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Understandings: 

1. Explain covalent bonds in terms of orbitals.  

- Covalent bonds are essentially interaction between orbitals.  

2. Explain the implication of formal charge and how to calculate it.  

- We determine the most stable structure through calculating formal charge. Basically, what 

the formal charge calculates is how many electrons an atom has compared to how much it 

should have.  

Formal Charge = Nr of valence electrons it has normally – Nr of electrons in the Lewis 

structure.   

When atoms have lowest formal charge (near 0), then they are most stable.  

 

 

 

 

 

 

 

 

 

 

 

 

 

When calculating this, we ignore the electronegativity difference. This means that number of 

electrons in the Lewis structure = 0.5*bonded pair + lone pair.   

There are exceptions that give same result of distribution. But then one can apply the 

electronegativity difference to see where the electron favours to be.  
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3. Explain the exceptions of octet rules.  

- Elements on period 3 or below may form octet rules. Why? This is because elements with d-

orbitals have almost the same energy level as the p-orbitals. This means that the electrons in 

d-orbitals can be seen as valence electron as well. So promotions between these two, from p 

to d orbital cause an increase in the valence electron pairs.  

4. Explain the difference between delocalized electrons and localized electrons in terms of 

orbitals.  

- When a Lewis structure has resonance structure, then the electrons are delocalized 

because the electrons are free to move between the bonds. This basically means that the pi 

bonds are the ones delocalized, since sigma bonds are always the first bond, hence localized.  

5. Explain resonance structure.   

- These are structures that only differ in the distribution of electrons. The position and the 

basic geometry are unchanged.  

Applications and skills: 

1. Predict whether sigma or pi bonds will form from linear combinations of orbitals.  

- Sigma bonds are formed by the interaction of orbitals in the same axial plane. Thus s-s, s-p 

and p-p hybrid orbital form sigma bonds as long as they are bumping head to head. These 

are always the first bonds formed! 

Pi bonds are interactions of parallel p-orbitals. These make up the double and triple bond.  

Extra notes 

- Remember that sigma bonds are not only formed within the s orbital! As long as the axes 

overlap, sigma bonds can be formed in p-orbitals too. This is extremely crucial! 

2. Deduce Lewis dot structure for ions up to 6 electron pairs.  

- Make out the possible Lewis dot structures. Then, deduce formal charge for each atom to 

see which structure is the most favourable one.  

3. Apply formal charge to deduce which Lewis structure is most favourable.  

- OK 
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4. Deduce electron domain geometry and molecular geometry for 5 & 6 electron domains.  

 Electron domain geometry Molecular geometry 

5 electron domain Triangular bipyramidal 

structure. You can imagine as 

a triangle on the horizontal 

plane and one point above 

and below. Bonding angles 

are 90 and 120.    

One non-bonding: 

This will look like a weird 

tetrahedral since four is 

bonded but one causes 

repulsion. Hence the name 

unsymmetrical tetrahedral. 

Bonding angle would be less 

than 120, thus 117, then 90 

and 180.  

 

Two non-bonding: 

Vertical points remain and 

only one in the horizontal 

plane. This gives us a T-

shape. 

 

Three non-bonding: 

This is essentially all of the 

electron pairs on horizontal 

plane (triangle) being non-

bonded. Thus we only have a 

linear structure.  

6 electron domain Octahedral structure. This is 

just like the triangular 

bipyramidal but this one is 

square bipyramidal (same 

thing as octahedral).  

All bond angles are 90.  

One non-bonding: 

This makes a square at the 

bottom and one electron 

domain at top. Hence it 

forms square pyramidal (not 

bipyramidal) 

 

Two non-bonding: 

This would give us square 

planar.  

 

Three non-bonding: 

Do not need to know. 

Now when we have these, we can then further deduce whether the molecule is polar or not.  
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5. Explain why ozone is essential for our atmosphere.  

- Ozone is a molecule of O3 and they have a resonance structure with 1.5 bonds (between 

single and double bond). These only exist high up in stratosphere because the ozone is 

unstable hence become O2 as it comes down to high pressure. 

Nevertheless, the ozone is important because when light hits the ozone layer, the ozone and 

some dioxygen gets cleaved by the energy. That energy wavelength is from the dangerous UV.  

O3 needs minimum 330nm, while O2 needs minimum 242nm, since O2 has double bonds 

while ozone has 1.5 bonds. Shorter wavelength is needed for O2! 

Then, we split the UV light into three sections.  

UV-A: 400-315 nm 

UV-B: 315-280 nm 

UV-C: 280-100 nm 

We can see that Ozone can absorb all of UV-C, UV-B and parts of UV-A (400-330nm is just too 

weak). The cleaving process produces oxygen radicals (reactive oxygen) 

 

 

 

 

O2 → O- + O-  

O2 + O- → O3 

O3 → O- + O2 (fast endothermic reaction) 

O3 + O- → 2O2 + heat (slow exothermic reaction) 

Since ozone absorbs the dangerous radiations, it protects our tissues. Radicals then bind 

again and form back to its initial state. Suck on that UV! 

In addition, every time we breathe, we take in small portions of oxygen radicals, which make 

us older and kill us. That is why we have things called antioxidants. Antioxidants safely reacts 

with the radicals and make us age slower. Ozone is therefore good up high in the 

stratosphere, but bad nearby.  

Extra notes 

- In all, pi electrons happen when there is a parallel interaction of p orbitals and these are 

then delocalized. We know that they are like this because bond length and strength is same. 
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6. Outline the mechanism of ozone depletion.  

- So we now know that ozone is essential in the stratosphere (not troposphere). But we emit 

very stable molecules like CFCs (chloroflourocarbons) and NOx. These stable compounds 

react with the radicals and deplete them.  

One very classic example is a type of CFC called Freons (CCl3F). These have disturbed the 

balance of ozone cycle and will kill us! 

TOK: 

1. Covalent bonding can be described using valence bond or molecular orbital theory. To 

what extent is having alternative ways of describing the same phenomena a strength or a 

weakness? 

- Well in natural sciences, different explanations… 

 

 


