
IB TOPIC 14: Chemical bonding and structure
14. 1  Further aspects of covalent bonding and structure
E.I.: Larger structures and more in-depth explanations of bonding systems often require more sophisticated concepts and theories of bonding.
Nature of science: 2.7 Principle of Occam’s razor—bonding theories have been modified over time. Newer theories need to remain as simple as possible while maximizing explanatory power, for example the idea of formal charge. 
	Understandings

· 14.1 U1 Sigma and pi bonds
· 14.1 U2 Formal charge

· 14.1.U3 Delocalization and resonance structures

	Applications and skills

· 14.1 AS1 Prediction whether sigma (σ) or pi (π) bonds are formed from the linear combination of atomic orbitals.
· 14.1 AS2 Deduction of the Lewis (electron dot) structures of molecules and ions showing all valence electrons for up to six electron pairs on each atom.
· 14.1 AS3 Application of FC to ascertain which Lewis (electron dot) structure is preferred from different Lewis (electron dot) structures.
· 14.1 AS4 Deduction using VSEPR theory of the electron domain geometry and molecular geometry with five and six electron domains and associated bond angles.
· 14.1 AS5 Explanation of the wavelength of light required to dissociate oxygen and ozone. 
· 14.1 AS6 Description of the mechanism of the catalysis of ozone depletion when catalysed by CFCs and NOx.


Sigma and pi bonds

The sharing of electrons in a covalent bond occurs as a result of the interaction or overlapping of a half-filled atomic orbital (= an orbital containing an unpaired electron) of one atom, e.g. 1s1 of a hydrogen atom with a half-filled atomic orbital of another atom, e.g. 3p5 in a chlorine atom.  

Both single/unpaired electrons now become paired as they share each other’s overlapping atomic orbitals which now form a new single molecular orbital.  Both electrons can now move round both nuclei and are attracted by both nuclei.

A molecular orbital is a region of space around both nuclei with a great probability of finding the shared electron pair; each molecular orbital can hold two electrons.  

Most of the time, the shared electron pair is found in the region between both nuclei, called the internuclear region, as this region, surrounding the axis between the nuclei of both atoms, is where the atomic orbitals overlap; this is also the region where the attraction between the pair of electrons and the nucleus is the greatest (the region with the greatest electron density). 

Atomic and molecular orbitals and the energy state of the particles involved

When atomic orbitals overlap in the region between both nuclei of the bonding atoms a molecular orbital is formed.  The shared bonding electrons in the molecular orbital are attracted by both nuclei. As a result, they experience a larger attraction than when they were unpaired in atomic orbitals and are therefore at a lower energy level then non-bonding valence electrons in separate atoms;  unpaired valence electrons are only attracted by one nucleus (see figure below) and are more free to move.

After the bond formation, a more stable substance is formed as the newly formed molecule is at a lower energy level than the energy level at which the separate atoms were at before the bonding. This explains why bond making is an exothermic process and bond breaking is endothermic because when we want to break a bond, we have to supply the energy the electrons lost in forming the bond.  The greater the difference in energy, the stronger the bond, the greater the bond enthalpy.

The diagram below shows the energy changes that occur in the course of bond formation between 2 hydrogen atoms.  The hydrogen molecule is at a lower energy state, and therefore more stable, than the original atoms.
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                                                                                                                             H(g)  +  H(g)  
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Molecular orbitals can have different shapes and this depends on the nature of the overlapping atomic orbitals – see figures 4.23 and 4.24 in your book page 198.  
Multiple bonds
Normally, the number of covalent bonds an atom makes = number of its unpaired electrons (provided all covalent bonds are normal covalent and not dative bonds!). For instance hydrogen has one unpaired electron so it makes one covalent bond; oxygen has two so….

