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UNIT 2: Chemical Bonding I 
 

 

During the discussion of UNITS 2 & 3, it will be useful to consider the relationships 

between the type of bonding encountered. This organizational chart appears at the 

beginning both UNITS, and will be a useful reference. 

 

 

 

 

 

 

Inter bonding is based upon the Coulombic attractions between opposite charges, but 

since the individual charges are usually relatively small, inter bonding is a relatively very 

weak attraction when compared to intra bonding. 

 

Like inter bonding, intra bonding is based upon Coulombic attraction, but the attractions 

here are relatively very strong, making intra bonds much stronger than intermolecular 

forces.  
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(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
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directly to N, O, F)
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TOPIC 2A – Sliding Scale of Bond Type 

TOPIC 2B – Bond Length and Strength 

TOPIC 2C – The Ionic Lattice 

 

Electronegativity and dipoles 

 

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 and can be 

represented, thus; 

 
 

As we will see, when two atoms join together with covalent bond, a pair of electrons is 

shared between the atoms. Each atom within a covalent bond has a property known as 

electronegativity, and is defined as the ability of an atom within a covalent bond to attract 

electrons to itself. Electronegativity increases from left to right on the periodic table, and 

from the bottom of a group to the top. As a result, fluorine is the most electronegative 

element. 

 

If a pair of atoms that are covalently bonded have the same electronegativity, then the 

electrons in the bond will be equally shared, and the electron cloud can be thought of 

thus; 

 

 

Elements that have electronegativities that are different but very similar, like C (2.5) and 

H (2.1) are usually considered to be equally shared, as well. 

 

However, in situations where one atom has a much higher electronegativity than the 

other, then the electrons are attracted toward the more electronegative atom, leading to 

an electron cloud distortion and a re-distribution of electron charge density, thus; 

 

less electrongative   

 

more electronegative 
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The creation of opposite charges at either end of the molecule is called a dipole, and the 

bond is said to be polar covalent. In the first diagram, with no such creation of opposite 

charges (electrons equally shared), the bond is said to be non-polar covalent. 

 

The presence (or otherwise) of dipoles, and the intermolecular Coulombic attraction 

between them, determines the type of intermolecular forces present in covalently bonded 

compounds. In turn, the type of intermolecular forces present can greatly influence the 

properties. 

 

Covalent bonding 

 

In covalent bonding, electrons are shared between atoms to once again achieve full s 

and p sub-shells, this time by joining together and sharing valence electrons. When they 

do so they form discrete 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, i.e., between elements that are close to one another 

in the top right hand corner of the periodic table. As we saw earlier, when the electrons 

are being perfectly shared we can think of the electron distribution thus; 

 

 

 

Atoms are attracted to one another when the outer electrons of one atom are 

electrostatically attracted to the nuclei of another atom. The attraction between two atoms 

makes them increasingly stable, giving lower and lower potential energies. 

 

However, as the atoms continue to approach one another and get increasingly close, 

there comes a point at which the two nuclei (and/or the more densely packed core 

electrons of each atom) will start to repel one another. As they start to repel one another 

the potential energy is raised, and they two atoms become less stable. 

 

A happy medium is reached (i.e., a bond is formed between the atoms) at a distance 

where the forces of attraction and repulsion result in the lowest (most stable) potential 

energy. The distance is called the bond length, and the potential energy at that point the 

bond strength. A typical plot for the formation of the simplest molecule, H2 is shown 

below where 74 pm and 436 kJ are the bond length and strength respectively. 
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Since the forces of attraction that stabilize atoms when they bond are attractions between 

electrons and nuclei, the greater the number of electrons involved, the stronger the 

attraction and as such, triple covalent bonds tend to be stronger than double bonds, and 

double bonds stronger than single bonds. Shorter bonds also tend to be stronger than 

longer ones. 

