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Unit 9: Atomic Theory, Periodic Table & Bonding 
Atomic Theory   
1) Atomic Particles-Location? 
2) Size and Mass of Atomic Particles 
3) Charge of Atomic Particles 

 Electron Proton Neutron 

Mass 1/1837 1 1 

Charge -1 +1 0 

Location around the nucleus nucleus nucleus 

 
4) Standard Notation for Atom and Ion:  
Including #protons, #neutrons, #electrons 
 

Atom: no charge, p =  e 

A 4          where A: mass number (protons + neutrons) 
         He               Z: atomic number (protons) 

Z 2  Ans: 2p, 2n, 2e      A – Z: number of neutrons 4-2 = 2 n 
 

Ion: charged:  p  e 

A 16           

          O2-  oxide ion              
Z   8           Ans: 8p, 8n, 10e (more e than protons) 
 
Isotope:  
Element with the same #protons, same #electrons and different #neutrons 
 
5) Relative Atomic Mass: 
Hydrogen has 3 main isotopes; 99% 1H, 0.8% 2H and 0.2% 3H. What is its relative atomic mass? 
(a.m.u.: atomic mass unit) 
Solved by using the average abundance of each element’s isotopes multiplied by its mass number 
        isotope 1H            +        isotope 2H             +        isotope 3H 
(abundance X mass number) + (abundance X mass number) +(abundance  X mass number) 

     (99.%  X  1H)           +   ( 0.8 %  X  2H)      +   ( 0.2 %  X  3H) 
     (0.99 X 1)                +   (0.008 X 2)           +   (0.002 X 3)  
       0.99         + 0.0”1”6       +      0.006 
       2 dp   2 dp        3 dp 
           = “1.01”2 amu = 1.01 g/mol  (2 dp/3 sf) 
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a) Find the average atomic mass of: 
95 Pd = 3.00%  100Pd = 50.0% 110Pd = 40.0% 115Pd = 7.00% 
(95 X 0.0300) + (100 X 0.500) + (110 X 0.400) + (115 X 0.0700) 
      2.85         +      50.0           +       44.0         +         8.05 =     104.9  
      3sf/2dp           3 sf/1dp               3 sf/1dp             3sf/2dp     1dp/4sf  
 
b) In a sample of carbon, there are 8.00% of carbon-14 and 92.00 % of carbon-11. What 
is the average mass? 

Isotopes Atomic Mass Abundance (in decimals) 

Carbon-11 11.011  5 sf 0.9200 

Carbon-14 13.999  5 sf 0.0800 

 
(0.0800 X 13.999) + (0.9200 X 11.011)=  
‘1.11’992               + ‘10.13’                   = “11.25”004 = 11.25 amu or g/mol 
3 sf /2 dp           4 sf/2 dp                           2 dp /4sf 
 
6) Atomic mass of oxygen: 16.002 a.m.u. (atomic mass unit) 
     If 99% is 16O, what the abundance of its other isotope 17O?  
(0.99 X 16) + (x • 17) = 16.002 
15.84 + 17x = 16.002 
17x = 16.002 – 15.84 
17x = 0.162 
    x = 0.0095 X 100 = 0.95% 
 
7) Ions: 

Cation: positively charged, lost e-  Ex: Na+   11p, 10e 

Anion: negatively charged, gained e-  Ex: Cl
- 

    17p, 18e 
 

What is the substance formed with aluminium and sulphite? 
 

Al+3
  SO3

2- (charges cross over) 

 
Al2(SO3)3 (overall charge: zero; electrically neutral) 
 
Problems: Atomic Bkt p.30#1-2, Hebden p.147#19, p.149#22:a,c,e…, p.150#23a 
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b) Quantum Mechanics Model (Electron Cloud Model) 
 

 
 
9) Periodic Table 
a) Main Families  
Discovered by Russian Scientist: Demitri Mendeleev 
Write the following families on the periodic table below: 
  Alkali, Alkaline-Earth, Halogen, Noble Gas 
 
b) Atomic Number 
The elements in the periodic table are organized according to their increasing atomic 
number, that is their number of protons. 
 