Sometimes the number of other atoms to bond with are limited and more than one bond (a multiple bond) is formed with the same atom.  The formation of a multiple bond involves a different type of covalent bond than the first covalent bond formed.
The first type of covalent bond formed between two atoms is always a sigma, (, bond.  As a covalent bond is formed by overlapping of atomic orbitals, any subsequent bonds formed are always pi, (, bonds.  This is the case because, as the area along the axis between both nuclei is already occupied by the ( bond/electrons, any further overlap of atomic orbitals has to take place above and below this axis (=sideways overlap) and this gives the bond different characteristics.

Pi, (, bonds only form when there is already a ( bond. They are only formed by p orbitals!!! 
What is the difference between sigma, (, and pi, (, bonds?
	Sigma, (, bonds are formed as a result of the direct end-to-end overlap or ‘head-on overlap’ of two atomic orbitals along the axis between the two nuclei – axial overlap – producing an area of high electron density along this internuclear axis.  The molecular orbital (formed by the overlap of two atomic orbitals) encompasses both nuclei and both electrons can move around both nuclei although they are most likely to be found along the axis between both nuclei.
A ( bond can be formed between two s orbitals, 1 s and 1 p orbital, 2 p orbitals and so on although most of these will be hybridized.


How ( bonds are formed is shown below. The diagram on the left shows parallel p orbitals of two separate carbon atoms overlapping sideways in an ethene molecule.  Notice that there is already a sigma bond (the black line) between both carbon atoms. The diagram on the right shows the outcome which is a pi, (, bond.
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(from http://www.chemguide.co.uk/analysis/uvvisible/bonding.html on 15/10/09)

	( bonds are formed by the sideways overlap of 2 parallel p unhybridized atomic orbitals.  As p orbitals have two lobes, the ( bond has two regions of overlap and high electron density, one above and below the axis between the nuclei of both atoms. 


Summary: 

	
	Type of bond

	a single covalent bond
	1 ( bond

	double bond
	1 ( bond   +  1 ( bond

	triple bond
	1 ( bond +  2 ( bonds


The diagram below shows the triple bond in ethyne, C2H2.
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(from http://www.science.uwaterloo.ca/~cchieh/cact/c120/hybridcarbon.html on 15/10/09)

Comparison of bond strength of ( and ( bonds.
As the electron density of the ( bond is above and below the axis between the two nuclei of the bonding atoms, the ( electrons are attracted less strongly than the two electrons in a ( bond; ‘on average’ they are always further away than the ‘( electrons’ from both nuclei.  

In addition, the area of overlap (sideways overlapping only) is also less although this in not what the diagram of a ( bond shows; the greater the overlap the stronger the bond.  
Both these factors explain why a ( bond is weaker than a ( bond i.e. less energy is needed to break it and less energy is released when it is made.  
Because they are attracted less strongly, the electrons in a ( bond also have more freedom to move and therefore more kinetic energy.   
In a ( bond the electron density is above and below the internuclear axis.  For any ( bond to form and remain both atoms must lie in the same plane!!! And will need to stay in the same plane after it has been formed.  If these atoms are moved and there is no overlap anymore, the bond is broken.  

A triple bond is made up of a ( bond and two ( bonds which are at right angles to each other; as there are 3 areas of overlap this triple bond is the stronger compared to a double or single covalent bond (but remember that the strongest component is the ( bond).
Formal charge
Formal charge (FC) can be used to decide which Lewis structure is more stable or plausible from several possible Lewis/resonance structures that can be drawn for a molecule or molecular ion
The formal charge of an atom indicates how much charge (electron) the atom has lost or gained (compared to the number of valence electrons it has an ‘unbonded’ (atom) as a result of the arrangement of the valence electrons in the Lewis structure(s) of the compound or polyatomic ion. 
The FC of a molecule or polyatomic ion can be determined in the following way:

For each atom in the Lewis structure calculate the FC as shown below

FC = (number of valence electrons of atom before it was bonded)  
· (half the number of bonding electrons the atom shares = number of bonds the atom has made)  
         - (number of non- bonding electrons). 
As a check, the sum of all formal charges within a molecule must be zero or equal to the charge of the ion in case of an ion.  

