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1.2  Empirical Formula vs. Molecular Formula1.2  Empirical Formula vs. Molecular Formula

1.1  Generalities1.1  Generalities

Most substances known to us are 
mixtures of pure compounds.  Air, for 
instance, contains the pure compounds 
nitrogen (~78%), oxygen (~21%), water 
vapor and many other gases (~1%).  The 
compositional ratio of air or any other 
mixture may vary from one location to 
another.  Each pure compound is made up 
of molecules which are composed of smaller 

units: the atoms.  Atoms combine in very 
specific ratios to form molecules.  During a 
chemical reaction molecules break down 
into individual or fragments of atoms which 
then recombine to form new compounds.  
Stoichiometry establishes relationships 
between the above-mentioned specific ratios 
for individual molecules or for molecules 
involved in a given chemical reaction. 

The molecules of oxygen are made up 
of two atoms of the same element.  Water 
molecules on the other hand are composed 
of two different elements: hydrogen and 
oxygen in the specific ratio 2:1.  Note 
that water is not a mixture of hydrogen 
and oxygen since this ratio is specific 
and does not vary with the location or the 
experimental conditions.  The empirical 
formula of a pure compound is the simplest 
whole number ratio between the numbers of 
atoms of the different elements making up 

the compound.  For instance, the empirical 
formula of water is H2O (2:1 ratio) while the 
empirical formula of hydrogen peroxide is 
HO (1:1 ratio).  The molecular formula of 
a given molecule states the exact number 
of the different atoms that make up this 
molecule.  The empirical formula of water is 
identical to its molecular formula, i.e.  H2O;  
however, the molecular formula of hydrogen 
peroxide, H2O2, is different from its empirical 
formula (both correspond to a 1:1 ratio).

1.3  Mole - Atomic and Molecular Weights1.3  Mole - Atomic and Molecular Weights

Because of the small size of atoms 
and molecules chemists have to consider 
collections of a large number of these 
particles to bring chemical problems to our 
macroscopic scale.  Collections of tens 
or dozens of atoms are still too small to 
achieve this practical purpose.  For various 
reasons the number 6.02 × 1023 (Avogadro's 

number:NA) was chosen.  It is the number 
of atoms in 12 grams of the most abundant 
isotope of carbon (isotopes are elements 
which are identical chemically since the 
number of protons are the same;  their 
masses differ slightly since the number 
of neutrons differ).  A mole of atoms or 
molecules (or in fact any particles in general) 
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The GAW of a given element is not to 
be confused with the mass of a single atom 
of this element.  For instance the mass of 
a single atom of carbon-12 (GAW = 12 g) 
is 12/NA = 1.66051 × 10-24 grams.  Atomic 
weights are dimensionless numbers defined 
as follows:

mass of an atom of X
mass of an atom of Y

=

atomic weight of element X
 atomic weight of element Y

Clearly if the reference element Y is 
chosen to be carbon-12 (which is the case 
in standard periodic tables) the GAW of any 
element X is numerically equal to its atomic 
weight.  The molecular weight of a given 
molecule is equal to the sum of the atomic 
weights of the atoms that make up the 
molecule. 

1.4  Composition of a Compound by Percent Mass1.4  Composition of a Compound by Percent Mass

contains an Avogadro number of these 
particles.  The weight in grams of a mole of 
atoms of a given element is the gram-atomic 
weight, GAW, of that element (sometimes 
weight is measured in atomic mass units - 
see Chemistry section 11.2, 11.3).  Along 
the same lines, the weight in grams of a 
mole of molecules of a given compound is 
its gram-molecular weight, GMW.  Here are 
some equations relating these concepts in 
a way that will help you solve some of the 
stoichiometry problems:

For an element:

# ( ) moles weight of sample in grams
GAW

=

For a compound:

# ( ) moles weight of sample in grams
GMW

=

The percentage composit ion of a 
compound is the percent of the total mass 
of a given element in that compound.  For 
instance, the chemical analysis of a 100 g 
sample of pure vitamin C demontrates that 
there are 40.9 g of carbon, 4.58 g of hydrogen 
and 54.5 g of oxygen.  The composition of 
pure vitamin C is: 

%C = 40.9;   %H = 4.58;   %O = 54.5

The composi t ion of  a compound 
by percent mass is closely related to its 

empirical formula.  For instance, in the 
case of vitamin C, the determination of the 
number of moles of atoms of C, H or O in a 
100 g of vitamin C is rather straightforward:

# moles of atoms of C in a 100 g of 
vitamin C = 40.9/12.0= 3.41

# moles of atoms of H in a 100 g of 
vitamin C = 4.58/1.01= 4.53

# moles of atoms of O in a 100 g of 
vitamin C = 54.5/16.0= 3.41
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[GAW can be determined from the periodic 
table in Chapter 2]

To deduce the smallest ratio between 
the numbers above, one follows the simple 
procedure:

(i) divide each one of the previously 
obtained numbers of moles by the 
smallest one of them (3.41 in our case):

 for C: 3.41/3.41 = 1.00
 for H: 4.53/3.41 = 1.33
 for O: 3.41/3.41 = 1.00

(ii) multiply the numbers obtained in the 
previous step by a small number to 
obtain a whole number ratio.  In our case 
we need to multiply by 3 (in most cases 
this factor is between 1 and 5)  so that :

 for C: 1.00 × 3 = 3;  
 for H: 1.33 × 3 = 4 and 
 for O: 1.00 × 3 = 3

Therefore, in this example, the simplest 
whole number ratio is 3C:4H:3O and we 
conclude that the empirical formula for 
vitamin C is: C3H4O3.

In the previous example, instead of 
giving the composition of vitamin C by 
percent weight we could have provided the 
raw chemical analysis data and asked for 
the determination of that composition.  For 
instance, this data would be that the burning 
of a 4.00 mg sample of pure vitamin C yields 

6.00 mg of CO2 and 1.632 mg of H2O.  Since 
there are 12.0 g of carbon in 44.0 g of CO2 
the number of milligrams of carbon in 6.00 
mg of CO2 (which corresponds to the number 
of mg of carbon in 4.00 mg of vitamin C) is 
simply:

6 00 12 0
44 0

. .
.

×






=  1.636 mg of C in 6.00 mg of  

CO2  or 4.00 mg of vitamin C

To convert this number into a percent 
mass is then trivial.  Similarly, the percent 
mass of hydrogen is obtained from the 
previous data and bearing in mind that there 
are 2.02 g of hydrogen (and not 1.01 g) in 
18.0 g of water.

