
TOPIC 4:  BONDING 

In this topic we will study the various interactions between particles (=bonding), and these are:

	1. Ionic bonding

	2. Covalent bonding
     (intramolecular)

	3. Intermolecular forces:

· London (dispersion) forces 
· dipole-dipole

· hydrogen bonding
	4. Metallic bonding




4. 1 Ionic bonding and structure
E.I.: Ionic compounds consist of ions held together in lattice structures by ionic bonds.

Nature of science: 2.2 Use theories to explain natural phenomena—molten ionic compounds conduct electricity but solid ionic compounds do not. The solubility and melting points of ionic compounds can be used to explain observations. 
	Understandings

· 4.1 U1 Positive ions (cations) form by metals losing valence electrons.

· 4.1 U2 Negative ions (anions) form by non-metals gaining electrons.
· 4.1 U3 The number of electrons lost or gained is determined by the electron configuration of the atom.
· 4.1 U4 The ionic bond is due to electrostatic attraction between oppositely charged ions.
· 4.1 U5 Under normal conditions, ionic compounds are usually solids with lattice structures.

	Applications and skills

· 4.1 AS1 Deduction of the formula and name of an ionic compound from its component ions, including polyatomic ions.
· 4.1 AS2 Explanation of the physical properties of ionic compounds (volatility, electrical conductivity and solubility) in terms of their structure.


Formation of ionic bonds

Ionic bond is the electrostatic attraction between oppositely charged ions. 

It is the result of electron transfer between metals from group 1, 2 and 3 to elements from group 6 and 7.

Metal atoms lose OUTER electrons (low first ionization energy; especially alkali metals) becoming positive ions (cations); group 1 and group 2 metals (s-block metals) lose their valence electrons.  

                    M (g)        +        (energy)    ((      M+ (g)    +       e-           (=endothermic process)

      example            :    Na (g)    ((    Na+ (g)  +   e-              (+496 kJ mol-1 ) (first ionization energy)

              energy                                                                           energy

                                         Na+ (g)  +   e-

                                                                                                         Cl (g)    +   e-


                                         +496 kJ/mol                                                                      -349 kJ/mol

                     Na (g)                                                                                                   Cl-  (g)


Non-metals gain electrons becoming negative ions (anions); the number of electrons gained usually fills the valence level of the atom. 

                                   nM (g)    +      e-        ((    nM-  (g)       (=exothermic process)

       example:     Cl (g)    +   e-   ((    Cl-  (g)   (-349 kJ mol -1)             (electron affinity)
As a result of the transfer of outer electrons the sodium and chloride ion obtain the noble gas electron configuration of the noble gas nearest to them (neon in the case of sodium and argon in the case of chlorine).  They also become attracted to each other because of the electrostatic forces.  

The number of electrons in the outer shell of each atom is shown by dots or crosses round its symbol and the full electron structures are shown below the symbols. Each sodium atom loses the one electron in its outer shell to form an Na+ ion with the same electron structure as neon - oxidation. 
The electrons given up by sodium atoms are taken by chlorine atoms. Each chlorine atom gains one electron to form a Cl- ion with the same electron structure as argon - reduction. 
So, the formation of NaCl involves the complete transfer of an electron from a sodium atom to a chlorine atom, forming Na+ and Cl- ions. 
	*Note that during the formation of an ionic bond, an electron is added to the lowest unoccupied or half-filled orbital unoccupied; in an half-filled orbital the incoming electron spins in an opposite direction to the electron which is already in the orbital to give greater stability.)


Which ions are formed?

	group 1 elements
	group 2

elements
	aluminium
	transition metals
	group 6

elements
	group 7

elements

	lose 1 electron
	lose 2 electron
	lose 3 electron
	can form more than one ion
	gain 2 electrons
	gain 1 electron

	+1
	+2
	+3
	variable ionic charges
	-2
	-1


Which elements make ionic bonds? Use electronegativity.

Usually whenever an element from groups 1, 2 and aluminium react with an element from group 6 or 7 (or, sometimes also group 5).