The Lewis structure in which overall all atoms have the lowest formal charges is the preferred/ most stable Lewis structure although the other structures still occur. Negative and positive values means less sharing!!  
When different Lewis structures have the same formal charges (e.g. as in both possible Lewis structures for N2O) the preferred structures is the one in which the most electronegative elements have the negative values (e.g. O in N2O). 
Electron domain geometry and molecular geometry

You need to be able to use the VSEPR theory to work these out for molecules and ions with 5 and six electron domains.

More on delocalization and resonance structures

The more resonance structures that can be drawn, the greater the delocalisation of the π electrons and as delocalisation gives stability – the more stable the molecule.  Delocalised bonding gives stability to a molecule.
How does the delocalization happen? 

The reason why different arrangements of electrons can be drawn is because in some molecules or molecular polyatomic ions ( bonds extend over more than 2 atoms allowing the ( electrons to move between more than two atoms; these electrons are then not localised or fixed between two atoms but they are delocalised over the entire molecule or polyatomic ion (or parts of it). 

The advantage of this arrangement is that it lowers the potential energy of the ion/molecule making it more stable as the negative charge carried by the electrons is more spread out over the molecule or ion; the delocalised bonding pairs are shared equally between three or more atoms as opposed to two atoms.
The delocalisation or sharing of ( electrons between three or more nuclei occurs as a result of the sideways overlapping of unhybridised p orbitals of the three or more atoms creating a larger continuous molecular orbital.  It is important to accept that delocalization or overlapping of three or more sets of orbitals can only really occur between atoms which are in a planar arrangement i.e. in the same plane (e.g. trigonal planar); like in ozone, benzene, COO-.  
Bond length and strength of bonds with delocalized electrons.

As the electrons in the delocalised ( bond move around more  - have more freedom - their energy of attraction is less than the attraction experienced by electrons in a localised sigma and pi bond which is why the delocalised bond is the weakest bond of all 3 types.  

As both a pi bond or a delocalised bond can only occur between two atoms that already have a sigma bond, the order of bond strength/length is the following:

· single bond (weakest; longest bond length);
· single bond and delocalised bond (although a delocalised bond on its own – but this does never occur – would theoretically be the weakest); a single and delocalised bond together are sometimes referred to as of the order (bond order) of 1 ½ compared to single or multiple bonds if delocalization occurs over 3 nuclei such as the ozone molecule or bond order 1 1/3  if delocalization over 4 nuclei. (means the ( bond is shared over 3 bonds.
· double bond;
· triple bond;

Delocalization could also involve non-bonding pairs

Delocalization can also occur when an atom with one or more non-bonding pair is in the same plane as an adjacent atom with a double bond as shown below by the example involving H2NCOCH3.
	A reasonable Lewis structure for H2NCOCH3 is shown below. 
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As the structure has a double bond to a carbon atom and an adjacent atom with a lone pair, a second correct Lewis structure can be drawn.  Both possible resonance structures are below

[image: image5.png]



The structure to the left is the Lewis structure we are familiar with.  The structure on the right is less common but is an acceptable Lewis structure. 


1. Compare the HNC bond angle in each resonance structure.
2. Using the two resonance structures above as a guide, draw the resonance hybrid.
3. What type of evidence would we need to look for to accept the idea that there are two Lewis structures?
Final example of delocalization
Resonance structures for C2O42-:
(from http://preparatorychemistry.com/Bishop_Resonance.htm)
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Comparison of photodissociation in ozone and diatomic oxygen
Both the formation of oxygen free radicals - from diatomic oxygen - and the decomposition of ozone into diatomic oxygen and a free radical require light of a specific wavelength (frequency):

	photodissociation of diatomic oxygen, O2
	
	photodissociation of ozone, O3

	equation
	O2   +  uv    ((  O(    +     O(
	
	equation
	O3   +  uv    ((  O2   +     O(

	UV wavelength, (, nm
	(shorter than) 242
	
	UV wavelength, (, nm
	300

	frequency, f, s-1

(higher energy radiation)
	f = c / (
= 3.00 x 108 m s-1 /242 x 10-9 m 

=    1.24 x 1015 s-1
	
	frequency, f, s-1
	f = c / (
= 3.00 x 108 m s-1 /300 x 10-9 m 

=  1  x 1017 s-1

	bond enthalpy, 

kJ mol-1
	498
	
	bond enthalpy,

kJ mol-1
	399

	covalent bond types
	one  ( + one ( bond
	
	covalent bond types
	one ( + 2 ( electrons delocalized over three oxygen atoms – between a double and single bond


