of one or more electrons 
 Anion - a negatively charged ion, formed by the gain of one or more electrons 
 

Mass number 

Symbol 
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13 

 

 
 This ion of the isotope aluminum-27 has:     13 protons, 14 neutrons, and 10 electrons 
 
Calculating Average Atomic Mass: 
(Mass of isotope x Abundance) + (Mass of isotope x Abundance) = Average Atomic Mass 
 
  



Electromagnetism: 
 Properties of Waves 

 Wavelength - the distance between equivalent parts of a wave 
 Frequency - the number of waves (cycles) per second 
 Wavelength (m) x Frequency (Hz) = speed 

 l Ö n = c where 'c' is the speed of light, 3.00x108 m/s 
 Energy - measured in Joules, and is proportional to frequency 
 Energy (J) = Planck's constant x Frequency (Hz) 

 E = h Ö n where 'h' is Planck's constant, 6.626x10-34 JÖs 
 The Electromagnetic Spectrum 

 Radio waves (longest wavelength, shortest frequency, lowest energy) 
 Microwaves 
 Infrared 
 Visible Light (ROYGBIV) 
 Ultraviolet 
 X-rays 
 Gamma rays (shortest wavelength, highest frequency, highest energy) 

 Interference is a property of waves 
 Constructive interference - two crests meet, creating a larger wave 
 Destructive interference - crest meets trough, cancelling out 
 Light exhibits interference patterns; ergo, light is a wave 

 Quantization is a property of particles 
 A quantum is a discrete bundle of mass or energy - a 'chunk' 
 The photoelectric effect indicates light is quantized (photons) 
 Light exhibits quantization; ergo, light is a particle 

 Duality 
 Light is both wave and particle 
 Is the same true for matter? 
 The Double Slit Experiment 

 Electrons exhibit interference; ergo, electrons are waves 
 
The Quantum Mechanical Atomic Model 
 Neils Bohr 

 Two evidences of the quantization of electronic structure 
 Flame tests 
 Atomic emission spectra 

 The Bohr Model 
 Electrons can only exist in pre-determined energy levels 
 En = -2.178x10-18(1/n2) where n is the number of the energy level 
 When atoms absorb energy, the electrons are excited to higher energy levels 
 When the excited electrons relax, energy is released  

 The Balmer Series 
 Only four transitions in a hydrogen atom emit energies that lie within the visible 

portion of the EM spctrum:  6 to 2, 5 to 2, 4 to 2, and 3 to 2 
 Erwin Schrodinger 

 If electrons have wavelike behavior, they can be described mathematically 
 The location cannot be exactly known (Heisenberg Uncertainty Principle) 
 The location can only be described in terms of a probability function 



 The Schrodinger equation 
 Describes electrons with four variables, called the quantum numbers 
 Each quantum number is limited to certain solutions 

 n - the principle quantum number 

¶ Describes the energy level (distance from nucleus) 

¶ Can have integer values beginning at 1 
 l - the angular momentum quantum number 

¶ Describes the shape of the orbital (the region of space in which the electron 
can be found 95% of the time 

¶ Can have values from zero to n-1 
o l = 0 is a spherical orbital and is called "s" 
o l = 1 is a dumbbell shaped orbital and is called "p" 
o l = 2 is a clover shaped orbital and is called "d" 
o l = 3 is a many-lobed region and is called "f" 

 ml - the magnetic quantum number 

¶ Describes the orientation of the orbital in 3-D space 

¶ Can have integer values from -l to +l 
o An "s" orbital has one orientation (m=0) 
o A "p" orbital has three orientations (m = -1; m = 0; m = +1) 
o A "d" orbital has five and an "f" orbital has seven orientations 

 ms - the spin quantum number 

¶ Describes the spin of the electron 

¶ Can only have one of two values, -1/2 or +1/2 
 No two electrons in an atom can have the same four quantum numbers (The Pauli Exclusion 

Principle); therefore, any orbital can hold a maximum of two electrons with opposite spins 
 "s" orbitals can hold 2 electrons 
 "p" orbitals can hold 6 electrons (2 in each of three orientations) 
 "d" orbitals can hold 10 electrons 
 "f" orbitals can hold 14 electrons 

 
 The Aufbau Principle 

 Electrons occupy the lowest possible energy level first 
 Energy increases for each energy level (1 < 2 < 3 < 4) 
 Energy increases for each orbital shape ( s < p < d < f) 
 Orbital energies begin to overlap ( ie 4s < 3d) 
 Electrons fill in this order: 

 
1s    
2s 2p   
3s 3p 3d  
4s 4p 4d 4f 
5s 5p 5d 5f 
6s 6p 6d 6f 
7s 7p 7d 7f 

 
 Hund's Rule 

o Electrons occupy empty degenerate orbitals before pairing  
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Example:  Tin 
Electron Configuration 

50Sn = 1s22s22p63s23p64s23d104p65s24d105p2 
 
Noble Gas Configuration 

50Sn = [Kr]5s24d105p2 
 
Orbital Filling Notation 

50Sn =  ¬®   ¬®   ¬® ¬® ¬®   ¬®   ¬® ¬® ¬®   ¬®   ¬® ¬® ¬® ¬® ¬®   ¬® ¬® ¬®   ¬®   ¬® ¬® ¬® ¬® ¬®   ¬_ ¬_ __ 
             1s    2s         2p         3s          3p        4s               3d                     4p        5s               4d                    5p 
 
 