However, a much better statement would be that an ionic compound is formed if the difference in electronegativity between the two reacting elements is greater than 1.8 as then the bond is ionic (greater ionic character) and so is the compound (but more on this later in this topic).

Note that not all atoms form ions e.g. C and Si do not form ions!!!!

Recall size of ions: 

* addition of electrons makes ion larger than atom;

* removal of electrons makes ion smaller than atom.

	r2+  <   r1+  <   ratom  <   r1-  <   r2-                       r =radius


Polyatomic ions

The flowing species are called polyatomic ions.  Write their names underneath their formula.
   NO3-,                OH-,               SO42-,                  CO32-,               PO43-,             NH4+,             HCO3-.
Structure of ionic compounds:  GIANT IONIC LATTICE 
A giant ionic lattice is a highly regular 3-dimensional arrangement of millions and millions anions and cations held together by strong ionic bonds.   Each cation is surrounded by a number of anions and vice versa.  The attraction between the ions is non-directional i.e. it acts in all directions.  
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	In the sodium chloride lattice structure shown  each sodium ion is surrounded by six chloride ions which are arranged octahedrally around the sodium ion and vice versa; the sodium chloride structure is 6:6 coordinated.  This structure is also referred to as a cubic structure. 

The caesium chloride structure is 8: 8 coordinated as shown on http://www.chemguide.co.uk/atoms/structures/ionicstruct.html.




 (image below obtained from http://www.docbrown.info/page04/4_72bond2.htm on December 8 2010)

It is important to note that ionic bonds are non-directional i.e. they act in all directions and not just in 1 direction in particular.  In an ionic lattice, forces of attraction (between ‘opposite’ ions) and repulsion (between ‘like’ ions) are balanced.

The ionic formula or formula unit = an empirical formula which shows the most simple ratio in which positive and negative ions occur within the lattice e.g. in the case of NaCl that is 1:1; in the case of CaCl2 that is 1: 2.

Physical properties of ionic compounds reflect the ionic lattice structure
The physical properties of compounds such as volatility, conductivity and solubility in polar and non-polar solvents of a substance depends on:

· the type of particle it contains: either atoms, ions or molecules. For instances, to be able to   

            conduct a substance needs mobile electrically charged particles either electrons (metals) or ions             (molten or dissolved salts);
· how these particles are attracted to each other e.g. the strength of the forces holding lattice    

            together determine volatility, solubility, hardness and so on;
· the structure of the substance: e.g. 2 dimensional or layer structure makes graphite soft whilst 

            the 3 dimensional structure of the same carbon atoms makes diamonds very hard.

Summary of ways in which different particles can attract each other:

	between atoms


	between molecules

	ionic (no molecules formed)
	London (dispersion) forces 

	polar or non-polar covalent bonds
	dipole-dipole (polar bond)



	                                metallic bonds
	hydrogen bonds


Ionic compounds have the following physical properties:

· High melting and boiling points (low volatility): attraction between opposite ions is strong requiring large amounts of energy to break up the lattice. As a result under normal conditions, ionic compounds are solids with lattice structures.
· Conductors when molten or in solution (electrolytes) as only then are the ions, which carry the charges, able to move to the oppositely charged electrode (mobile ions). 
· Soluble in polar solvents: attraction between polar ends of solvent molecules and the ions causes 

       detachment of ions from the lattice – see animation “dissolving an ionic solid” on wikispace.

· Not soluble in non-polar solvents as the non-polar molecules are unable to dislodge any ions     

       from lattice.

· Melting point, boiling point and solubility in water of ionic substances depend on:

	size of ions
	the smaller the ions the greater the attraction between the ions, the higher the melting and boiling point

	size of ionic charge
	the greater the charge the stronger the attraction between the ions, the higher the melting and boiling point


      Examples:

· solubility:  MgO  (  NaCl  : because of higher ionic charges
· melting point: - MgO ( NaCl   ;       KCl (  KBr (  KI;         LiCl (  NaCl (  KCl

4. 2. Covalent bonding 
E.I.: Covalent compounds form by sharing electrons.