 

The strength of the bond in a diatomic covalent molecule is the bond dissociation energy 

(BDE). For example, hydrogen, H2 (H-H), 

 

H2(g) → 2H(g) Bond energy = +436 kJ 
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Ionic bonding 

 

Ionic bonding involves the transfer of electrons between atoms to form ions. When 

electrons are completely transferred, the electron cloud distribution can be thought of 

thus; 

 
 

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 relative 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, i.e., elements 

that are widely separated on the periodic table. These strong electrostatic forces between 

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

bond is a strong one, and since Coulomb’s law predicts that force increases with 

increasing charge and decreasing distance between charges, the strongest ionic bonds 

are formed between ions that are small (because they can get close to one another) and 

highly charged, i.e., ions that have high charge densities. 

 

Task 2.1 

 

1. List the ions present and hence the formula of the following compounds; 

 sodium chloride, calcium chloride, iron(III) bromide, sodium oxide. 

 

2. When comparing sodium chloride and sodium bromide, which compound 

would be expected to have the strongest ionic bonds, i.e., the greatest 

Coulombic attraction? Explain. 

 

The ions present in an ionic solid are held rigidly in fixed positions in a giant, three-

dimensional lattice. These rigid structures mean that ionic compounds are not malleable 

or ductile and tend to be brittle, since when the ordered structure is disrupted, like 

charges repel, and the solid splits apart. 
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In the ionic structure the lattice of ions is held 

together by strong electrostatic interactions 

between them. The strong bonds give ionic solids 

high melting and boiling points and low volatility 

and subsequently low vapor pressures. 

 

Ionic substances can only conduct electricity 

when molten or in solution, since in the solid the 

ions are rigidly held and cannot move. 

 

 

When an ionic solid dissolves, the polar water molecules are attracted to the oppositely 

charged ions, and penetrate the lattice attaching themselves to the ions. (This is the idea 

of ‘like dissolves like’). The process is called hydration, and the ions are said to be 

hydrated. The ions become free to move when they are hydrated, and the solution will be 

a good conductor of electricity. Since a non-polar solvent will not be attracted to the ions 

in an ionic solid, the ionic bonds holding the solid together are not broken and the solid 

will not dissolve.  

 
 

The hydration process increases the entropy (or disorder) of the system - see UNIT 5. 

 

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 
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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.  

 

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 (polarization). 

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) 

 

As we saw earlier, if one atom in a covalent bond has a higher electronegativity than the 

other, then the electrons are attracted toward the more electronegative atom, leading to 

an electron cloud distortion and a re-distribution of electron charge density, thus; 

 

less electrongative   

 

more electronegative 

 

Using the Pauling scale of electronegativities 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 approx. 1.7 marks the boundary between predominately ionic or covalent 
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TOPIC 2E – Lewis Structures 
 
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 rule). Some elements in the 

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

 

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 are 

exceptions and remain electron deficient). 

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

represented by a single line ( ⎯ ) etc. 

6. 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. 

 

Task 2.2 

 

Draw Lewis diagrams for each of these species; CH4, F2, O2, N2, HCl, HF, H2O, NH3, 

CBr4, PF5, PCl6-, NH4
+ 
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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. 

 

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 + and - to indicate small areas of positive and negative charge. 

 

For example, consider pentan-3-one 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. 
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“polar”, pentan-3-one “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. 

 

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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TOPIC 2G: VSEPR & Hybridization 
 
  
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. 

 

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 

(single negative centers). For example, a double bond is considered to be just one 

bonding pair when predicting shape, and as such a CO2 molecule 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. Predict 

shape by; 

 

 1. Drawing the Lewis structure for the molecule. 

 2. Counting the e- pairs (both bonding & non-bonding) around the central atom. 

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

correspond to the shape that arranges that minimizes repulsion (i.e., keep them 

as far apart as possible). 
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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 
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Task 2.3 
 

Draw Lewis structures and sketch the shapes for the following. In each case 

identify the number of bonding & lone pairs around the central atom, and predict 

bond angles; PCl6-, ICl3, BrF5, SO3
2-, CH4, NH4

+, ICl4-, SO2 

 

Polyatomic molecules and hybridization of orbitals 

 

When considering a polyatomic molecule, the question of shape must be accounted for. 

