INTERMEDIATE BONDING AND INTERMOLECULAR FORCES

Electronegativity

Electronegativity is defined as follows
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The table below shows electronegativity values of main block elements

	
	
	
	H

2.1
	
	He

	Li

1.0
	Be

1.5
	
	
	B

2.0
	C

2.5
	N

3.0
	O

3.5
	F

4.0
	Ne

	Na

0.9
	Mg

1.2
	
	
	Al

1.5
	Si

1.8
	P

2.1
	S

2.5
	Cl

3.0
	Ar

	K

0.8
	Ca

1.0
	
	Ga

1.6
	Ge

1.8
	As

2.0
	Se

2.4
	Br

2.8
	Kr

	Rb

0.8
	Sr

1.0
	
	In

1.7
	Sn

1.8
	Sb

1.9
	Te

2.1
	I

2.5
	Xe

	Cs

0.8
	Ba0.9
	
	Tl

1.8
	Pb1.8
	Bi

1.9
	Po

2.0
	At

2.2
	Rn


Polarisation of a covalent bond
A perfect covalent bond would consist of the bonding electron region being shared equally by each atom.
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This occurs if each of the atoms have the same pull on the electron pair in the bond (equal electronegativity).  It can be found in molecules of elements such as O2, Br2 and N2.  Since the atoms in each of these molecules are the same they will have the same electronegativity. 

In most compounds however one atom will have a greater electronegativity than the other, and so will have a greater pull on the electrons, so distorting the electron region.



This process of moving away from the perfect example is called polarisation.  The extent of the polarisation will depend on the difference in electronegativity of the two atoms.

The polarisation of a covalent bond will mean that one part of the molecule is more negative (the most electronegative atom) than the other and causing the bond to be polar.  
Hydrogen chloride is an example of a molecule which contains a polar bond.  
The chlorine possesses a higher electronegativity, so will draw the electron pair in the covalent bond towards itself.




Intermediate bonding

In Unit 1 (Ionic Bonding) it was noted that ionic compounds can be polarized which gives them a covalent character.  When a molecule has a polar bond, it gives the covalent substance an ionic character.

To regard a compound as “covalent” or “ionic” is too simplistic for understanding AS chemistry.  It is more correct to visualize type of bonding on a sliding scale where compounds can be described as “predominantly covalent” or “predominantly ionic”.

Electronegativity values can be used to give an approximate idea of the predominant type of bonding in a binary compound.

	Electronegativity difference
	0.1
	0.2
	0.3
	0.4
	0.5
	0.6
	0.7
	0.8

	Percentage ionic character
	0.5
	1
	2
	4
	6
	9
	12
	15

	
	
	
	
	
	
	
	
	

	Electronegativity difference
	0.9
	1.0
	1.1
	1.2
	1.3
	1.4
	1.5
	1.6

	Percentage ionic character
	19
	22
	26
	30
	34
	39
	43
	47

	
	
	
	
	
	
	
	
	

	Electronegativity difference
	1.7
	1.8
	1.9
	2.0
	2.1
	2.2
	2.3
	2.4

	Percentage ionic character
	51
	55
	59
	63
	67
	70
	74
	76

	
	
	
	
	
	
	
	
	

	Electronegativity difference
	2.5
	2.6
	2.7
	2.8
	2.9
	3.0
	3.1
	3.2

	Percentage ionic character
	79
	82
	84
	86
	88
	89
	91
	92


Looking at a selection of substances

	Substance
	Elect’y value 1
	Elect’y value 2
	Elect’y difference
	% ionic ch’r

	Chlorine, Cl2
	3.0
	3.0
	0
	0

	Ammonia, NH3
	3.0
	2.1
	0.9
	19

	Water, H2O
	3.5
	2.1
	1.4
	39

	Calcium chloride, CaCl2
	3.0
	1.0
	2.0
	63

	Lithium oxide, Li2O
	3.5
	1.0
	2.5
	79

	Potassium fluoride, KF 
	4.0
	0.8
	3.2
	92


If these are then plotted on the diagram below, it can be seen the type of bonding is a continuum rather than a black and white picture. 
	% ionic character

	10
	20
	30
	40
	50
	60
	70
	80
	90
	100

	

	
	
	
	
	
	
	
	
	


H2O

Polar bonds and Polar Molecules

The presence of a polar bond may or may not lead to the formation of a polar molecule.  The carbon – chlorine bond is polar because the chlorine is more electronegative than the carbon.