Nature of science: 2.5 Looking for trends and discrepancies—compounds containing non-metals have different properties than compounds that contain non-metals and metals.
2.2  Use theories to explain natural phenomena—Lewis introduced a class of compounds that share electrons. Pauling used the idea of electronegativity to explain unequal sharing of electrons. 
	Understandings

· 4.2 U1 A covalent bond is formed by the electrostatic attraction between a shared pair of electrons and the positively charged nuclei.
· 4.2 U2 Single, double and triple covalent bonds involve one, two and three shared pairs of electrons respectively. 
· 4.2 U3 Bond length decreases and bond strength increases as the number of shared electrons increases.
· 4.2 U3 Bond polarity results from the difference in electronegativities of the bonded atoms.

	Applications and skills

· 4.2 AS1 Deduction of the polar nature of a covalent bond from electronegativity values.


A covalent bond is the electrostatic attraction between a shared pair of electrons and the positively charged nuclei.

Covalent bonds are formed between elements from groups 5, 6 and 7 as they tend to share valence electrons instead of achieving a complete transfer when they interact.  

Electrons are shared as a result of no or a small difference (less than 1.8) in electronegativity between the reacting atoms; this is usually the case because elements from groups 5,6 and 7 have high electronegativities.  

The electron pair formed as a result of the electron sharing is attracted by both nucleii.  It is this attraction between the shared pair and the positive nucleus which bonds both atoms and is called the covalent bond.  A covalent bond is directional in nature which means that it can only act in a certain direction i.e. the direction in which the orbitals remain overlapped.

Normal covalent bonding

The sharing of electrons happens as the result of the overlapping of the most outer energy level of one atom with the most outer energy level of the other atom.  

Both single electrons now become paired and share the overlapping energy levels i.e. they can now also move in the energy level of the electron from the other atom so they can now move around each nuclei. 

However, most of the time they are found in the region between both nuclei as they are attracted by both nuclei. This electron pair is called a bonding pair. The other pairs around the bonding atoms are called the non-bonding or lone pairs.
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(from http://ibchem.com/IB/ibnotes/full/bon_htm/4.2.htm, on 15/10/09).   
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	Because of the overlapping of the energy levels both electrons can move around both atoms that means that they become part of each atom and can be counted for each atom. In the examples below the one electron that chlorine or fluorine contributes is now also counted as part of the hydrogen atom; in the same way the electron that hydrogen contributes now also becomes part of the chlorine atom that now has 8 electrons in its outer energy level.


(from http://ibchem.com/IB/ibnotes/full/bon_htm/4.2.htm, on 15/10/09)
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(from http://www.chemguide.co.uk/inorganic/group7/properties.html on 15/10/09)

A covalent bond is directional in nature which means that it can only act in a certain direction i.e. the direction in which the energy levels remain overlapped.  If there is no overlap, the bond is broken.

How many covalent bonds? 

As atoms make a covalent bond with another atom to add electron (s) to their outer shell, the number of covalent bonds made is equal to the number of electrons needed to fill that outer shell.

For example, oxygen needs 2 more electrons to fill up its most outer energy level so it makes 2 covalent bonds, carbon needs 4 electrons so it makes 4 covalent bonds. 

How do I draw the valence electron arrangement in a covalently bonded molecule/molecular ion? 

· decide how many bonds each atom within the molecule will need to make to get a full outer shell;

· place the one that will make the highest number of bonds in the middle;

· use crosses to show its valence electrons;

· add the number of bonds it needs by overlapping it with other atoms; use dots for the valence electrons of the other atoms.

Draw the electron distribution for the following molecules:  H2, F2, NH3, AlCl3, H2O, CF4, CH4, C2H5OH.

Multiple bonds

Sometimes when two atoms which require more than one electron combine with each other they both contribute more than one electron and make a covalent with each electron that they contribute.  They share more than one pair of electrons.

When atoms make more than one bonding pair between each other a multiple bond is made; this could be a double bond (sharing two pairs of electrons) or a triple bond (sharing three pairs of electrons).