Outer shell, atomic orbitals of the central atoms in Lewis structures are said to hybridize 

or undergo hybridization (a process of mixing). Consider the example in the table below 

of the sp3 hybridization of carbon in the methane (CH4) molecule. 

 

In its ground state the carbon atom has two unpaired electrons and as such it may only 

make two bonds with hydrogen atoms to form the species CH2. However, this species is 

extremely unstable and does not exist. In order to form the much more stable CH4 

molecule (that does exist) one of the electrons in the 2s orbital is promoted into the empty 

2pz orbital to form the excited state of [He] 2s1 2px1 2py1 2pz1. These four orbitals then 

‘mix together’ to form the four, sp3 hybrid equivalent orbitals.  

 

These four hybrid orbitals then form simple sigma bonds as they overlap with each of four 

atomic s orbitals of 4 hydrogen atoms, to give four electrons pairs around the central 

carbon atom, i.e., 4 covalent bonds and the familiar, tetrahedral shape. 

 

In all of the examples below the terminal atoms join the central atoms hybridized orbitals 

using simple sigma bonds to form the final molecule. 
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Ground state of the atom undergoing orbital hybridization 
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B
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Be 

 

2 
 

2s 
2px 

2 
 

2py 
2pz 

Ground state would make 0 covalent bonds, hybridized can make 2 

s
p

2
 

B
F

3
 

B 

 

3 
 

2s 
2px 
2py 

1 
 

2pz 

Ground state would make 1 covalent bond, hybridized can make 3 

s
p

3
 

C
H

4
 

C 

 

4 
 

2s 
2px 
2py 
2pz 

0 

Ground state would make 2 covalent bonds, hybridized can make 4  

 
The type of hybridization present in a species is really quite simple to predict. By 

considering the total number of electron pairs (including both bonding and non-bonding 

pairs) around the central atom, one can determine the total number of orbitals that need 

to be present, since each electron pair needs one orbital. So, by taking (in order), one s, 

and as many p orbitals as required (up to 3), one can determine the correct number of 

orbitals needed, and hence the hybridization. For example, four electron pairs (whether 

bonding or non-bonding), require four orbitals and have a hybridization of (s + p + p + p) 

or sp3. 
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Sigma () and Pi () bonds 

 

Consider two hydrogen atoms forming H2. Each hydrogen atom has one electron that 

occupies a spherical 1s orbital. On forming H2 these 1s orbitals overlap to share a pair of 

electrons forming a molecule and a covalent bond. 

 

 
Now consider two oxygen atoms forming O2. Each oxygen atom has the electronic 

configuration [He] 2s22p4. 

 

 
 

The two, dumbbell shaped, 2p orbitals that are incomplete can take part in bonding and 

there is a simple end on end overlap that occurs. The electron cloud density is located 

along the axis of the bond and this is called a sigma () covalent bond. 

 

 
 

There is also scope for another type of bond that occurs from the sideways overlap of the 

other p orbitals. Here the electron cloud density is located above and below the axis of 

the bond this is called a pi () bond. 
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As a result, the oxygen atoms form a double bond giving the familiar oxygen molecule, 

O=O or O2. 

 

Whenever a double or triple covalent bond is formed, the first (and strongest) bond is 

always a sigma bond. All bonds after that are considered to be pi bonds. Pi bonds lead to 

delocalized electron clouds via the overlap of unhybridized p orbitals, giving rise to the 

potential for some electron movement, and for the occasional occurrence, although rare, 

of a molecular substance that can conduct electricity. Sigma bonds can freely rotate, but 

pi bonds in alkenes prevent the rotation of carbon-carbon bonds, leading to the existence 

of cis and trans isomers. For example, cis and trans but-2-ene 

 

Structure 

  

Name cis-but-2-ene trans-but-2-ene 

 
The C=C bond cannot rotate because of the presence of the pi bond, so the CH3 groups 

remain fixed on the same side of the double bond (cis), or on opposites sides of the 

double bond (trans). In butane, the sigma bond between the central carbons can rotate 

(no pi bonds) so these two conformations are 100% interchangeable and are the same 

compound (not isomers). 