The wavelength of the light necessary to cause the dissociation of diatomic oxygen is lower than the wavelength of the light needed for the dissociation of ozone, O3. This means more energy (higher frequency) is needed to break the bond in the oxygen molecule than in than the oxygen bond in the ozone molecule.  This makes sense as the double bond in the diatomic oxygen molecule is stronger (and shorter) than the combined single and delocalized bond (or resonance of the two ( bonding electrons) in the ozone molecule.  

Sample calculations

	Calculation of wavelength of one photon to dissociate O2 when the bond enthalpy is 498 kJ mol-1
	
	Calculation of bond enthalpy in kJ mol-1 for ozone when a wavelength of 300 nm is needed 

	E of one photon is 

498 000 J mol-1 /6.02 x 1023 mol-1  = 8.27 x 10-19 J

E = hf  and f = c / (
(E = h c / (     and    ( = h c / E
   = (6.63 x 10-34 J s x  3.00 x 108 m s-1 ) /8.27 x 10-19 J

   = 2.41 x 10-7 m =  241  nm 
	
	E = h c / (.
   = (6.63 x 10-34 J s x 3.00 x 108 m s-1 ) /300 x 10-9m

   =  6.63 x 10-19 J (one photon/one bond)

       for 1 mole of bonds:

6.03 x 10-19 J   x  6.02 x 1023 mol-1
= 399126 J mol -1 = 399 kJ mol-1


Catalytic destruction of ozone by CFC’s and nitrogen oxides – CFCs and NOx acts as catalysts.

Stratospheric ozone is in a dynamic equilibrium with oxygen and is continually being formed and decomposed by the following processes.

Formation of ozone: 

1. The whole cycle starts with the formation of free radical atoms; the most important free radical (= a particle with an unpaired electron), as it is present at the highest concentration, is the oxygen free radical which is formed as the result of the photodissociation (=decomposition by light) of oxygen molecules        

                                                     O2 (g)  +  uv    ((  O (g)   +     O (g)

       It is important to realize that the UV radiation absorbed in this process has higher frequency/lower 

       wavelength radiation than the UV radiation we need protecting from. The frequency needed is high 

       so it can break the strong double bonds in the oxygen molecules. (hv = ultraviolet photon with a    

       wavelength of maximum 242 nm).  Any UV radiation not absorbed by the above process does not 

       reach the earth’s surface anyway.

2. ozone is formed when such an oxygen free radical then reacts with a diatomic oxygen molecule:

                                                            O2 (g)  +  O (g)     ((  O3 (g)
       [03] fluctuates during night and day and seasons as the production involves UV light.

Depletion of ozone:

Ozone is depleted in two ways: 

1. by reacting with a free radical e.g. an oxygen atom to form two diatomic oxygen molecules;

                                    O3 (g)  +  O (g)        ((  2O2  (g)
2. photodissociation by absorbing harmful UV radiation (the photon of UV radiation has less energy/lower frequency/higher wavelength than the one needed to break the double bonds in the oxygen molecule as the oxygen bonds in ozone are less strong) producing a diatomic oxygen molecule and an oxygen free radical which then can be used to form a new ozone molecule or decompose an existing molecule;  the oxygen free radical is then used to make ozone again; the rate of reaction usually depends on season, time of day, latitude and solar emissions

                                O3 (g)  +  uv    ((  O2 (g)  +     O (g)

       The ultraviolet photon necessary for this reaction has the same wavelength (or required amount of 

        energy) to the radiation which causes sunburn and skin cancer;

        Condition: production of ozone needs shorter wavelength/higher frequency radiation as more energy 

        is  needed than the destruction of ozone. 
The rate at which ozone is formed is equal to the rate at which it is depleted.