How many moles are in 
guacamole?  Avocado's 
number.
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1.5  Description of Reactions by Chemical Equations1.5  Description of Reactions by Chemical Equations

The convention for writing chemical 
equations is as follows: compounds which 
initially combine or react in a chemical 
reaction are called reactants;  they are 
always written on the left-hand side of the 
chemical equation.  The compounds which 
are produced during the same process are 
referred to as the products of the chemical 
reaction;  they always appear on the right-
hand side of the chemical equation.  In the 
chemical equation: 

2 BiCl3 = 3 H2O → Bi2O3 + 6 HCl

the coeffi cients represent the relative number 
of moles of reactants that combine to form 
the corresponding relative number of moles 
of products: they are the stoichiometric 
coeff icients of the balanced chemical 
equation.  The law of conservation of mass 
requires that the number of atoms of a given 
element remains constant during the process 
of a chemical reaction.  Balancing a chemical 
equation is putting this general principle 
into practice.  It is always easier to balance 
elements that appear only in one compound 
on each side of the equation;  therefore, as a  
general rule, always balance those elements 
first and then deal with those which appear 
in more than one compound last.

Given the preceding chemical reaction, 
if H2O is present in excessive quantity, then 
BiCl3 would be considered the limiting 
reactant.  In other words, since the amount 

of BiCl3 is relatively small, it is the BiCl3 which 
determines how much product will be formed.  
Thus if you were given 316 grams of BiCl3 in 
excess H2O and you needed to determine the 
quantity of HCl produced (theoretical yield), 
you would proceed as follows:

 Determine the number of moles of BiCl3 
(see CHM 1.3) given Bi = 209 g/mol and 
Cl = 35.5 g/mol, thus BiCl3 = (1 × 209) + (3 × 
35.5) = 315.5 or approximately 316 g/mol:

 # moles BiCl3 = (316 g)/(316 g/mol) = 1.0 
mole of BiCl3.

 From the stoichiometric coefficients of 
the balanced equation:

 2 moles of BiCl3: 6 moles of HCl; 
therefore, 1 mole of BiCl3 : 3 moles of HCl

 Given H = 1 g/mol, thus HCl = 36.5 g/mol, 
we get:

 3 moles × 36.5 g/mol = 110 g of HCl 
(approx.).

Please note: the theoretical yield 
is seldom obtained in the lab and rather 
the amount of product (actual yield) is 
traditionally recovered.

Percent Yield Actual Yield
Theoretical Yield

=
×100
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1.6 Oxidation Numbers, Redox Reactions, Oxidizing vs. Reducing Agents1.6 Oxidation Numbers, Redox Reactions, Oxidizing vs. Reducing Agents

1.5.1 Categories of Chemical Reactions1.5.1 Categories of Chemical Reactions

Throughout the chapters in General 
Chemistry we will explore many different 
types of chemicals and some of their 
reactions.  The following represents some 
balanced chemical equations as examples:

A special class of reactions known as 
redox reactions are better balanced using 
the concept of oxidation state.  This section 
deals with these reactions in which electrons 
are transferred from one atom (or a group of 
atoms) to another.  

First of all, it is very important to 
understand the difference between the 
ionic charge and the oxidation state of 
an element.  For this let us consider the 
two compounds sodium chloride (NaCl) 

and water (H2O).  NaCl is made up of 
the charged species or ions: Na+ and Cl-

.  During the formation of this molecule, one 
electron is transferred from the Na atom 
to the Cl atom.  It is possible to verify this 
fact experimentally and determine that the 
charge of sodium in NaCl is indeed +1 and 
that the one for chlorine is -1.  The elements 
in the periodic table tend to lose or gain 
electrons to different extents.  Therefore, 
even in non-ionic compounds electrons are 
always transferred, to different degrees, from 

Substitution Reaction (CHM 9.4)

CH4 + Cl2 → CH3Cl + HCl

Neutralization Reaction (CHM 6.9.1)

2HCl + Ba(OH)2 → Ba2+ + 2Cl- + H2O

Disproportionation Reaction (CHM 1.6)

2CO → C + CO2

Double Replacement Reaction

CaCl2 + Na2CO3 → CaCO3 + 2NaCl 

Redox Reaction (CHM 1.6,10.1)

H2SO4 + Fe → FeSO4 + H2

In a disproport ionat ion react ion, 
the chemical  (CO in our example) is 
simultaneously reduced and oxidized (cf. 
NaCl in CHM 1.6) forming 2 differerent 
products. A double replacement reaction 
involves ions (CHM 5.2) which change 
partners.

When replacement reactions occur, 
there are often ions that do not undergo 
any changes. These can be left out of 
the end equation that is referred to as the 
“net ionic equation” because it does away 
with spectator ions (ORG 1.6) that are 
inconsequential to the reaction. They are 
used to show the actual reaction that occurs 
during a single or double replacement 
reaction.
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one atom to another during the formation 
of a molecule of the compound.  The actual 
partial charges that result from these partial 
transfers of electrons can also be determined 
experimentally.  The oxidation state is not 
equal to such partial charges.  It is rather 
an artificial concept that is used to perform 
some kind of "electron bookkeeping."

In a molecule like H2O, since oxygen 
tends to at t ract  e lectrons more than 
hydrogen, one can predict that the electrons 
that  a l low bonding to occur between 
hydrogen and oxygen will be displaced 
towards the oxygen atom. For the sake of 
"electron bookkeeping" we assign these 
electrons to the oxygen atom. The charge 
that the oxygen atom would have in this 
artificial process would be -2: this defines 
the oxidation state of oxygen in the H2O 
molecule. In the same line of reasoning one 
defines the oxidation state of hydrogen in 
the water molecule as +1. The actual partial 
charges of hydrogen and oxygen are in 
fact smaller;  but, as we will see later, the 
concept of oxidation state is very useful in 
stoichiometry.

Here are the general rules one needs 
to follow to assign oxidation numbers to 
different elements in different compounds:

1. In elementary substances, the oxidation 
number of an element is zero.  This is, 
for instance, the case for N in N2 or Na in 
sodium element, O in O2, or S in S8.

2. In monoatomic ions the oxidat ion 
number of the element that make up 

this ion is equal to the charge of the ion.  
This is the case for Na in Na+ (+1) or Cl 
in Cl- (-1) or Fe in Fe3+ (+3).  Clearly, 
monoatomic ions are the only species 
for which atomic charges and oxidation 
numbers coincide.

