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UNIT 09: Chemical Bonding PART 1 – Types, Lewis Structures & Shape 
 
 
Introduction 
 
In the study of bonding we will consider several different types of chemical bond and some of the theories 
associated with them. 
 

 
 

Intra Bonding 

 

Ionic (the transfer of electrons between atoms to form ions that form giant ionic lattices) 

 

Atoms have equal numbers of protons and electrons and consequently have no overall charge. When 

atoms lose or gain electrons, (in order to achieve full s and p sub-shells or a “noble gas structure” and 

stability), the proton/electron numbers are unbalanced causing the particles to become charged. These 
charged particles are called ions. Since metals have a tendency to lose electrons to form positive ions 

and non-metals the opposite, the ionic bond is usually formed between metals & non-metals. The strong 

electrostatic forces between the charged particles are called ionic bonds. Since the electrostatic forces 

are large the bond is a strong one. 

 

Task 9a 
 
List the ions present and hence the formula of the following compounds; 
sodium chloride, calcium chloride, iron(III) bromide, sodium oxide. 

TYPES OF BONDING

INTRA
(within (inside) compounds) 

BOTH STRONG

IONIC
(Metal + non-metal)
Giant lattice of ions

COVALENT
(Non-metals) 

Discret molecules

Dative or co-
ordinate

(Electron deficient 
species)

Discreate molecules

INTER
(interactions between covalent molecules)

ALL WEAK

(Strongest ➠➠➠➠➠➠➠➠➠➠➠➠➠➠ Weakest)

Hydrogen Bonding 
(H attached directly 

to N, O, F)
Permanant dipole

Dipole-Dipole
(Polar molecules) 

Permananet dipoles

London Dispersion 
Forces

(Non-polar 
molecules)

Induced dipoles
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Covalent (the sharing of electrons between atoms to form discrete molecules) 

 

In covalent bonding atoms once again want to achieve full s and p sub-shells, this time by joining together 

and sharing valence electrons. When they do so they form molecules. One shared pair of electrons 

represents a single covalent bond; two shared pairs represent a double bond, etc. These bonds usually 

occur between atoms that are non-metals. Any electron pairs that occur in the valence shell of an atom 

but do not form a bond with another atom are called non-bonding electrons or lone pairs. 
 

Lewis structures of covalently bonded molecules 
 
Lewis structures use dots to represent valence electrons in atoms when they form molecules. As 

discussed above, when atoms form molecules they share electrons to achieve full s and p sub-shells. In 

the case of hydrogen this is two (a duet), in the case of the second period non-metal elements this is 

eight (octet). Elements in the third period can have more than eight electrons in their outer shells 
(expanded octet). 

 

Drawing Lewis structures 

 

1. Calculate the total number of valence shell electrons (taking into account any charges present by 

adding for negative charges, and subtracting for positive charges). 

2.  In a species with more than two atoms, decide which atom is the central one (this is usually obvious, 

but if in doubt it will be the least electronegative atom but never hydrogen). Use one pair of electrons 
to form a covalent bond between the terminal (outer) atoms that are bonded to the central atom. 

3.  Arrange the remaining electrons to complete the octets of the terminal atoms and then place any 

remaining electrons on the central atom, if necessary, expanding the central atoms’ octet. 

4.  If the central atom lacks an octet, form multiple bonds (double or triple*) by converting non-bonding 

electrons from terminal atoms into bonding pairs. (Some atoms remain electron deficient). 

5.  One bonding pair of electrons represents one covalent bond that in turn can be represented by a 

single line ( ¾ ) etc. 

 

*Sigma (s) and Pi (p) bonds - the shared pair of electrons that make up a covalent bond can be classified 

in two ways; as either a sigma bond or a pi bond. A single bond is always a sigma (covalent) bond, a double 

bond is made up of a sigma and a pi, and a triple bond is made up of a sigma plus two pi bonds. 
 

Task 9b 
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Draw Lewis diagrams for each of these species; F2, O2, N2, HCl, HF, H2O, NH3, CBr4, PF5, PCl6-, NH4+  
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Shapes of covalently bonded molecules and ions 

 
The shapes of covalently bonded molecules and ions can be determined by considering the number of 

electron pairs around the central atom. The electron pairs repel one another and try to get as far apart as 

possible. This theory is called Valence Shell Electron Pair Repulsion theory or VSEPR. There are 

some standard shapes for specific numbers of electron pairs and some simple deviations from this theory 

when non-bonding (lone) pairs are present around the central atom. Those shapes, their names, bond 

angles and other relevant information are listed on the table on the next page. 
 