Examples of molecules that contain multiple covalent bonds: O2, N2, CO2, C2H4, C2H2.  
Draw the valence electron distribution (without inner shells) of multiple bonds in the above molecules.

Dative/co-ordinate bonds

Sometimes a bond is formed by the sharing of a pair of electrons both of which are provided by the same atom; such a bond is referred to a ‘dative’ bond.  

During the formation of a dative bond a lone pair becomes involved in the bonding allowing the atom to form an extra bond.  A dative bond is of the same nature as a ( bond (if it is a single bond); a filled atomic orbital of one atom overlaps with the empty atomic orbital of the other atom.

Examples of dative bonds: 

	CO:  structure of carbon monoxide: draw it in!  Oxygen donates one of its lone pairs and overlaps that              orbital with an empty p-orbital in the carbon atom. Only one of the bonds is dative!!!


	AlCl3



	H2O/H+



	NH4+




Bond length and bond strength

	Bond length refers to the distance between 2 covalently bonded nuclei (it is twice the atomic radius in case of diatomic molecules of an element).  

It depends on:

· size of atom; the smaller the atoms, the stronger the bond;

· number of bonds: the greater the number of bonding electrons, the more tightly the nuclei are held together, the shorter the bond.  

The bond length is the distance between two atoms when repulsion and attraction cancel each other out as shown to the right.
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Image from (http://ibchem.com/IB/ibnotes/full/bon_htm/4.2.htm ) 

Bond strength/enthalpy 

Bond strength refers to the amount of energy needed to break a bond. A proper definition will be given in the topic on energetic.
Bond length and strength are directly related to each other: the greater the bond length the smaller the bond strength!!! As electrons and nuclei are further away from each other and less strongly attracted.

The table below provides evidence for the above statements: 

	bond
	average bond enthalpy

(kJ mol-1)
	bond length

(ppm)

	C – C
	+346
	154

	C ( C
	+614
	134

	C ( C
	+839
	120

	C - H
	+414
	108

	O – H
	+463
	97

	C - O
	+358
	143

	C ( O
	+804
	122

	O ( O
	+498
	121

	N ( N
	+945
	110


Why are multiple bonds stronger and shorter than single bonds? 

	Multiple bonds pull both nucleii (and atoms) closer together.  Both nuclei are attracted more strongly towards the shared pairs of electrons. This is the case because in a multiple bond there are 4 or 6 bonding electrons being shared between both nuclei resulting in a stronger attraction   Because of the increased number of bonding electrons, there is also a larger area of overlap; the larger the area of overlap the stronger the bond.
Directional

Covalent bonds are directional which means that they only act in certain directions.  The force of attraction between the shared electrons and both nucleii exists as long as the shells overlap.  Once the atoms are moved so there is no overlap anymore than the bond breaks.  The amount of energy needed to pull the atoms away from each other so that there is no overlap is the bond strength.    
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(image from http://ibchem.com/IB/ibnotes/full/bon_htm/4.2.htm, on 15/10/09)

4. 3. Covalent structures 
E.I.: Lewis (electron dot) structures show the electron domains in the valence shell and are used to predict molecular shape.

Nature of science: 1.10 Scientists use models as representations of the real world—the development of the model of molecular shape (VSEPR) to explain observable properties. 
	Understandings

· 4.3 U1 Lewis (electron dot) structures show all the valence electrons in a covalently bonded species.
· 4.3.U2 The “octet rule” refers to the tendency of atoms to gain a valence shell with a total of 8 electrons.
· 4.3 U3 Some atoms, like Be and B, might form stable compounds with incomplete octets of electrons.
· 4.3 U4 Resonance structures occur when there is more than one possible position for a double bond in a molecule.
· 4.3.U5 Shapes of species are determined by the repulsion of electron pairs according to VSEPR theory.
· 4.3 U6 Carbon and silicon form giant covalent/network covalent structures.