3. In a neutral molecule the sum of the 
oxidation numbers of all the elements 
that make up the molecule is zero.  In a 
polyatomic ion (e.g. SO4

2-) the sum of 
the oxidation numbers of the elements 
that make up this ion is equal to the 
charge of the ion.

4. Some useful oxidation numbers to 
memorize:

For H: +1, except in metal hydrides 
(general formula XH where X is from the first 
two columns of the periodic table) where it is 
equal to -1.

For O: -2 in most compounds.  In 
peroxides (e.g. in H2O2) the oxidation 
number for O is -1, it is +2 in OF2 and -1/2 
in superoxides (e.g. potassium superoxide: 
KO2 which contains the O2

- ion as opposed 
to the O2- ion).

For alkali metals (first column in the 
periodic table): +1.

For alkaline earth metals (second 
column): +2.

Aluminium always has an oxidation 
number of +3 in all its compounds.

(i.e. clorides AlCl3, nitrites Al(NO2)3, 
etc.)
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An element is said to have been 
reduced during a reaction if its oxidation 
number decreased during this reaction, it is 
said to have been oxidized if its oxidation 
number increased.  A simple example is:

         Zn(s)  +  CuSO4(aq)
Oxid.#:        0               +2                   

         ZnSO4(aq) + Cu(s)
Oxid.#:       +2                    0

During this reaction Cu is reduced 
(oxidation number decreases from +2 to 
0) while Zn is oxidized (oxidation number 
increases from 0 to +2).  Since, in a sense, 
Cu is reduced by Zn, Zn can be referred to 
as the reducing agent.  Similarly, Cu is the 
oxidizing agent.

The redox titrations will be dealt with in 
the section on titrations (CHM 6.10). Many 
of the redox agents in the table below will be 
explored in the chapters on Organic Chemistry.

Common Redox Agents

Reducing Agents Oxidizing Agents

  * Lithium aluminium hydride (LiAlH4)
  * Sodium borohydride (NaBH4)
  * Metals     
  * Ferrous ion (Fe2+)

* Iodine (I2) and other halogens
* Permanganate (MnO4) salts
* Peroxide compounds (i.e. H2O2)
* Ozone (O3); osmium tetroxide (OsO4)
* Nitric acid (HNO3); nitrous oxide (N2O)
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2.1  Electronic Structure of an Atom2.1  Electronic Structure of an Atom

The modern view of the structure of 
atoms is based on a series of discoveries and 
complicated theories that were put forth at the 
turn of this century.  We will only present the 
main ideas behind these findings that shaped 
our understanding of atomic structure.

The first important idea is that electrons 
(as well as any microscopic particles) are in 
fact waves as well as particles;  this concept 
is often referred to in textbooks as the dual 
nature of matter.

Contrary to classical mechanics, in 
this modern view of matter information on 
particles is not derived from the knowledge 
of their position and momentum at a given 
time but by the knowledge of the wave 
function (mathematical expression of the 
above-mentioned wave) and their energy.  
Mathematically, such information can be 
derived, in principle, by solving the master 
equation of quantum mechanics known as 
the Schroedinger equation.  In the case of 
the hydrogen atom, this equation can be 
solved exactly.  It yields the possible states 
of energy in which the electron can be found 
within the hydrogen atom and the wave 
functions associated with these states.  The 
square of the wave function  associated with 
a given state of energy gives the probability 
to find the electron, which is in that same 
state of energy, at any given point in space 
at any given time.  These wave functions 
as well as their geometrical representations 
are referred to as the atomic orbitals.  We 
shall explain further below the significance of 
these geometrical representations.  

Even for a hydrogen atom there is a 
large number of possible states in which 
its single electron can be found (when it is 
subjected to different external perturbations).  
A labelling of these states is therefore 
necessary.  This is done using the quantum 
numbers.  These are:

(i) n: the pr incipal  quantum number .  
This number takes the integer values 
1,2,3,4,5...  The higher the value of n the 
higher the energy of the state labelled by 
this n.  This number defines the atomic 
shells K (n=1), L (n=2), M (n=3) etc...

(ii) l: the angular momentum quantum 
number.  It defines the shape of the 
atomic orbital in a way which we will 
discuss further below.  For a given 
electronic state of energy defined by n, l 
takes all possible integer values between 
0 and n-1.  For instance for a state with 
n=0 there is only one possible shape of 
orbital, it is defined by l=0.  For a state 
defined by n=3 there are 3 possible 
orbital shapes with l=0,1 and 2.  

 
 All orbitals with l=0 are called "s", 

all  with l=1 are "p", those with l=2 
or 3 are "d" or "f"  respectively.  The 
important shapes to remember are: i) s 
= spherical, ii) p = 2 lobes or "dumbbell" 
(see the following diagrams).  For values 
of l larger than 3, which occur with an n 
greater or equal to 4, the corresponding 
series of atomic orbitals follows the 
alphabetical order h,i,j,...
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(iii) ml: the magnetic quantum number.  It 
defines the orientation of the orbital of 
a given shape.  For a given value of l 
(given shape), ml can take any of the 
2l+1 integer values between -l and +l.  
For instance for a state with n=3 and 
l=1 (3p orbital in notation explained in 
the previous paragraph) there are three 
possible values for ml:  -1,0 and 1.  
These 3 orbitals are oriented along x, y 
or the z axis of a coordinate system with 

its origin on the nucleus of the atom: 
they are denoted as 3px, 3py and 3pz.  
The diagrams show the representation of 
an orbital corresponding to an electron 
in a state ns, npx, npy, and npz.  These 
are the 3D volumes where there is 90% 
chance to find an electron which is in a 
state ns, npx, npy, or npz, respectively.  
This type of diagram constitutes the most 
common geometrical representation of 
the atomic orbitals.

Figure III.A.2.2: Atomic orbitals where l = 1.