To decide whether a molecule will be polar, it is necessary to look at where the centres of positive and negative charge are placed.   A molecule of trichloromethane is polar








  Looking at a molecule of tetrachloromethane




Since there is no separation of charge in tetrachloromethane this is not a polar molecule.  
Another example of a molecule with polar bonds, but is non-polar overall is carbon dioxide.


One way of testing a substance to see if it is composed of polar molecules is to place an electrostatic charge near a jet of the liquid.





The greater the angle of deflection the more polar the molecule.

Forces of attraction must exist between atoms and molecules which are not chemically bonded because at a low enough temperature all substances become liquids or solids – even helium, which consists of inert, uncombined atoms. 

The three types of Intermolecular force to be considered are:

 
Dipole - dipole attractions 

London or van der Waals' forces,
and 
Hydrogen bonding.

Dipole - dipole attractions

These occur when a molecule has a permanent dipole.
It has been seen that in a molecule such as trichloromethane, CHCl3, the electronic 
charge is pulled towards the chlorine atoms because they have a greater electronegativity.








In a polar material there is an attraction between the positive charge in one molecule and the negative charge in the other.







van der Waals' forces 
Also called - London forces, instantaneous dipole - induced dipole interactions and dispersion forces.
When noble gases are cooled sufficiently they will condense.  This shows that there must be some forces acting between the atoms.  These forces are called van der Waals' forces.  
The random motion of electrons around a nucleus produces a fluctuating dipole, which changes from one instant to the next. Each instantaneous dipole influences its neighbours, tending to induce a dipole in them, and this leads to an attraction.

In general a larger atom will have a greater number of electrons around it, leading to a larger fluctuating dipole. This means that van der Waals forces generally increase with relative molecular mass. 
For example, in the alkanes boiling points increase steadily as RFM rises. 

Molecules like liquid bromine, Br2, and liquid argon, Ar (monatomic), can only have van der Waals forces since they have no permanent dipoles. However, even in polar molecules like HCl the van der Waals are the most important factor, as can be seen from the increasing boiling points of the hydrogen halides:

HCl (188K; dipole 1.05D) < HBr (206K; 0.80D) < HI (238K; 0.42D)

Along this series, boiling points rise with RFM because of the increased van der Waals forces, even though dipole moments are getting less. 

Van der Waals’ forces are generally weak (of energy up to 5 kJ mol–1, compared to 150–400 kJ mol–1 for most covalent single bonds) but they increase as molecular mass increases and as the number of electrons in the molecule increases so with large molecules the forces become large.

Boiling points of the noble gases

The boiling points of the noble gases illustrate this increase in strength of Van der Waal's forces with molecular mass.

	Noble gas
	Molecular mass
	Boiling point

	Neon
	20
	-246

	Argon
	40
	-186

	Krypton
	84
	-152

	Xenon
	131
	-108

	Radon
	222
	-62


As the molecular mass of the gases increases, the atoms contain more electrons and so the size of the van der Waal’s forces increases.  As the attractive forces between the molecules increases, it becomes more difficult to separate the molecules from each other and so the boiling points increase.  

Hydrogen Bonding

Hydrogen bonds, with energies usually in the range from 20-40 kJ mol–1, are typically ten times as strong as van der Waals’ forces, and about one‑tenth as strong as covalent bonds. Two conditions are necessary for formation of hydrogen bonds:

(i) A H atom must be covalently bonded to a highly electronegative atom usually N, O or F.