Up in the stratosphere, the gas-phase reactions that have been described above occur at a low rate.  However, there are other free radicals which cause natural depletion of ozone but which occur at far smaller concentrations in the atmosphere, these chemicals are methane, nitrogen monoxide and hydroxyl radical.

Just like with oxygen the process starts with the photodissociation of these molecules to form radicals that react with ozone molecules; the free radicals are regenerated in another step which makes the destruction of ozone by these chemicals a catalytic chain reaction as the regenerated free radical can destroy further ozone molecules.   Each free radical can decompose many ozone molecules.

These catalytic destructions also occur at higher rates than the depletion caused by the oxygen free radical; this is also why this depletion is called a catalytic chain reaction.

General mechanism for these depletion reactions:

	X(g)  +   O3   (g)  (   XO (g)  +   O2  (g)
	X = any radical other than oxygen

	XO (g)  +   O (g)  (   X (g)  +   O2 (g)
	

	O (g)  +   O3 (g)  (    2O2 (g)
	


Destruction caused by CFCs and NOx
Both the destruction caused by CFCs and nitrogen oxides, NOx, have similar pathways: a two step mechanism in which a free radical, which in the case of CFCs and NO2 needs to be formed first, combines with the ozone molecule to form oxygen molecule and an oxidised product which regenerates the free radical in the next step.  

As a result a chain reaction is started as the free radical reacts with another ozone molecule and is regenerated again. The free radical is the catalysts for this mechanism and is also sometimes referred to as the chain carrier (=X).   The free radical acts as a catalyst as it provides a pathway with a lower activation energy than the single step reaction 1 in the table below.  Draw an enthalpy level diagram to show this.

In most cases, each CFC molecule or nitrogen monoxide molecule (=chain carriers) reacts with thousands of ozone molecules before the chain is stopped by a side reaction in which the free radical reacts with a substance which produces a chain termination as the product is stable and unreactive; the chain carrier is inactivated.

	General stepwise mechanism for the destruction of ozone in which X is the free radical and XO is the intermediate oxidised product: 

	
	(X    +     O3     ((       (XO    +   O2
	   

	
	(XO    +     (O     ((      (X    +   O2
	(XO is an intermediate which reacts

with oxygen free radical atoms 

– 1s22s22p22p12p1)

	Net effect (reaction 1):            (O  +     O3     ((         2O2


Two-step mechanism for the depletion caused by CFCs:  e.g. CCl2F2 
The process start with the formation of a chlorine free radical atom by a photon of UV light; this happens because the  C - Cl covalent bond is the weakest in the molecule.
                                                    CCl2F2  (g)  (  CClF2 (g)   +  Cl (g)

	The chlorine free radical then causes the catalytic destruction of ozone

	
	Cl (g)  +  O3   (g)  ((   ClO (g)  +  O2 (g)
	   

	
	ClO (g) +    O (g)    ((  Cl (g) +    O2 (g)
	(free radical has been regenerated 

and will react with another ozone molecule)

	Net effect:                        O (g) +     O3   (g) ((         2O2  (g)                (also ClO  +  O3  (  Cl  + 2O2  occurs)


Two-step mechanism for the depletion caused by nitrogen oxides

Sources of NO/NO2 in the stratosphere are naturally occurring N2O and from jet engine exhausts.

Equations for NO depletion

	
	NO (g)   +     O3   (g)  ((      NO2 (g) +     O2 (g)
	   

	
	NO2 (g)   +     O  (g)   ((      NO (g)     +     O2 (g)
	

	Net effect:                        O (g)  +     O3  (g)   ((         2O2   (g)                                                              


Equations for NO2 depletion: NO2 dissociates to produce both O and NO each of which can deplete ozone. 