Figure III.A.2.1: Atomic orbitals where l = 0.
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2.2  Conventional Notation for Electronic Structure2.2  Conventional Notation for Electronic Structure

The state of an electron in an atom 
is completely defined by a set of quantum 
numbers (n,l,ml,ms).  If two electrons in an 
atom share the same n, l and ml numbers 
their ms have to be of opposite signs: this is 
known as Pauli's exclusion principle.  This 
principle along with a rule known as Hund's 
rule constitutes the basis for the procedure 
that one needs to follow to assign the 
possible (n,l,ml,ms) states to the electrons of 
a polyelectronic atom.  Orbitals are "filled" in 
sequence, according to an example below.  
When filling a set of orbitals with the same n 
and l (e.g.  the three 2p orbitals: 2px, 2py and 
2pz which differ by their ml's) electrons are 
assigned to  orbitals with different ml's first 
with parallel spins (same sign for their ms), 
until each orbital of the given group is filled 
with one electron, then, electrons are paired 
in the same orbital with antiparallel spins 
(opposite signs for ms).  This procedure is 
illustrated in an example which follows.  The 
electronic configuration which results from 
orbitals filled in accordance with the previous 
set of rules corresponds to the atom being in 
its lowest overall state of energy.  This state 

of lowest energy is referred to as the ground 
state of the atom.

The restrictions related to the previous 
set of rules lead to the fact that only a certain 
number of electrons is allowed for each 
quantum number:

 for a given n (given shell): the maximum 
number of electrons allowed is 2n2.

 for a given l (s,p,d,f...  ): this number is 
4l+2.

 for a given ml (given orbital orientation): 
a maximum of 2 electrons is allowed.

There is a conventional notation for 
the electronic structure of an atom: 

(i) orbitals are listed in the order they are 
filled

(ii) generally, in this conventional notation, 
no distinction is made between electrons 
in states defined by the same n and l but 
which do not share the same ml.

(iv) ms: the spin quantum number.  This 
number takes the values +1/2 or -1/2 for 
the electron.  Some textbooks present 
the intuitive, albeit wrong, explanation 
that the spin angular momentum arises 
from the spinning of the electron around 
itself, the opposite signs for the spin 
quantum number would correspond to 

the two opposite rotational directions.  
We do have to resort to such an intuitive 
presentation because the spin angular 
moment has, in fact ,  no classical 
equivalent and, as a result, the physics 
behind the correct approach is too 
complex to be dealt with in introductory 
courses.
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follow the direction of successive 
arrows moving from top to bottom

Figure III.A.2.3: The order for filling atomic orbitals.

Another illustrative notation is also often 
used.  In this alternate notation orbitals are 
represented by boxes (hence the referring 
to this representation as "box diagrams").  
Orbitals with the same l are grouped together 
and electrons are represented by vertical 
ascending or descending arrows (for the two 
opposite signs of ms).

For instance for the series H, He, Li, 
Be, B, C we have the following electronic 
configurations:

H: 1s1  box diagram:   

He: 1s2  box diagram:         and not   
(rejected by Pauli's exclusion  principle)

Li: 1s2 2s1

     
Be: 1s2 2s2

     

B: 1s2 2s2                2p1

            

C: 1s2 2s2  2p2

             

(to satisfy Hund's rule of maximum spin)

To satisfy Hund's rule the next electron 
is put into a separate 2p "box".  The 4th 2p 
electron (for oxygen) is put in the first box 
with an opposite spin.

Final ly,  we should point out that 
electrons can be promoted to higher 
unoccupied (or partially occupied) orbitals 
when the atom is subjected to some external 
perturbation which inputs energy into the 
atom.  The resulting electronic configuration 
is called an excited state configuration.

For instance the ground state electronic 
configuration of oxygen is written as:

1s2 2s2 2p4 

W h e n  w r i t i n g  t h e  e l e c t r o n i c 
configuration of a polyelectronic atom 
orbitals are filled (with two electrons) in order 
of increasing energy: 1s 2s 2p 3s 3p 4s 3d ... 
according to the following figure:

CHM-17SURVEY OF THE NATURAL SCIENCES

DAT_General_Chemistry.indd   17 8/11/2010   11:49:40 AM



2.3 Elements, Chemical Properties and The Periodic Table2.3 Elements, Chemical Properties and The Periodic Table

Since most chemical properties of 
the atom are related to their outermost 
electrons (valence electrons), it is the 
orbital occupation of these electrons which 
is most relevant in the complete electronic 
configuration.  The periodic table (see the 
end of this chapter; one is supplied in the 
DAT exam) can be used to derive such 
information in the following way:

(i) the row or period number gives the "n" 
of the valence electrons of any given 
element of the period.

(ii) the first two columns or groups and 
helium (He) are referred to as the 
"s" b lock.   The valence electrons 
of elements in these groups are "s" 
electrons.

(iii) groups 3A to 8A (13th to 18th columns) 
are the "p" group.  Elements belonging 
to these groups have their ground state 
electronic configurations ending with "p" 
electrons.

(iv) Elements in groups 3B to 2B (columns 
3 to 12) are called transition elements.  
Their electronic configurations end with 
ns2 (n-1)dx where n is the period number 
and x=1 for column 3, 2 for column 4, 
3 for column 5, etc...  Note that these 
elements sometimes have unexpected 
or unusual valence shell electronic 
configurations.

This set of rules should make the writing 
of the ground-state valence shell electronic 
configuration very easy.  For instance: Sc 

being an element of the "d" group on the 4th 
period should have a ground-state valence 
shell electronic configuration of the form: 4s2 
3dx.  Since it belongs to group 3B (column 
3) x = 1;  therefore, the actual configuration 
is simply: 4s2 3d1.  However, half-filled (i.e. 
Cr) and filled (i.e. Cu, Ag, Au) d orbitals 
have remarkable stability.  This stability 
makes for unusual configurations (i.e. by 
the rules Cr = 4s2 3d4, but in reality Cr = 
4s1 3d5 creating a half-filled d orbital).  Some 
metal ions form colored solutions due to the 
transition energies of the d-electrons.

A number of physical and chemical 
properties of the elements are periodic, i.e.  
they vary in a regular fashion with atomic 
numbers.  We will define some of these 
properties and explain their trends:

(i) First ionization energy or potential (1st 
IE or IP): the energy required to remove 
one of the outermost electrons from an 
atom in its gaseous state.  The ionization 
potential increases from left to right in 
a period and decreases from the top 
to the bottom of a group or column in 
the periodic chart.  The 1st IP drops 
sharply when we move from the last 
element of a period (inert gas) to the 
first element of the next period.  These 
are general trends,  elements located 
after an element with a half-filled shell, 
for instance, have a lower 1st IP than 
expected by these trends.