 
10) Quantum Mechanical Model of the Atom-“Simplified” 
Quantum Mechanic Rules: 

I. An e- is both a particle and a wave making a 3-D shape. 
II. This result is an e- cloud called orbital. 

III. Each orbital can hold a maximum of 2 e-s.(Pauli Exclusion Principle) 
IV. An orbital is an e- cloud where the probability of finding an e-, is the greatest. 
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V. There are 4 different kinds of orbitals: (refer to page 3 for their shapes) 
Smart   people  don’t   fail 
s  p  d   f 

  1 type  3 types 5 types 7 types 
  sphere double complex complex 

lobes  lobes  lobes 
 

VI. e- fill in orbitals from the lowest energy to the highest energy (Aufbau Principle) 
To ensure the LOWEST POSSIBLE ENERGY for the atom, electrons are added to 
the orbitals having the lowest energy first. 

11) Energy Level Diagram 

A shell is a set of all orbitals having the same “n” value. (period: 1 to 7) 

For example, the third shell consists of the 3s, 3p, and 3d orbitals. 

What are the orbitals found in the fifth shell?   5s, 5p, 5d and 5f 

A subshell is a set of orbitals of the same type. 

For example, the set of five “3d” orbitals in the third shell is a subshell.  

How many orbitals are found in the fourth f subshell? There are 7 orbitals. 

Different electrons, depending on their energies, occupy a particular region of space 
called “orbital”. As we go from an element to another on the periodic table, electrons are 
added to orbitals at specific energy level.  

Since it would be too complicated to represent the correct shape and geometry for each 
orbital, we use a dash to represent the energy possessed by an orbital in the atom.  

Below is the Energy Level Diagram and Orbitals for All Elements (Hebden p.153): 
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Number of Electrons per Orbital 
A maximum of 2 electrons can be placed in each orbital  

Orbital 
 

Number of 
Subshells 

Maximum # e- 

s 1 2 

p 3 6 

d 5 10 

f 7 14 
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The above representation shows that most elements’ electron configuration can be 
determined by using this “orbital version” of the periodic table. 
 
12) Electron Configuration 
 Hund’s Rule:  
This is a mnemonic strategy used to follow the correct sequence for filling in electrons in 
the element’s energy level diagram. 

a) Hund’s Diagram: Complete this diagonal sequence for electron configuration 
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b) Sequence for filling in electrons in orbitals: 
= 1s2s2p3s3p4s3d4p5s4d5p6s4f5d6p7s5f6d7p 

 
Ex: Og (118) = 1s22s22p63s23p64s23d104p65s24d105p66s24f145d106p67s25f146d107p6 
 
We use the atomic number  of an element to write its electron configuration 
Example-1: Chlorine atom  Cl: ( 17 ) 17p, 17e- to fill in 

1s22s22p63s23p5 

Example -2: Chloride ion    Cl 
- 

: 17p, 18e- 

1s22s22p63s23p6 
The above configuration is the same electron configuration as  Ar: 18 p, 18 e- 

1s22s22p63s23p6 

Cl- is isoelectronic to Ar 
 
13) Electron Configuration:  Full Vs Core Configuration 
Core configuration: using the previous Noble Gas’ configuration  
 

Element/Atomic Number Full Configuration Core Configuration 

Cl:atom17 =17p and 17e 1s22s22p63s23p5 [Ne]3s23p5 

Cl
-
:ion= 17 p and 18e 1s22s22p63s23p6 [Ne]3s23p6  

 
14) Valence of an Element   
Count all the electrons in an atom except: 

 Core (inner e-s) 

  Filled d or f orbitals (d10 or f14) 

 Substances that are isoelectronic to Noble Gases: 0 
 
 
Complete these charts: 

Families Alkalis Alkaline-Earths Halogens Noble Gases 

Group I   II   VII  VIII  

Valence e- 1 2 7 8 

 For Groups I to VIII, the valence electrons are the outermost electrons. 
 
Complete this chart: 

Substance Number of 
electrons 

Full 
Configuration 

Core  
Configuration 

Valence 
e- 

P3-(15p) 18 1s22s22p63s23p6 [Ne] 3s23p6   = [Ar] 0 

P  (15p) 15 1s22s22p63s23p3 [Ne] 3s23p3 5 
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15) Electron Configuration: Ground State Versus Excited State  

 Ground State Excited State (Glowing) 

Ar (18 e) 1s22s22p63s23p6 1s22s22p63s13p64s03d1 

N2  ( 7 e) 1s22s22p3 1s12s22p33s03p04s1 

 
Who am I? 
1s22s22p53s23p64s1:  
 
Ar in an excited state (It always has 18 e) 
 
16) Periodic Trends 
In the periodic table, a family/group is: a vertical column (up and down)  
a) Elements of the same family have: same properties 
 
Why is that so? 
3 main reasons explain such similarities: 