 

Structure C C H

HCH3

H

H

CH3  

C C H

CH3CH3

H

H

H  

Name both simply butane not isomers of one another 

 
 

Molecular orbital theory 

 

There is another approach used to explain bonding in molecules. Where simple, Lewis 

and VSEPR models fail to account for the observed behavior of molecules another more 

complex theory must be used. 

 

One such example is the unexpected paramagnetic behavior of oxygen. Its bonding can 

be explained using molecular orbital theory which describes covalent bonds in terms of 

the combination of individual atomic orbitals to form molecular orbitals rather than the 

independent overlap of the individual atomic orbitals. 

  

CC

H

CH3CH3

H

CC

CH3

HCH3

H



© Adrian Dingle’s Chemistry Pages and ChemEducator LLC 2021 – All rights reserved. 

 

10/6/2021 12:41 PM  Page 19 of 23 

TOPIC 2F: Resonance & Formal Charge 
 

Resonance structures & bond length 

 

When drawing a Lewis structure that involves multiple bonds, it may be possible to draw 

several different (but all still feasible) structures. The carbonate ion (CO3
2-) is one such 

example. Here, the double bond that is created between the central carbon atom and one 

of the oxygen atoms (created to satisfy the octet of carbon) could be placed in more than 

one position, leading to three Lewis structures. 

 

 

 

So, which is the ‘correct’ or ‘best’ structure? The answer lies in formal charge. 

 

Formal charge 

 

The formal charges of each atom within a Lewis structure can be calculated thus; 
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And in the case of the carbonate ion,  

 

Carbon atom   formal charge = 4 – 0 – ½ (8) = 0 

Oxygen atom in C=O  formal charge = 6 – 4 – ½ (4) = 0 

Each oxygen atom in C-O formal charge = 6 – 6 – ½ (2) = -1 

 

Formal charges show the most likely distribution of charge. In the case of the carbonate 

ion, the 2- charge is found distributed on the singly bonded oxygens as shown above. 

N.B. The sum of the formal charges adds up to the total charge on the species. 
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To determine which structure of a set of possible structures is most likely, choose the 

structure with atoms that have formal charges of zero, and/or formal charges with 

absolute values as low as possible, and/or keep any negative formal charges on the most 

electronegative atoms. 2017, 2(a) 

 

Because the formal charges on all three carbonate structures above are identical, it 

would be equally correct to have created the double bond between the carbon atoms and 

any one of the oxygen atoms. When multiple structures are equally likely they are called 

resonance structures. In the case of CO3
2- there are a total of three resonance structures. 

 

The reality is that the structure of a species is an “average” of all the possible resonance 

structures, and in the case of the carbonate ion each C to O bond is really one and one 

third covalent bonds in terms of strength and length, rather than any combination of two 

single bonds and one double bond.  

 

If a multiple bond (double or triple) is created between two atoms, the bond length 

observed will be shorter than the corresponding single bond. This is because a double 

bond is stronger than a single bond and hence pulls the atoms closer together. A triple 

bond is correspondingly shorter and stronger than a double bond. Evidence for the “one 

and one third” bond order in the carbonate ion is that all the bonds are found to be the 

same length, not the different lengths that one would expect to find if a combination of 

double and single bonds were present. 

 

Using the two possible Lewis structures for CH2O with formal charges added as another  

example, we find the two structures below. 

 

 
 

 
Again, the sum of the formal charges adds up to the total charge on the species. Since 

the structure on the left has formal charges of zero on each atom it is considered to be 

the “better”, and these two structures are not resonance structures of one another. 

 

If you can draw a Lewis structure that uses all of the valence electrons and fulfils the 

octets, do NOT seek alternative, “better” structures with lower formal charges unless the 

question leads you down that path. 
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Task 2.4 

 

Below, Lewis structures for carbon dioxide have been drawn in three ways. 