(ii) Second ionization energy or potential 
(2nd IE or IP): the previous trends can be 
used if one remembers the relationship 
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be tween  1s t  and  2nd  i on i za t i on 
processes of an atom of element X:

  X  +  energy → X+  +  1 e-

           1st ionization of X
  X+ + energy → X2+  +  1 e-

           2nd ionization of X

The second ionization process of X can 
be viewed as the 1st ionization of X+.  With 
this in mind it is very easy to predict trends 
of 2nd IP's.  For instance, let us compare 
the 2nd IP's of the elements Na and Al.  This 
is equivalent to comparing the 1st IP's of 
Na+ and Al+.  These, in turn, have the same 
valence shell electronic configurations as Ne 
and Mg, respectively.  Applying the previous 
general principles on Ne and Mg we arrive at 
the following conclusions:

* the 1st IP of Ne is greater than the 1st IP 
of Mg 

* the 1st IP of Na+ is therefore expected to 
be greater than the 1st IP of Al+

* the latter statement is equivalent to the 
final conclusion that the 2nd IP of Na is 
greater than the 2nd IP of Al.

(iii) Electron affinity (EA) is the energy 
change that accompanies the following 

process for an atom of element X:

 X(gas)  +  1 e- → X-(gas)

This property measures the ability of 
an atom to accept an electron.  Halogen 
atoms (F, Cl, Br...) have a very negative 
EA because they have a great tendency 
to form negative ions.  On the other hand, 
alkaline earth metals which tend to form 
positive rather than negative ions have very 
large positive EA's.  The overall tendency 
is that EA's become more negative as we 
move from left to right across a period, 
they are more negative (less positive) for 
non-metals than for metals and they do 
not change considerably within a group or 
column.

(iv) Atomic radius generally decreases 
from left to right across a period and 
increases when we move down a group.

(v) Electronegativity is a parameter that 
measures the ability of an atom, when 
engaged in a molecular bond, to pull or 
repel the bond electrons.  This parameter 
is determined from the 1st IE and the 
EA of a given atom.  Electronegativity 
follows the same general trends as the 
1st IE.
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Element      Symbol  Atomic Number     Element            Symbol      Atomic Number

Actinium          Ac     89     Molybdenum          Mo         42
Aluminum          Al     13     Neodymium  Nd         60
Americium          Am     95     Neon   Ne                   10
Antimony          Sb     51     Neptunium             Np         93
Argon           Ar     18     Nickel             Ni         28
Arsenic          As     33     Niobium             Nb         41
Astatine          At     85     Nitrogen             N         7
Barium          Ba     56     Nobelium             No         102
Berkelium          Bk     97     Osmium             Os         76
Beryllium          Be     4     Oxygen             O         8
Bismuth          Bi     83     Palladium             Pd         46
Boron           B     5     Phosphorous         P         15
Bromine          Br     35     Platinum             Pt         78
Cadmium          Cd     48     Plutonium             Pu         94
Calcium          Ca     20     Polonium             Po         84
Californium          Cf     98     Potassium             K         19
Carbon          C     6     Praseodymium       Pr                   59
Cerium          Ce     58     Promethium           Pm         61
Cesium          Cs     55     Protactinium  Pa         91
Chlorine          Cl     17     Radium             Ra                   88
Chromium          Cr     24     Radon   Rn         86
Cobalt           Co     27     Rhenium             Re         75
Copper          Cu     29     Rhodium             Rh         45
Curium          Cm     96     Rubidium             Rb         37
Dysprosium          Dy     66     Ruthenium             Ru         44
Einsteinium          Es     99     Samarium             Sm         62
Erbium          Er     68     Scandium             Sc         21
Europium          Eu     63     Selenium             Se         34
Fermium          Fm     100     Silicon             Si        14
Fluorine          F     9     Silver             Ag         47
Francium          Fr     87     Sodium             Na         11
Gadolinium          Gd     64     Strontium             Sr         38
Gallium          Ga     31     Sulfur             S        16

Germanium          Ge            32   Tantalum     Ta  73
Gold           Au      79   Technetium     Tc  43
Hafnium          Hf      72   Tellurium     Te  52
Helium          He      2   Terbium     Tb  65
Holmium          Ho      67   Thallium     Tl  81
Hydrogen          H      1   Thorium     Th  90
Indium          In      49   Thulium     Tm  69
Iodine           I                 53   Tin      Sn  50
Iridium          Ir      77   Titanium     Ti  22
Iron           Fe      26   Tungsten     W  74
Krypton          Kr      36   (Unnilhexium)   (Unh) 106
Lanthanum          La      57   (Unnilpentium)  (Unp) 105
Lawrencium            Lr      103   (Unnilquadium) (Unq) 104
Lead           Pb      82   Uranium            U  92
Lithium          Li      3   Vanadium     V  23
Lutetium          Lu      71   Xenon      Xe  54
Magnesium          Mg      12   Ytterbium     Yb  70
Manganese          Mn      25   Yttrium      Y  39
Mendelevium          Md      101   Zinc       Zn  30
Mercury          Hg      80   Zirconium      vZr  40
Molybdenum          Mo      42
Neodymium          Nd      60
Neon           Ne                10
Neptunium          Np      93
Nickel                     Ni      28
Niobium          Nb      41
Nitrogen          N      7
Nobelium          No      102
Osmium          Os      76
Oxygen          O      8
Palladium          Pd      46
Phosphorous         P      15
Platinum          Pt      78
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Germanium          Ge            32   Tantalum          Ta      73
Gold           Au      79   Technetium          Tc      43
Hafnium          Hf      72   Tellurium          Te      52
Helium          He      2   Terbium          Tb      65
Holmium          Ho      67   Thallium          Tl      81
Hydrogen          H      1   Thorium          Th      90
Indium          In      49   Thulium          Tm      69
Iodine           I                 53   Tin           Sn      50
Iridium          Ir      77   Titanium          Ti      22
Iron           Fe      26   Tungsten          W      74
Krypton          Kr      36   (Unnilhexium)        (Unh)               106
Lanthanum          La      57   (Unnilpentium)       (Unp)               105
Lawrencium            Lr      103   (Unnilquadium)      (Unq)               104
Lead           Pb      82   Uranium                 U      92
Lithium          Li      3   Vanadium          V      23
Lutetium          Lu      71   Xenon           Xe      54
Magnesium          Mg      12   Ytterbium          Yb      70
Manganese          Mn      25   Yttrium          Y      39
Mendelevium          Md      101   Zinc           Zn      30
Mercury          Hg      80   Zirconium          Zr      40
Molybdenum          Mo      42
Neodymium          Nd      60
Neon           Ne                10
Neptunium          Np      93
Nickel                     Ni      28
Niobium          Nb      41
Nitrogen          N      7
Nobelium          No      102
Osmium          Os      76
Oxygen          O      8
Palladium          Pd      46
Phosphorous         P      15
Platinum          Pt      78