Notes 

 

A non-bonding pair will repel more strongly than a bonding pair. When comparing bond angles, it can be 

seen that this has the effect of altering the bond angles and the shape of molecules that have a similar 

total number of electron pairs around the central atom, but where the total is made up of different 

combinations of bonding and lone pairs. 
 

For the purposes of predicting shape multiple bonds can be considered as single bonds (or single 

negative centers). For example, a double bond is considered to be just one bonding pair when predicting 

shape. For example, carbon dioxide can be considered to be surrounded by two electron pairs (negative 

centers) and is therefore linear, even though there are actually two bonding pairs on either side of the 

carbon atom. 

 

Predicting shapes of molecules 
 
1. Draw the Lewis dot structure for the molecule. 

2. Count the electron pairs (both bonding and non-bonding) around the central atom. 

3. Use the table below to recall the correct shape, name and bond angles that correspond to the 

position of the atoms in the structure that arranges them in a way that minimizes repulsion (i.e., keep 

them as far apart as possible). 
 
Task 9c 
 
Draw Lewis structures and sketch the shapes for the following. In each case identify the number 
of bonding & lone pairs pairs around the central atom, and predict bond angles; 
 
PCl6-, ICl3, BrF5, SO32-, CH4, NH4+, ICl4-, SO2 
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Number of electron pairs 
around central atom Full description of the molecule 

BONDING (B) LONE (E) Example Bond angles o Geometry of 
Electron Pairs 

Geometry of 
Atoms 3D Shape 

Type 
(A is 

central) 
2 0 BeCl2 180 Linear Linear  AB2 

3 0 BF3 120 Trigonal planar Trigonal 
Planar 

 

AB3 

2 1 SO2 Slightly less than 
120 

Trigonal 
planar 

Bent or 
V Shaped 

 

AB2E 

4 0 CH4 109.5 Tetrahedral Tetrahedral 

 

AB4 

3 1 NH3 107.5 Tetrahedral Trigonal 
Pyramidal 

 

AB3E 

2 2 H2O 104.5 Tetrahedral Bent or 
V Shaped 

 

AB2E2 

5 0 PCl5 
120 in plane. 90 
perpendicular to 

plane 

Trigonal 
bipyramidal 

Trigonal 
Bipyramidal 

 

AB5 

4 1 SF4 Complex Trigonal 
bipyramid Seesaw 

 

AB4E 

3 2 ClF3 Approx. 90 Trigonal 
bipyramidal T-Shaped 

 

AB3E2 

2 3 XeF2 180 Trigonal 
bipyramid Linear 

 

AB2E3 

6 0 SF6 90 Octahedral Octahedral 

 

AB6 

5 1 BrF5 Approx. 90 Octahedral Square 
Pyramidal 

 

AB5E 

4 2 XeF4 90 Octahedral Square 
Planar 

 

AB4E2 



 
© Adrian Dingle’s Chemistry Pages and ChemEducator LLC 2015 – All rights reserved 

 
 

11/25/18 9:24 AM  7 of 13 

Dative or co-ordinate bonding (electron deficient species) 

 
Occasionally when drawing a Lewis structure, you may encounter a molecule with a central atom that 

does not have a complete octet of electrons surrounding it. One such example is BF3. In this molecule the 

boron atom has only six electrons surrounding it rather than the usually required eight. 

 

 
 

The boron atom is said to be electron deficient. It can make up the octet by forming bonds with other 

compounds that have non-bonding pairs of electrons, e.g., ammonia (NH3). 

 

 
 

The new, shared pair (covalent bond) formed is made up by using both the electrons from one species (in 

this case the nitrogen atom in the ammonia molecule) rather than one from each species as in a normal 

covalent bond. This type of covalent bond is called a dative or co-ordinate bond. 
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Electron clouds and the sliding scale of bonding type 
 
An electron cloud diagram can be thought of as a probability map of where an electron may be found at 

any one time. In separate atoms this is very simple. 

 

 
 

When a chemical bond forms there is a redistribution of the outer electron clouds. 