 Same # outer e-s 

 Same # valence e-s 

 Same outer electron configuration 
b) What is special about these outer electrons? 
n: period, energy level, orbit 
s, p, d: orbital, shape of electron cloud (refer to page 3) 
 

Element Full e- Configuration General e- Configuration 

Li   (3) 
Na (11) 
K   (19) 

1s22s1 

1s22s22p63s1 

1s22s22p63s23p64s1 

           ns1 
Group:    I 
Charge:+1 

F    (9) 
Cl   (17) 
Br   (35) 

1s22s22p5 

1s22s22p63s23p5 

1s22s22p63s23p64s23d104p5 

         ns2np5 

Group:   VII 
Charge:  -1 

 These outer e-s provide a general e- configuration and the group number 
 
c) What is the general e- configuration for: 
i) Alkaline-Earth Family:  ns2 
ii) Noble Gases Family:  ns2np6 

 

d) What is the element with 5p4?  Te 

5: period number  p: “p block”  4: 4 electrons in p block 
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17) Comparing Metals’ and Non Metals’ Character 
Use this periodic table to show: metallic/non-metallic character, e- attraction/repulsion, 
electronegative/electropositive character.  

 
 

Properties Metal Non Metal 

Electron Lost Gained 

Conductor of heat and electricity Good Poor 

Ion Cation Na+ Anion Cl- 

Shiny Yes No 

Melting Point High Low 

 
a) Which substance has the most non metallic character: F2, Ne, I2  or Al? 

(ability to gain electrons) 
b) Which substance has the most metallic character:  Ca, V, S, F2? 
          (ability to lose electrons) 
c) Which substance is most electronegative:   Cl2, Al, Cu or I2? 

(ability to gain electrons) 
d) Which substance is least electronegative:   Cl2, Al, Cu or I2?  
  (ability to lose electrons) 
 
18) Bonds 
There are 3 types of bonds: ionic, polar covalent, (non polar) covalent  
These types of bonds are based on the electronegativity difference between 2 atoms 
(refer to chart below) 
Electronegativity: ability of an atom to attract a bonded e- pair 
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 Electronegativity Chart: 
 

 
 
 
Metals’ and Non Metals’ Reactivity: 
Metals: Reactivity increases down a group 

Alkali (Group I) > Alkali-Earth (Group II) > Transition > Metalloid ;  
Alkali:  Fr > Cs > Rb > K > Na > Li 
 

Non Metals: Reactivity decreases down a group  
Most reactive: Halogens  F > Cl > Br > I > At 
 
Types of Bonds 

Electronegativity 

Difference (EN) 

Type of bonds Electron Sharing Diagram using 
full or partial           
charges 

less than 0.2 (non polar) 
covalent 

more or less 
equal 

    H-H 
2.1 – 2.1 = 0 

    0.2 -1.7 polar covalent unequal 
 

    -   + 

     O-H 
3.5  -2.1 =1.4 

 more than 1.7 ionic gain and loss of 
electrons 

   Na+   Cl–  

  3.0 – 0.9 =  2.1 

: partial charge or dipole, a fraction of a charge, part of a charge 
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Procedure to Find Bond Types: 
a) Using the Electronegativity Chart, find each atom’s electronegativity value. 
b) Subtract both atoms’ electronegativity value and refer to the Type Of Bonds chart to 

determine the kind of bonds: non polar covalent, polar covalent or ionic bonds 
c) If there is a polar covalent bond, attribute a partial charge for each atom: 

(i) a ‘-’ or a negative charge (-) to the largest atom’s  electronegativity value 

(ii) a ‘+’ or a positive charge (+) to the smallest atom’s electronegativity value.  
d) Add a dash (-) to represent a non polar or a polar covalent bond only;  
e) If there is an ionic bond, do not add a dash between the atoms. 

 
 
Ex-1: What type of bond exists between Sr and As? 
Electronegativity values:  Sr: 1.0  As: 2.0 
 

EN: 2.0 – 1.0 = 1.0       This bond is polar covalent. 
 