Hydrogen only has one electron which is used when hydrogen bonds to another element. The elements listed above are highly electronegative and so draw the electron pair in the bond towards themselves.  This leaves the proton on the hydrogen exposed.




(ii) The adjacent molecule must have a lone pair of electrons on an N, O or F atom.

The hydrogen, with its + charge, is strongly attracted to the adjacent lone pair. This is more than just a polar attraction, and is strongly directional (along the line of the lone pair). 
         You need to draw it with the polar bonds and lone pairs marked.





Molecules which show hydrogen bonding between molecules include: 


i)
HF; 


ii)
all compounds with –OH groups, including water; 


iii)
all compounds with –NH– groups, including NH3. 

In addition these molecules can all hydrogen-bond to water.
Examples of hydrogen bonding


Ammonia







Water








Hydrogen fluoride








Intermolecular forces and physical properties

The greater the intermolecular force strength, the more difficult it is to separate the molecules and so the higher the melting and boiling points.  
The strengths of the intermolecular forces are summarized below.

	van der Waal’s
	Dipole-dipole
	Hydrogen bonding

	Found in all molecular substances 
	Found in polar substances
	Found in compounds where H id directly bonded to N,O or F

	Weakest                                                                                                         Strongest




  The three molecules below illustrate the various strengths of these intermolecular forces.

                 








Boiling Points of the Alkanes

A graph plotting the boiling points of the alkanes is shown below.

[image: image1.emf]Boiling Points of Alkanes

0

100

200

300

400

500

600

1 2 3 4 5 6 7 8 9 10 11 12

Number of carbon atoms

Boiling Point /oK


The melting point of the alkanes increases with molecular mass for the same reason, but the pattern is not so straightforward as the different packing of molecules in the solid according to whether the number of carbon atoms is odd or even causes an additional factor in the determination of the melting points.

The closer the molecules are able to approach each other, the greater the induction effect and so the greater the van der Waals’ forces.  When an alkane has branching present, the molecules cannot approach each other so closely and there is less area over which contact can occur, so branched alkanes have lower boiling points.

The table below illustrates the effect of branching in alkane molecules on the boiling point.

	Alkane
	Molecular mass
	Structural formula
	Skeletal formula
	Boiling point

	Butane


	56
	CH3CH2CH2CH3
	
	-0.5oC

	Methylpropane

 
	56
	CH3CH(CH3)CH3
	
[image: image2.emf]


	-11.7 oC


Boiling Points of the alcohols

The –OH group in alcohols causes hydrogen bonding between the molecules.  Therefore an alcohol will have a much higher boiling point than an alkane with a similar number of electrons.

	Alkanes 
	alcohol

	Formula 
	Electron number
	Boiling point
	Formula 
	Electron number
	Boiling point

	CH3CH2CH3
	24
	-42 oC
	CH3CH2OH
	24
	78.5 oC

	CH3CH2CH2CH3
	32
	-0.5oC
	CH3CH2CH2OH
	32
	97oC


Boiling Points of the hydrogen halides

The boiling points of HCl, HBr and HI increase with molecular mass.  This is because as the number of electrons increases so does the chance of an electron imbalance and the formation of instantaneous dipoles and so greater van der Waals’ or London forces.

It might be expected that HF having a smaller molecular mass than HCl would have a lower boiling point.  This is not the case.  Hydrogen fluoride has the highest boiling point of this group because HF molecules form hydrogen bonds.  The graph plotting the boiling points of hydrogen halides is shown below.  
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Boiling Points of other hydrides
Because hydrogen bonds are the strongest of the intermolecular forces, molecules with hydrogen bonding have higher boiling points, and higher enthalpies of vaporisation, than would otherwise be expected for molecules of similar molar masses. 
We see this in the boiling points of the hydrides in groups 5, 6 and 7: in each case the first member (in the second period) is much higher than expected (see graph):

 EMBED Word.Picture.8  


Unusual properties of water
The unusual properties of water are caused by hydrogen bonding:

(i)  it has a much higher freezing and boiling point than expected for such a small molecule, 
     because it needs more energy to separate the molecules;

(ii) ice is less dense than water, whereas most solids are denser than their liquid phase. 