    
Cadmium          Cd     48     Plutonium             Pu        94
Calcium          Ca     20     Polonium             Po        84
Californium          Cf     98     Potassium             K        19
Carbon          C     6     Praseodymium       Pr                  59
Cerium          Ce     58     Promethium           Pm        61
Cesium          Cs     55     Protactinium  Pa        91
Chlorine          Cl     17     Radium             Ra                  88
Chromium          Cr     24     Radon   Rn        86
Cobalt           Co     27     Rhenium             Re        75
Copper          Cu     29     Rhodium             Rh        45
Curium          Cm     96     Rubidium             Rb        37
Dysprosium          Dy     66     Ruthenium             Ru        44
Einsteinium          Es     99     Samarium             Sm        62
Erbium          Er     68     Scandium             Sc        21
Europium          Eu     63     Selenium             Se        34
Fermium          Fm     100     Silicon             Si        14
Fluorine          F     9     Silver             Ag        47
Francium          Fr     87     Sodium             Na        11
Gadolinium          Gd     64     Strontium             Sr        38
Gallium          Ga     31     Sulfur             S        16

Element Symbol Atomic Number Element Symbol Atomic Number

The elements of the periodic table 
belong in three basic categories: metals, 
nonmetals and metalloids (or semimetals).  

 
Metals – high melting points and 

densities characterize metals. They are 
excellent conductors of heat and electricity 
due to their valence electrons being able 
to move freely. This fact also accounts 
for the major characteristic properties of 

2.4  Metals, Nonmetals and Metalloids2.4  Metals, Nonmetals and Metalloids

metals: large atomic radius, low ionization 
energy, high electron affinities and low 
electronegativity. Groups IA and IIA are the 
most reactive of all metal species.

 
Nonmetals – Nonmetals have high 

ionization energies and electronegativities. 
As opposed to metals, they do not conduct 
heat or electr ic i ty.  They tend to gain 
electrons easily as opposed to metals that 
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readily lose electrons when forming bonds.
 
Metalloids – The metalloids share 

properties with both metals and nonmetals. 
Their densities, boiling points and melting 
points do not follow any specific trends and 

are very unpredictable. Ionization energy 
and electronegativity values vary and can 
be found in between those of metals and 
nonmetals. Examples of metalloids are 
boron, silicon, germanium, arsenic, antimony 
and tellurium.

Table 3.A.2.1

*General characteristics of metals, nonmetals and metalloids

Metals Nonmetals Metalloids

● Hard and Shiny ● Gases or dull, brittle solids ● Appearence will vary

● 3 or less valence 
electrons

● 5 or more valence 
electrons

● 3 to 7 valence 
electrons

● Form + ions by losing e- ● Form - ions by gaining e- ● Form + and/or - ions

● Good conductors of 
heat and electricity

● Poor conductors of heat 
and electricity

● Conduct better than 
nonmetals but not as 
well as metals

*These are general characteristics. There are exceptions beyond the scope of the exam.

Alkali metals – The alkali metals are 
found in Group IA and are different than 
other metals in that they only have one 
loosely bound electron in their outermost 
shell. This gives them the largest ionic 
radius of all the elements in their respective 
periods. They are also highly reactive 
(especially with halogens) due to their low 
ionization energies and low electronegativity 
and the relative ease with which they lose 
their valence electron.

 

Alkaline Earth metals – The alkaline 
earth metals are found in Group IIA and 
also tend to lose electrons quite readily. 
They have two electrons in their outer shell 
and experience a stronger effective nuclear 
charge than alkali metals. This gives them 
a smaller atomic radius as well as low 
electronegativity values.

Halogens – The halogens are found 
in Group VIIA and are highly reactive 

2.4.1  The Chemistry of Groups2.4.1  The Chemistry of Groups
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nonmetals with seven valence electrons in 
their outer shell. This gives them extremely 
high electronegativity values and makes 
them reactive towards alkali metals and 
alkaline earth metals that seek to donate 
electrons to form a complete octet. Some 
halogens are gaseous at STP (F2 and Cl2) 
while others are liquid (Br2) or solid (I2).

 
Noble gases – The noble gases, also 

called the inert gases, are found in Group 
VIII and are characterized by being a mostly 
nonreactive species due to their complete 
valence shell. This energetically favorable 
configuration of electrons gives them high 
ionization energies, low boiling points and no 

real electronegativities. They are all gaseous 
at room temperature.

 
Transition Elements – The transition 

elements are found in groups IB to VIIIB 
and are characterized by high melting 
points and boiling points. Their key chemical 
characteristic is that they are able to exist in 
a variety of different oxidation states. This 
is because transition elements can lose 
electrons from both their s and d orbitals of 
their valence shell with the d electrons held 
more loosely than the s ones. They display 
low ionization energies and high electrical 
conductivities.
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3.1  The Ionic Bond3.1  The Ionic Bond

When an  e lemen t  X  w i th  a  l ow 
ionization potential is combined with an 
element Y with a large negative electron 
affinity one or more electrons are transferred 
from the atoms of X to the atoms of Y.  
This leads to the formation of cations Xn+ 
and anions Ym-.  These ions of opposite 
charges are then attracted to each other 
through electrostatic forces.  The bonds that 
hold these ions together are called ionic 
bonds.  Ionic bonding favors the formation 

of large stable spatial arrangements of ions: 
crystalline solids.  In our general example, 
note that to maintain electrical neutrality the 
empirical formula of this ionic compound has 
to be of the general form: XmYn ( the total 
positive charge: n × m is equal to the total 
negative charge: m × n in a unit formula).  
For instance, since aluminium tends to form 
the cation Al3+ and oxygen the anion O2- 
the empirical formula for aluminium oxide is 
Al2O3.  

3.2  The Covalent Bond3.2  The Covalent Bond

Atoms are held together in non-
ionic molecules by covalent bonds.  In this 
type of bonding two valence electrons are 
shared by two atoms.  A Lewis structure is a 
representation of covalent bonding in which 
shared electrons are shown either as lines 
or as pairs of dots between two atoms.  For 
instance, let us consider the H2O molecule.  
The valence shell electronic configurations 
of the atoms that constitute this molecule 
are:

  O: 2s2 2p4

  H: 1s1

Since hydrogen has only one electron 
to share with oxygen there is only one 
possible covalent bond that can be formed 
between the oxygen atom and each of the 
hydrogen atoms.  4 of the valence electrons 
of the oxygen atom do not participate in 
this covalent bonding, these are called non-
bonding electrons or lone pairs.  The Lewis 

structure of the water molecule is:

Lewis formulated the following general 
rule known as the octet rule concerning 
these representations: atoms tend to form 
covalent bonds until they are surrounded 
by 8 electrons (except for hydrogen which 
can be surrounded by a maximum of only 2 
electrons).  To satisfy this rule (and if there 
is a sufficient number of valence electrons), 
two atoms may share more than one pair 
of electrons thus forming more than one 
covalent bond at a time.  In such instances 
the bond between these atoms is referred 
to as a double or a triple bond depending 
on whether there are two or three pairs of 
shared electrons, respectively.