 

 

 

Which structure is the ‘best’ way to represent carbon dioxide? Explain how you 
arrived at your answer. 
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TOPIC 2D: Metallic Bonding and Alloys 

 

Metal structures (metallic bonding) 
 

 

A metals' structure can be considered to be a 

close packed lattice of positive atoms/ions 

surrounded by a "sea" of moving, delocalized 

electrons. These electrons and their movement 

cause metals to be good conductors of electricity. 

The close packed atoms/ions make them good 

conductors of heat. 

 

The metallic bond is the electrostatic attraction 

between the positive and negative charges. The 

flexibility of these bonds makes metals malleable 

& ductile. 

 

An alloy is a mixture of metals. Two types are common. 

 

1. An interstitial alloy – additional, smaller atoms of a different element fill the spaces in 

the metallic lattice. The most common example is steel where carbon atoms fill the 

spaces between the iron atoms. Alloys of this type are less malleable and ductile 

than the pure metals since the presence of the smaller atoms make the structure 

more rigid and less flexible. 

 

2. Substitutional alloy – where one metals’ atoms are replaced by another metals’ 

atoms. In these cases, the metal atoms are usually of a similar radius as in brass 

where copper atoms are replaced with zinc atoms. Substitutional alloys have similar, 

reduced malleability and ductility to interstitial alloys, and have densities that typically 

lay between the densities of the component metals.  

 

In both cases the sea of electrons is maintained, and the alloys remain good conductors. 

In some cases, the surface of the alloy or metal may take on a different property than the 

remainder of the solid, due to an oxide layer forming, following reaction with oxygen in 

the air. 

 

Bonding and properties 

 

During the discussion of UNITS 2 & 3, it will be useful to consider the types of bonding 

encountered and how that relates to the properties of the substance in questions. This 

organizational chart appears at the end both UNITS, and will be a useful reference. 
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Substances 

IONIC 
(GIANT lattice) 

 
+ve ion and –ve ion formed via 

transfer of electrons 
held together in giant lattice with 
strong electrostatic interaction 

DISCRETE COVALENT 
(INDIVIDUAL molecules) 

 
Small groups of atoms 

covalently bonded together 
by sharing electrons  

GIANT COVALENT 
(MACRO molecular) 

 
Massive structures of atoms 
covalently bonded together 

METALS/ALLOYS 
(MIXTURES of metals) 

 
Close packed array of atoms 

(ions) with “sea” of free moving 
electrons 

 

Metal + Non-Metal 
e.g., KCl, MgF2, Na2SO4 etc. 

Non-metal + Non-metal 
(compounds/polyatomic ions) 

e.g. CO2, PCl6
- 

 

(Lewis structures/shape) 

Elements and some 
compounds 

e.g., Graphite & diamond 
(carbon), Si, SiO2 

Metals 
e.g. Na, Al, Au, Stainless 
Steel (Fe/C/Cr), Bronze 
(Cu/Sn), Brass (Cu/Zn) 

STRONG bonds 
 

high m.p/b.p 
 

poor conductors of 
electricity when solid (ions 
NOT free to move), good 
when liquid or in solution 

(dissolved) 
 

will dissolve in polar 
solvents  

Strong covalent bond within the 
molecule, but molecules 

attracted to one another with 
WEAK IMF 

 
low m.p/b.p, often liquids or 

gases at RT; 
 

LDF – (induced dipoles) 
Dipole – (perm. dipoles) 

H-Bonds – (H - N/O/F) 
 

poor conductors 

STRONG bonds 
 

high m.p/b.p 
 

hard 
 

poor conductors 

STRONG (but flexible) 
bonds 

 
high m.p/b.p 

 
good conductors of 
electricity (“sea” of 

electrons) and heat (close 
packed) 

 
malleable (can be shaped), 
ductile (can be drawn into 
thin wires), luster (shiny),  

UNIT 2/3 UNIT 2 UNIT 3 