+   - 
Sr-As 

 
Ex-2 Consider  the following bonded atoms:  NBr, MgP, CO and NaCl. 
Let’s try to find their type of bonds: 
 
a) Find their electronegativity difference and show the full or partial charge for each atom 

     -  +     +    
-                + - 

    N-Br   Mg-P      C-O    Na+ Cl- 

3.0 -2.8  1.2 2.1  2.5 3.5  0.9  3.0 
   2.1 -1.2          3.5 -2.5  3.0 - 0.9 
∆EN: 0.2  ∆EN: 0.9  ∆EN:1.0  ∆EN: 2.1 
 
Polar cov  Polar cov  Polar cov  Ionic 
   
b) Which of these bonds is/are: 
i) the least polar:   N-Br  (smallest ∆EN=0.2)  
ii) the most ionic bond: NaCl  (largest ∆EN= 2.1) 
iii) polar covalent: 3 substances:  N-Br, Mg-P, C-O 
 
In summary: 
If you are faced with: 

 A non polar covalent bond: use a single line(dash) and no partial charge 

 A polar covalent bond: use a single line(dash) and partial charges: +    
-        

 An ionic bond: don’t use a single line and add positive and negative charges 
on each element       
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19) Drawing Lewis Structures (Electron Dot Structures) 
 
Rules of the Game: 
(i) Valence e- :     total number of electrons 
                Ion:      positive charge: remove e-, 

       negative charge: add e- 
 

(ii) Bonded e-:      (single bond: 2 e-, double bond: 4 e-, triple bond: 6 e-) 
 
(iii)Remaining e-: (Valence – Bonded), divided by 2: for the number of lone e pairs 

 
(iv) Octet              (8 e- around each atom) 
         Exceptions: H (2e-), B (6e-), Be (4e-) 
 
(v) Tidy Up:    Check that each atom has the correct of valence e- and that  
                       the total number of e- is used. 
 
 
Write the following Lewis structures: 
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20) Bonding Properties 
In a substance, the type of bonding is due to the electronegativity difference between two 
atoms. 
 
Electronegativity is the tendency of an atom to attract electrons from a neighbouring       
atom. 
 
When the electronegativity difference between two atoms is quite different from each 

other (EN>1.7): 

 One atom loses an electron (or electrons) 

 The other atom gains an electron (or electrons) 
This results in an Ionic Bond. 
 
The melting point of some Ionic Compounds are as follows: 
 
NaF: 993C > KCl: 770C > LiCl: 605C 
 
These high melting points are evidence that Ionic Bonds are VERY STRONG. (Hard to 
break just by heating) 
 
When electronegativities of bonding atoms are the same (as they are in diatomic 
molecules) or close to the same, they SHARE electrons. 
Bonds formed when atoms share electrons are called Covalent Bonds. 
 
In diatomic molecules (like H2 or Cl2), the electronegativities of both atoms are exactly the 
same so electrons are shared equally! 
 
Covalent bonds in large networks (Network Bonding) gives rises to substances with very 
high melting points. 
The following are some melting points of Network Solids: 
Diamond (Carbon):   3550 C 
Silicon Carbide (SiC): 2700 C 
Boron Nitride (BN):  3000 C 
Covalent bonds are very strong! 
 
When electrons are shared unequally between two atoms, the bond is called Polar 
Covalent. 
 
A type of polar covalent bond formed when “H” from one atom attracts “O” or “N” from 
another atom is called Hydrogen Bonding. 
 
Hydrogen Bonding in water gives rise to the structure of ice when water solidifies. 
 
In a DNA molecule, hydrogen bonds between the “bases” hold its two strands together. 
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Bonds within molecules that hold the atoms of a molecule together are called 
intramolecular bonds. They are strong covalent bonds. 
 
A dipole is a partial separation of charge which exists when one end of a molecule has a 
slight positive charge and the other end has a slight negative charge.  

The Greek letter  “delta” means “partial” 

Eg. A water molecule has two dipoles.  
 
21) London Forces (Van Der Waals force) 
Just by pure chance, there are some times when both electrons in helium are on the 
same side. This forms temporary dipoles. 
 
The weak attractive forces between the (+) side of one molecule and the (-) side of 
another molecule are called London Forces. 
 
The covalent intramolecular bond in I2 is very strong. 
 
There are weaker intermolecular forces which hold covalent molecules together in a 
molecular solid. These are called London Forces. Since they are relatively weak, iodine, 
I2(s), has a low melting point. 
 
22) Relative Bonding Strength 
 
What are the most important bonds holding substances together? 
 
   Network Bond >  Ionic Bond   >  Covalent Bond >    Hydrogen Bond  > London Forces  
     Diamond C(s)     Na+Cl-                    C-H in CH4          O-H with water m/c     He and He 
         Inter               Inter         Intra        Inter                     Inter 
          1                         2       3          4           5 
  Between               Within 
2 molecules           Molecule 
 