In the structure of ice, for each water molecule the oxygen is bonded covalently to two hydrogens, and the two lone pairs of electrons each accept a hydrogen bond, so that the structure is tetrahedral (and not unlike that for diamond, though note that the O—H-----O distances are not the same as each other). The result is that ice has a rather open structure, with some empty space trapped in the lattice. This gives it a lower density than liquid water.

Solubility

In general a solvent will dissolve a substance that contains similar intermolecular forces.

Solubility of ionic compounds in water
When an ionic substance is placed in water, the water molecules, being highly polar, are attracted to the ions.  The oxygen in the water molecule carries a partial negative charge and is attracted to cations.  The hydrogen in the water molecule carries a partial positive charge and is attracted to anions.

The process of water molecules linking to ions is called hydration of ions (as bonds are formed hydration is always exothermic).  The water molecules are vibrating, so as they bond to the ions they shake the ions free from the lattice.

The process of dissolving is shown below.



Some ionic compounds do not dissolve in water because the electrostatic attraction between the ions, the Lattice enthalpy, is too great for the water molecules to overcome.

To be soluble the energy produced by hydrating the ions (the hydration enthalpy) must be more negative than the energy holding the ion together (the lattice enthalpy). 
The solubility of organic compounds in water

Alcohols possess the OH group and so can form hydrogen bonds.  Alcohols are soluble in water because they are capable of forming hydrogen bonds with water molecules.

Other organic compounds, which are not able to form hydrogen bonds do not dissolve in water.  Halogenoalkanes for example, although polar, are not able to form hydrogen bonds with water, and therefore are unable to interact with the water molecules and such compounds are consequently not soluble in water.

The reason that water will not dissolve substances which are not ionic or able to form hydrogen bonds is that the dissolving process involves molecules of the dissolving substance to intersperse themselves between the water molecules.   
The strong hydrogen bonds cause strong attractions between the water molecules, preventing other molecules from moving between them unless they are able to form equally strong interactions with water molecules.
To be soluble in water the organic substance must be able to form strong hydrogen bonds with the water molecules.
Solubility in Non-aqueous solvents

Non-polar solvents will dissolve non-polar materials.  
Solvents such as hexane will dissolve substances such as iodine.  Hexane and iodine are both non-polar and so have similar forces between their molecules (van der Waals forces).  This means that the molecules are able to interact with each other easily and allow solubility.
To be soluble in a non-aqueous solvent the substance must have similar strength intermolecular forces to those in the non-aqueous solvent.
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The boiling points of the alkanes increases with molecular mass.  This happens because the higher the molecular mass, the greater the number of electrons and so the greater the chance of an imbalance and formation of an instantaneous dipole.  The van der Waals’ forces (London forces) increase. 





Ethanol:  b.p. = 78oC
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CH2





OH





H3C





Ethanol has hydrogen bonding which is significantly stronger than the other intermolecular forces and so a much higher boiling point than methoxymethane even though they have the same molecular mass.

















Methoxymethane:  b.p. = -24.8oC
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O





CH3
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Propane: b.p. = -42.2 oC                





CH2





CH3





H3C





Propane is composed of non-polar molecules and so only has van der Waals forces between the molecules.  














Methoxymethane has a similar molecular mass to propane, but has a higher boiling point because the molecules are polar, so there are dipole-dipole attractions as well as van der Waals forces.
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  This type of force between molecules is referred to as dipole-dipole attractions.
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This results in a molecule which has a partial positive charge at one end and a partial negative charge at the other.  This type of molecule is described as polar.





The separation of charge which exists in a polar molecule is called a diplole.








INTERMOLECULAR FORCES
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The charge on the polar molecule causes the molecules to be attracted to the charged rod.
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Electronegativity is the ability of an atom within a covalent bond to attract the bonding pair of electrons.
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