	Photodissociation by UV:
	NO2 (g)   ((      NO (g)     +     O (g)
	   

	
	     NO (g)  +     O3  (g)   ((   NO2 (g)   +   O2   (g)
	

	                NO2 (g)   +     O  (g)   ((      NO (g)     +     O2 (g)


14.2 Hybridization
E.I.: Larger structures and more in-depth explanations of bonding systems often require more sophisticated concepts and theories of bonding.

Nature of science: The need to regard theories as uncertain—hybridization in valence bond theory can help explain molecular geometries, but is limited. Quantum mechanics involves several theories explaining the same phenomena, depending on specific requirements. (2.2)
	Understandings

· 14.2 U1 A hybrid orbital results from the mixing of different types of atomic orbitals on the same atom.

	Applications and skills

· 14.2 AS1 Explanation of the formation of sp3, sp2 and sp hybrid orbitals in methane, ethene and ethyne.
· 14.3 AS2 Identification and explanation of the relationships between Lewis (electron dot) structures, electron domains, molecular geometries and types of hybridization.


The sharing of electrons in a covalent bond occurs as a result of the interaction or overlapping of a half-filled 

Hybridisation

The theory of hybridisation is a theory that was developed to explain some of the shortcomings of the valence bond theory. 

The valence bond theory is the theory we have been using so far; it states that the chemical behaviour of an element is determined by its valence electrons, e.g. covalent bonds (sigma or pi) are formed when half-filled atomic orbitals (containing unpaired electrons) from 2 different atoms overlap to form electron pairs so that both atoms achieve the noble gas electronic configuration. Therefore the number of unpaired electrons in an atom determines the number of covalent bonds that the atom makes in a molecule or molecular ion.  

But the valence bond theory has not always been able to explain all of the experimental data (on bonding and shapes of molecules) obtained from the study of the physical properties of molecules or molecular ions.  

Some examples of some of these shortcomings of the valence bond theory:

· Boron makes 3 covalent bonds with 3 different atoms although it has only 1 unpaired valence electron? 
· Beryllium makes two covalent bonds although it does not have any unpaired electrons. Beryllium, although being a metal, forms a covalent bond with halogens.  This is because of its small size its 2s electrons are attracted too strongly by the nucleus so that a complete transfer can not occur. 
· Carbon makes 4 bonds although it has only 2 unpaired electrons.  Carbon compounds like methane have a perfectly tetrahedral arrangement around each carbon atom i.e. all angles are 109.5(.  In methane all 4 bonds have the same length and all electron pairs are distributed evenly. This can only be as a result of all bonds having equal repulsion which can only occur if they are all on the same energy level.

· When applying the VSEPR theory to determine the shape of molecules, we give the same amount of repulsion to all bonding pairs although they cannot all be on the same energy level; equally we give the same amount of repulsion to all non-bonding pairs although again they cannot all be on the same energy levels to justify the same force of repulsion.  In water one of the lone pair is on the 2s orbital which is at a lower energy level than the 2p orbitals but when explaining the shape using the VSEPR we have considered both lone pairs (one on 2s and one on 2p) to be on a par in terms of energy (=equivalent)  i.e. they cause the same repulsion which should not be the case if one is on a lower energy level.

New ideas (by Linus Pauling) were added to the valence bond theory and these include the idea of hybridisation.
Hybridisation is the mixing of a number of non-equivalent (=not the same) but similar atomic orbitals (e.g. 2s and 2p orbitals) to form the same number of new equivalent atomic orbitals (hybrid orbtials) for bonding.  

These new orbitals are hybrids (= a mixture); they are degenerate/equivalent (= of the same energy level) and have some s and p orbital character i.e. their energy level is in between the two.  Each hybridized orbital has a different orientation i.e. points in a different direction.

Hybridised orbitals have their own shapes (different from the normal s and p orbitals) i.e. they have 1 large lobe which extends between the two interacting atoms; these large lobes allow them to overlap better - area of overlap is larger - and form stronger bonds than unhybridised orbitals.  