	Applications and skills

· 4.3 AS1 Deduction of Lewis (electron dot) structure of molecules and ions showing all valence electrons for up to four electron pairs on each atom.
· 4.3 AS2 The use of VSEPR theory to predict the electron domain geometry and the molecular geometry for species with two, three and four electron domains.
· 4.3 AS3 Prediction of bond angles from molecular geometry and presence of non- bonding pairs of electrons.
· 4.3 AS4 Prediction of molecular polarity from bond polarity and molecular geometry.
· 4.3 AS4 Deduction of resonance structures, examples include but are not limited to C6H6, CO32- and O3.
· 4.3 AS5 Explanation of the properties of giant covalent compounds in terms of their structures. 


Lewis structures

Lewis structures or electron dot structures are produced so that you can predict the type of intermolecular force, and therefore its properties, that act in a given molecular substance. 

First you need to draw the Lewis structure that allows you to predict the shape of the molecule or the molecular ion.  You then need to decide if the shape is symmetrical or not.  This in turn allows you to decide if the molecule is polar or not.

What is a Lewis structure?

A Lewis structure is used to describe how the atoms and the electrons (and therefore electron domains) in the valence shell are arranged in a covalently bonded species such as a molecule or molecular ion. 

The Lewis structure keeps track of all valence electrons as it shows how the valence electrons are distributed between lone pairs and bonding pairs. 

Rules for drawing Lewis structures:
· dots for non-bonding electrons as all electrons are the same;

· lines for bonding pair electrons

Lewis structures do not indicate the actual position of the electrons or the shape of the molecule; it involves supplying electron pairs to each atom so that it obeys the octet rule (Lewis devised octet rule!!) (unless you know it does not obey the octet rule – see later). The octet rule refers to the tendency of atoms to gain a valence shell with a total of 8 electrons.
In any molecular formula the first element mentioned in the name or given in the formula is usually the central atom in the Lewis structure of the molecule.

Exercise: Draw the Lewis structures of the following (some central atoms have expanded valencies):

(a) XeO3         (b)  HCN       (c)  PH3        (d) BF3          (e)  NH4+        (f)  BF4-           (g)  SeF2        (h)  CF4
(i)  NO2-        (j)  NO3-        (k)  PCl4+      (l)  POCl3      (m) XeO4        (n) ClO4-        (o)  ClO2-         (p)  I3-
(q) SnCl3-     (r) ONCl        (s) ICl4-         (t) ClO3-  

	Exceptions to the octet rule

Octet rule only really applies to most period 2 elements as they can only have 8 electron in their outer most shell (i.e. n = 2).  As from period 3 onward the elements can expand their valence as they can also use their d orbitals). 
· less than 8 valence electrons (usually with elements B, Al and Be): 

· BCl3, BH3 and other aluminium halides and hydrides are stable compounds with incomplete octets;
[image: image7.png]



Boron within this compound has only 6 valency electrons but all are paired; fluorine does not readily from a dative bond as it is too electronegative. 

· BeH2 (Beryllium has only 4 valence electrons).

Such compounds readily form dative bonds accepting electron pairs from other atoms. So remember any B, Al and Be halides are examples of !!!!

· odd number of electrons: (all the compounds below have an odd number of valence electrons) 

· NO (5 valence electrons),

· NO2 (7 valence electrons on nitrogen+ resonance!)

· ClO2 (7 valence electrons on chlorine)

· more than 8 valence electrons (=expanded valence):  atoms of the third period and beyond can have more than 8 valence electrons as they can also use, in addition to their s and p orbitals, the  
     d orbitals for  bonding.  

     Examples:  ( ) = number of valence electrons

    SO4-2 (12)          SF6 (12)          BrF5 (12)       SnCl62- (12)        SO32- (10)        XeF2 (10)         XeF4 (12)




Resonance structures

If a Lewis structure is drawn of an ozone molecule there should be 1 double bond and one single bond which means in an ozone molecule there should be two bonds of different lengths and strengths. This is not backed up by experimental evidence which shows that both bonds in the ozone molecule are the same in length and strength; in fact both the values for the length and strength are intermediate between a single O-O bond and a double O=O bond.

In the case of ozone we can draw two different Lewis structures by changing the position of the double bond.  The evidence suggests that these Lewis structures are incorrect models.  What is a more correct model is one accepting the idea of resonance or delocalization of electrons.