Some molecules cannot fu l ly  be 
described by a single Lewis structure.  For 
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instance, for the carbonate ion: CO3
2-, the 

octet rule is satisfied for the central carbon 
atom if one of the C...O bonds is double 
(see ORG 1.5).  While this leads us to 
thinking that the three C...O bonds are not 
equivalent, every experimental evidence 
concerning this molecule show that the three 
bonds are the same (same length, same 
polarity, etc...).  This suggests that in such 
instances a molecule cannot be described 
fully by a single Lewis structure.  Indeed, 
since there is no particular reason to choose 
one oxygen atom over another we can write 
three equivalent Lewis structures for the 
previous ion.  These three structures are 
called resonance structures.  It is the full set 
of resonance structures that describe such 
a molecule.  In this picture, the C...O bonds 
are neither double nor single, they have both 
a single and a double bond character.  It is 
often interesting to compare the number of 
valence electrons that an atom possesses 
when it is isolated and when it is engaged 
in a covalent bond within a given molecule.  
This is often quantitatively described by the 
concept of formal charge.  This concept is 
defined as follows:

total # of valence e-'s in the free atom
-     total # of non-bonding e-'s in the molecule
-   1/2 (total # bonding e-'s) in the molecule

= formal charge

 Let us apply this definition to the two 
previous examples: H2O and CO3

2-.  This 
process is fairly straightforward in the case 
of the water molecule:

   total # of valence e-'s in free O:          6
- total # of non-bonding e-'s on O in H2O:    4
- 1/2 (total # of bonding e-'s) on O in H2O:   2   

  Formal charge of O in H2O    =          0
 

The case of CO3
2- ion is not as obvious.  

I f  we consider one of  the equivalent 
resonance forms, for the oxygen with a 
double bond we have:

   total # of valence e-'s in free O:      6
- total # of non-bonding e-'s on O in the ion:  4
- 1/2 (total # of bonding e-) on O in the ion:   2

  Formal charge of O of C=O in the ion   =   0

Similarly, the calculation of the formal 
charge for O of C-O in the same ion leads to 
the following: 6-6-1/2(2)= -1.  Considering 
that CO3

2- is represented by three resonance 
forms, the actual formal charge of the 
oxygen atom is 1/3 (-1-1+0)= -2/3.  This 
number formally reflects the idea that the 
oxygen atoms are equivalent and that any 
one of them has a -1 charge in 2 out of three 
of the resonance forms of this ion.  Here are 
some simple rules to remember about formal 
charges:

(i) For neutral molecules, the formal charges 
of all the atoms should add up to zero.

(ii) For an ion, the sum of the formal 
charges must equal the ion's charge.

 The following rules should help you 
select a plausible Lewis structure:
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(i) If you can write more than one Lewis 
structure for a given neutral molecule;  
the most plausible one is the one 
in which the formal charges of the 
individual atoms are zero.

(ii) Lewis stuctures with the smallest formal 
charges on each individual atom are 
more plausible than the ones that involve 
large formal charges.

    
(iii) Out of  a range of  possib le Lewis 

structures for a given molecule, the most 
plausible ones are the ones in which 
negative formal charges are found on the 
most electronegative atoms and positive 
charges on the most electropositive ones.

In addition to these rules, remember 
that some elements have a tendency to form 
molecules that do not satisfy the octet rule:

(i) When sulfur is the central atom in a 
molecule or a polyatomic ion it almost 
invariably does not fulfill the octet rule.  
The number of electrons around S in 
these compounds is usually 12 (e.g. SF6, 
SO4

2-).  This situation (expanded octets) 
also occurs in other elements in and 
beyond the third period.

(ii) Molecules that have an element from the 
3A group (B, Al..) as their central atom 
do not generally obey the octet rule.  In 
these molecules there are less than 8 
electrons around the central atom (e.g. 
AlI3 and BF3).

(iii) Some molecules with an odd number of 
electrons can clearly not obey the octet 
rule (e.g. NO and NO2).

3.3  Partial Ionic Character3.3  Partial Ionic Character

Except for homonuclear molecules 
(molecules made of atoms of the same 
element, e.g.  H2, O3, etc...), bonding 
electrons are not equally shared by the 
bonded atoms.  Thus a diatomic (= two 
atoms) compound like Cl2 shares its bonding 
electrons equally; whereas, a binary (= 
two different elements) compound like 
CaO (calcium oxide) or NaCl (sodium 
chloride) does not.  Indeed, for the great 
majority of molecules, one of the two atoms 
between which the covalent bond occurs is 

necessarily more electronegative than the 
other.  This atom will attract the bonding 
electrons to a larger extent.  Although this 
phenomenon does not lead to the formation 
of two separate ionic species, it does result in 
a molecule in which there are partial charges 
on these particular atoms: the corresponding 
covalent bond is said to possess partial ionic 
character.  This polar bond will also have a 
dipole moment given by:

D = q • d
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3.4  Lewis Acids and Lewis Bases3.4  Lewis Acids and Lewis Bases

where q is the absolute value of the 
partial charge on the most electronegative 
or the most electropositive bonded atom 
and d is the distance between these two 
atoms.  To obtain the total dipole moment 
of a molecule one must add the individual 
dipole moment vectors present on each one 
of its bonds.  Since this is a vector addition, 
the overall result may be zero even if the 
individual dipole moment vectors are very 
large.

 Non-polar  bonds are genera l ly 
stronger than polar covalent and ionic 
bonds, with ionic bonds being the weakest.  

However, in compounds with ionic bonding, 
there is generally a large number of bonds 
between molecules and this makes the 
compound as a whole very strong.  For 
instance, although the ionic bonds in one 
compound are weaker than the non-polar 
covalent bonds in another compound, the 
ionic compound’s melting point will be 
higher than the melting point of the covalent 
compound.  Polar covalent bonds have a 
partially ionic character, and thus the bond 
strength is usually intermediate between that 
of ionic and that of non-polar covalent bonds.  
The strength of bonds generally decreases 
with increasing ionic character.