So more energy is released when they are formed as opposed to unhybridised orbitals; that energy is used to initially promote the electrons during the process. 
Usually hybridisation involves 2 stages:

· the unpairing of an electron and the promotion of an electron e.g. an s electron to a p orbital;

· the actual hybridisation (or mixing) in which all orbitals become degenerate/the same.


Example: hybridisation in boron    


                                      promotion                                            hybridisation


                                                                                                                                                            non-

  2s               2p                                   2s               2p                                                      sp2          hybridised  

Example: hybridisation in carbon


                                      promotion                                                hybridisation


   2s               2p                                   2s               2p                                                                sp3          
Example : hybridisation in beryllium

                                      promotion                                            hybridisation

                                                                                                                                                            non-
  2s               2p                                   2s               2p                                                      sp           hybridised  
The energy needed for the unpairing of some electrons to a higher energy level is provided when a bond is made (bond making releases energy) as a result of the hybridisation.  The energy released when making a new bond makes up for the energy needed to promote and hybridise electrons.

Multiple bonds

All sigma covalent bonds in polyatomic molecules are formed as a result of the overlap of two hybridised orbitals or one hybridised and one unhybridised (e.g. hydrogen).  

Pi, (, bonds are always formed from unhybridised p orbitals, usually the pz, so they have no impact on the shape.

Determining the type of hybridization that has occurred in a molecule or molecular ion

Types of hybridization:  sp, sp2 and sp3

How can we now identify the type of hybridisation (or which orbitals have hybridised) in a molecule or molecular ion?  The main determining factor is the geometry or shape of the molecule.

	1. draw the Lewis structure

2. determine electron pair geometry or valence electron pair distribution around central atom by counting the number of electron pairs (non-bonding and bonding pairs) but consider a multiple bond as one;

3. the number you obtained in step 2 = number of  hybrid orbitals

4. if 2 hybrid orbitals =  sp hybridisation resulting in 180( bond angles between the hybrid orbitals

5. if 3 hybrid orbitals = sp2 hybridisation(120( bond angles between hybrid orbitals)

6. if 4 hybrid orbitals = sp3 hybridisation(109(/ bond angles between hybrid orbitals)


The type of hybridization that occurs depends on the number of sigma bonds and lone pairs that have to be accommodated around the atom.
Hybrid orbitals are responsible for all the σ bonding overlaps and non-bonding pairs in a molecule or molecular ion.  Unhybridised orbitals are responsible for all the ( bonding overlaps in a molecule.
We can also work out the type of hybridization from the shapes of the molecules or the angles between bonding pairs. This is because the geometry of a molecule drives the hybridization; the hybridization needs to occur to allow the most stable shape/electron pair arrangement/least repulsion to occur. 
Shapes and orientation of hybridised orbitals

	type of hybridisation
	how many orbitals have been hybridized
	orientation of hybridized orbitals
	shape of molecule

	sp
	one s and one p orbital
	180( bond angles


	linear

	           sp2
	1 s and 2 p orbitals
	120( bond angles
	trigonal planar


	sp3
	1 s and 3 p orbital
	109( bond angles
	· all 4 orbitals carry bonding pair: tetrahedral

· 1 orbital carries a lone pair: pyramidal

· 2 lone pairs: bent


Good website: http://www.chemguide.co.uk/atoms/bonding/covalent.html#top
Summary of overlapping atomic orbitals

	Overlapping atomic orbitals
	Type of bond
	Example of bond and molecule

	s and s
	sigma
	H-H in H2

	s and p
	sigma
	H-Cl in HCl

	p and p end-on
	sigma
	Cl-Cl in Cl2

	hybridised orbital and s
	sigma
	C-H in CH4

	hybridised orbital and hybridised orbital
	sigma
	C-C in C2H6
one of the C=C in C2H4
one of the C  C in C2H2

	p and p sideways
	pi
	one of the C=C in C2H4

two of the C C in C2H2


Hybridisation in carbon allotropes:

	diamond
	graphite/graphene
	fullerene

	sp3
	sp2
	sp2  and sp3 (to explain the curvature which has bond angles between 120 and 109)


molecular orbital 
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