Resonance involves using two or more equivalent Lewis structures (called resonance structures) to show a molecule or molecular ion. Put differently, whenever there is a question as to which atom(s) has/have the double bond(s) between them, resonance or delocalization of ( electrons occurs.

Resonance structures are Lewis structures which do not exist and which differ only in the location of valence electron pairs (usually the double bonds) but not in the number of valence electrons or the arrangement of the atoms within a molecule.  Each resonance structure shows a different way in which lone and bonding pairs are arranged. Bonding pairs and lone pairs can be interchanged between the 2 or more resonance structures that can be drawn.  

Resonance then is a concept in which the actual structure of a molecule or molecular ion is taken to be the average of all possible resonance structures.  This average structure is called the resonance hybrid.  It is the most accurate presentation as it summarises in one structure the various arrangements of valence electrons and shows the equal bond length; the resonance hybrid` also shows the only form in which the molecule or molecular ion exists. 
When drawing the different resonance structures of a molecule or molecular ion it is important that each one is separated by the symbol  (. 

The ( symbol shows as if the particle resonates between these the different Lewis structures but it does not!!
Experimental evidence for resonance:  

The theory of resonance has been developed as a result of X-ray measurements indicating equal bond length and bond strength within molecules which were thought to contain a mixture of double and single bonds e.g. in sulphur dioxide, ozone, and benzene.  When measured the bond length is found to be intermediate between the single and the double bond. (see data booklet) 

The actual bond consists of ( and part of a ( bond which explains its intermediate (between a single and a double bond) strength and length.

How do we recognize when delocalization occurs?

· You can draw different Lewis structures as there is more than one possible position for a double bond.
· Evidence of bond length and bond strength reveal a bond of intermediate length and strength between a single and double bond.  

Examples of molecules/molecular ions with resonance structures:
SO4-2, C6H6, CO32-, O3, …
Shapes of molecules or molecular ions.

The shape of a molecule or molecular ion (=molecular geometry) is determined by the angle between the bonds which is in turn determined by the arrangement of the electron domains around each atom.  An electron domain can be a non-bonding pair, a bonding pair, a double and a triple bond.
The main ideas of the VSEPR theory are:

	· electron domains around a central atom repel each other; the electron domains arrange themselves in such a way as to reduce the amount of repulsion

· there is greater repulsion between 2 non-bonding pairs (as they are closer to the nucleus); then between a non-bonding pair and a bonding pair; least repulsion between 2 bonding pairs.



	Standard Level candidates only need to know the shapes for up 4 negative charge centers around the central atom whilst HL candidates need to know the lot.



	For each given molecule or molecular ion you need to be able to use the VSEPR to:

· predict the electron domain geometry or the electron distribution of all electron pairs around the central atom (this involves both bonding and non-bonding pairs). 

· The shape or molecular geometry of the particle = the arrangement of the atoms in the particle; this only concerns the bonding pairs.
· The bond angles. It is important to appreciate the following: bond angles change slightly when bonds are non-equivalent; e.g. bonds of lower bond length repel more than longer bonds;




	When drawing shapes of molecules or molecular ions, you should gave them a 3D aspect i.e. by using wedges to indicate atoms in front of the page and a broken line to indicate an atom which is behind the page as shown below in the 3D shape of methane. 

Exercise
For each of the following particles (molecules or molecular ions):

1. Draw the Lewis structure.

2. Predict the electron domain geometry or the electron pair distribution.  

3. Predict the molecular geometry and the molecular angles.

4. Draw a 3D diagram of the shape.
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a)  NF3              b)   ClO3-        c) HOCl            d)  SO32-  (expanded valence of 10)           e)  Cl2O       f)   BF4-       

g)  NO2          h) PO43-  (expanded valence of 12)     i)  I3-  (expanded valence of 10)     j)   NO         k)  AlCl3
Structures of allotropes of carbon: giant covalent structures. 
Allotropes  = are different physical forms of the same element as a result of for instance differences in bonding which is the case with carbon.