In the previous section we pointed 
out some exceptions to Lewis' octet rule.  
Among these were molecules that had a 
deficiency of electrons around the central 
atom (e.g. BF3).  When such a molecule 
is put in contact with a molecule with lone 
pairs (e.g. NH3) a reaction occurs.  Such a 
reaction can be interpreted as a donation 
of a pair of electrons from the second type 
of molecule to the fi rst, or alternately by an 
acceptance of a pair of electrons by the fi rst 
type of molecule.  Molecules such as BF3 are 
referred to as Lewis acids while molecules 
such as NH3 are Lewis bases.  {LEwis Acids: 
Electron Acceptors}

What is the name of 007's 
northern cousin?  Polar 
Bond.
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3.5  Valence Shell Electronic Pair Repulsions (VSEPR Models)3.5  Valence Shell Electronic Pair Repulsions (VSEPR Models)

One of the shortcommings of Lewis 
structures is that they cannot be used 
to predict molecular geometries.  In this 
context a model known as the valence-shell 
electronic pair repulsion or VSEPR model is 
very useful.  In this model, the geometrical 
arrangement of atoms or groups of atoms 
bound to a central atom A is determined by 
the number of pairs of valence electrons 
around A.  VSEPR procedure is based on 
the principle that these electronic pairs 
around the central atom are arranged in 
such a way that the repulsions between 
them are minimized.  The general VSEPR 
procedure starts with the determination of 
the number of electronic pairs around A:

 # of valence electrons in a free atom of A
+ # of sigma bonds involving A
- # of pi bonds involving A

 = (total # of electrons around A)

The division of this total number by 
2 yields the total number of electron pairs 
around A.  Note the following important 
points:

(i) A single bond counts for 1 sigma bond, 
a double bond for 1 sigma bond and 1 pi 
bond and a triple bond for 1 sigma and 
two pi bonds.

(ii) The general calculation presented 
above is performed for the purposes of 
VSEPR modelling; its result can be quite 
different from the one obtained in the 
corresponding Lewis structure.

(iii) For all practical purposes, one always 
assigns a double bond (i.e. 1 sigma 
bond and one pi bond) to a terminal 
oxygen (an oxygen which is not a central 
atom and is not attached to any other 
atom besides the central atom).

(iv) A terminal halogen is always assigned a 
single bond.

Once the number of pairs around the 
central atom is determined, the next step is to 
use Figure III.A.3.1 to predict the arrangement 
of these pairs around the central atom.

The next step is to consider the 
previous arrangement of the electronic pairs 
and place the atoms or groups of atoms 
that are attached to the central atom in 
accordance with such an arrangement.  The 
pairs which are not involved in the bonding 
between these atoms and the central atom 
are lone pairs.  If we substract the number 
of lone pairs from the total number of pairs 
we readily obtain the number of bonding 
pairs.  It is the number of bonding pairs 
which ultimately determines the molecular 
geometry in the VSEPR model according 
to Table III.A.3.1.  Let us consider three 
examples: CH4, H2O and CO2.

1 - CH4:

 # of valence electrons on C:  4
+ # of sigma bonds: + 4
- # of pi bonds: - 0 

= 8/2 = 4 pairs
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According to Figure III .A.3.1 this 
corresponds to a tetrahedral arrangement.  
All of these pairs correspond to an H 
atom attached to the central  atom of 
carbon.  Therefore, the 4 pairs are bonding 
pairs and the molecular geometry is also 
tetrahedral.

 2 - H2O:

 # of valence electrons on O:  6
+ # of sigma bonds on the central O: + 2
- # of pi bonds on the central O: -  0

 = 8 / 2 = 4 pairs

 3 - CO2:

 # of valence electrons on C:  4
+ # of sigma bonds for terminal O's: + 2
- # of pi bonds for terminal O's: - 2

 = 4 / 2 = 2 pairs

This total number of pairs corresponds 
to a linear arrangement.  Since both of these 
pairs are used to connect the central C atom 
to the terminal O's there are no lone pairs 
left on C.  Therefore, the number of bonding 
pairs is also 2 and the molecular geometry is 
also linear.

Here are some additional rules when 
applying the VSEPR model:

(i) When dealing with a cation (positive ion) 
subtract the charge of the ion from the 
total number of electrons.

(ii) When dealing with an anion (negative 
ion) add the charge of the ion to the total 
number of electrons.

(iii) A lone pair repels another lone pair or a 
bonding pair very strongly.  This causes 
some deformation in bond angles.  For 
instance, the H-O-H angle is smaller 
than 109.5o.

(iv) The previous rule also holds for a double 
bond.  Note that in one of our previous 
examples (CO2), the angle is still 180o 
since there are two double bonds and 
no lone pairs.  Indeed, in this geometry, 
the strong repulsions between the two 
double bonds are symmetrical.

(v) The VSEPR model can be applied to 
polyatomic molecules.  The procedure 
is the same as above except that one 
can only determine the arrangements 
of groups of atoms around one given 
central atom at a time.  For instance, 
you could apply the VSEPR model to 
determine the geometrical arrangements 
of atoms around C or around O in 
methanol (CH3OH).  In the first case the 
molecule is treated as CH3-X (where -X 
is -OH) and in the second it is treated 
as HO-Y (where -Y is -CH3).  The 
geometrical arrangement is tetrahedral 
in the first case which gives HCX or HCH 
angles close to 109o.  The second case 
corresponds to a bent arrangement (with 
two lone pairs on the oxygen) and gives 
an HOY angle close to 109o as well. 
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Table III.A.3.1: Geometry of simple molecule in which the central atom A has one or more 
lone pairs of electrons  (= e-).

Total number     Number of        Number of        Arrangement of e-       Geometry       Examples
  of e- pairs        one pairs       bonding pairs               pairs

3

 

4

4

5

5

1

 

1

2

1

2

2

 

3

2

4

3

Bent
(sp2)

T r i g o n a l 
pyramidal

(sp3)

Bent
(sp3)

D i s t o r t e d 
tetrahedron

(dsp3)

T-shaped
(dsp3)

SO2

 

NH3

H2O

SF4

ClF3

Note: dotted lines only represent the overall molecular shape and not molecular bonds.  In brackets under 
"Geometry" is the hybridization, to be discussed in ORG 1.2.
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