 

Electrons may be completely transferred (100% ionic bonding) 
 

 
 

Or completely equally shared (100% covalent, non-polar covalent bonding) 

 

 
 
In the simplest terms it is possible to think of compounds being either 100% ionic or 100% covalent but 

actually it is necessary to consider these two situations being at the extremities of a sliding scale. In fact, 

most bonds are intermediate between the two, with a largely covalent substance actually having a degree 

of ionic behavior, and vice-versa. 
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Ionic substance with some covalent character 

 
If the cation is small and highly charged it will have the ability to distort the charge cloud around the anion 

thus; 

 

 
 
Comparing this diagram with the charge cloud representations of 100% ionic bonding and 100% covalent 

bonding it is possible to observe the ionic bond beginning to acquire some covalent character. Fajans 

rules help to assess the degree of distortion (POLARISATION). Distortion will be at a maximum when; 

 

1. The cation is small and highly charged, i.e., has a high charge density. 

2. When the anion is large and highly charged, i.e., electrons are more loosely held. 

 

Covalent substance with some ionic character (polar covalent) 
 

Electronegativity is the ability of an atom within a covalent bond to attract electrons to itself. When, in a 

covalent bond, one atom has a higher electronegativity than the other, the electrons are attracted toward 

that atom leading to a charge cloud distortion thus; 

 

 
 

Comparing this diagram with the first two charge cloud representations, it is possible to observe the 

covalent bond beginning to acquire some ionic character. Using the Pauling scale it is possible to make 

predictions about the degree of ionic and covalent character in a compound. By considering differences in 

electronegativity and by using the table below, one can predict the % of covalent and ionic character 

present in a bond between two atoms. 
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Electronegativity  
difference between the atoms in 

the covalent bond 

Approximate Percentage of ionic 
character 

0.1 0.5 

0.5 6 

1.0 22 

1.5 43 

2.0 63 

2.5 79 

3.0 89 

 

A difference of approximately 1.7 marks the boundary between predominately ionic or covalent character. 

 

Polar bonds and polar molecules 
 
In order for a substance to be “polar”, bonds within the molecule must carry different charges (i.e., a 

dipole moment must exist) AND the dipoles that are present must NOT cancel out due to symmetry. The 

dipole moment can be indicated by an arrow that points toward the negative charge center with the tail of 

the arrow indicating the positive charge center, or by using d+ and d- to indicate small areas of positive 

and negative charge. 

 

For example, consider 2-pentanone and trifluoromethane that are both polar. Like water, (which is also 

polar), opposite ends of the molecules carry different charges and there is no canceling of the dipoles. 
 

 
 

“polar”, 2-pentanone “polar”, trifluoromethane 
 
Now consider hexane and carbon tetrachloride, neither are polar molecules but for different reasons. 

 

In Hexane (C6H14), carbon and hydrogen have very similar electronegativities and as a result the bonds 

are effectively non-polar. Carbon tetrachloride (CCl4) on the other hand has four polar C-Cl bonds but 
because of its symmetrical shape is non-polar overall. The partial positive charge is  

 

located at the center of the molecule and the partial negative charges equally spread around it, causing 

the dipoles to cancel. 
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Examples of other compounds that are non-polar as a result of symmetry and the cancellation of dipoles 

are CO2 and BCl3. 

 

 

 
“non-polar”, carbon dioxide “non-polar”, boron trichloride 
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Inter Bonding 
 
Hydrogen bonding 

 

Hydrogen is an exceptional element in that when it forms a covalent bond its electron is held to one side 

of the nucleus leaving the other side completely exposed. Any approaching negatively charged group can 

get very close to the hydrogen nucleus and this produces an unexpectedly large electrostatic attraction. 

These electrostatic attractions are exaggerated when H is bonded to a more electronegative element that 
is small enough to allow a significant intermolecular interaction, i.e., F, O or N. Such intermolecular, 

electrostatic attractions are called hydrogen bonds. 

 

The occurrence of hydrogen bonds has two important consequences; 

 
(i) It gives substances containing them anomalously high boiling points 

(ii) Substances containing them tend to be more viscous 
 

Both are explained by the increased attraction between molecules caused by hydrogen bonding making it 

more difficult to separate them. For example, in water, black dots represent oxygen atoms and white dots 

represent hydrogen atoms. 
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Dipole-Dipole interactions 
 

When molecules that have permanent dipoles come together, they will arrange themselves so that the 

negative and the positive ends of the molecules attract one another. 

 

 
 

The attractions are called dipole-dipole interactions. The molecules eventually align in order to find the 

best compromise between attraction and repulsion. 

 

 
 
London Dispersion Forces (LDF’s) 

 

These are small electrostatic forces that are caused by movement of electrons within the covalent bonds 

of molecules that would otherwise have no permanent dipole. As one molecule approaches another the 
electrons of one or both are temporarily displaced owing to their mutual repulsion. This movement causes 

small, temporary dipoles to be set up which attract one another. These attractions are called London 

Dispersion Forces. 

 

These dispersion forces increase with the size of the molecule and with its surface area. Large molecules 

with big surface areas have more electrons which have greater POLARIZABILITY. This leads to more 

dispersion forces, greater attraction and therefore higher boiling points. 