The 4 allotropes of carbon are diamond, graphite, fullerenes and graphene. For each allotrope its properties and explanations for them need to be well known.

Diamond

	Properties
	Structure

	Hard
	Giant structure (network/macromolecular) = a 3-dimensional lattice, tetrahedral,  which consists of millions of atoms only which are all held together by strong covalent bonds only; all bond angles are 109 (. HL: sp3 hybridization.

	Very high melting and boiling point
	Strong covalent bonds and each carbon has made 4 of them.


Graphite: 
	Properties
	Structure

	Soft and slippery
	Layer structure:  carbon atoms are arranged in flat layers in which they are held together strongly by covalent bonds; between the layers there are weak London dispersion forces. Layers easily break away from each other. Bond angles between carbon atoms are 120(  (planar). The actual bond between the carbon atoms within the same layer has a length between a single carbon bond and a double carbon bond.

	Very high melting and boiling point
	Strong covalent bonds within the layers. HL sp2 hybridization.

	Conducts electricity
	As each carbon has only bonded covalently with 3 other atoms, each carbon atom has 1 valence electron spare.  These valence electrons become delocalised.  The actual bond between the carbon atoms within the same layer has a length between a single carbon bond and a double carbon bond. 


Fullerenes:  a variety of fullerenes are known in which carbon atoms are joined together in large molecules shaped like balls. We only need to know the C60 molecule.  This consists of 60 carbon atoms arranged in both hexagons (20) and pentagons (12) to give a sphere. 

	Properties
	Structure

	Sublimes at a few hundred degrees
	· Consists of molecules:  within each C60 molecule each carbon has bonded with 3 other atoms; HL: sp2 hybridization.

· Bond angles between carbon atoms are between 109( - 120( . 

· Weak London dispersion forces between each C60 molecule;

· Highest possible symmetry

	Used as a lubricant/soft + slippery
	Weak London dispersion forces allow C60 molecules to move over each other; less soft than graphite as round molecules slip less easily over each other. 

	Soluble in non-polar solvents e.g. benzene and hexane
	Molecular structure; non-polar molecule.

	Conducts (but less than graphite) 
	Just like in graphite, the unhybridised p orbitals overlap and form a ( electron cloud above and below the carbon atoms; these ( electrons are delocalised.  However, there is less delocalisation in the C60 as in graphite (some of the delocalisation is inside the C60 molecule) 


Graphene

	Properties
	Structure

	Very strong and very flexible.
	Layer structure of just one carbon atom thick. Carbon atoms are arranged in flat layers in which they are held together strongly by covalent bonds. Bond angles between carbon atoms are 120(  (planar) and arranged in hexagons. 

	Very high melting and boiling point
	Strong covalent bonds within the layers. HL sp2 hybridization.

	Conducts electricity
	As each carbon has only bonded covalently with 3 other atoms, each carbon atom has 1 valence electron spare.  These valence electrons become delocalized and move across the layer. Better conductivity than graphite as electrons remain within same layer.


Structure of silicon dioxide: giant covalent
Both silicon and silicon dioxide have a three-dimensional giant (covalent) structure; the same structure as diamond. Atoms of silicon and silicon and oxygen in silicon dioxide form a very large molecule that is held together by strong covalent bonds.  

In silicon, the silicon atoms forms 4 equivalent covalent bonds (same bond length) with other silicon atoms which are arranged tetrahedrally to form a giant tetrahedral structure.  As a result silicon has a very high melting point ((1414 (C) and boiling point (3265 (C), is hard, is insoluble in water and organic solvents. 
Silicon is a semi-conductor as some delocalization of electrons occurs.  

	Structure of silicon dioxide (from http://www.chemguide.co.uk/atoms/structures/giantcov.html) 
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	In silicon dioxide, each silicon makes equal strong covalent bonds to 4 oxygen atoms, tetrahedrally distributed.  Each silicon atom is connected to its silicon neighbour by an oxygen atom 

Each oxygen atom makes equal bonds to 2 silicon atoms.  Therefore within a silicon dioxide molecule the ratio of silicon : oxygen is 2 : 4 or 1 : 2 which is why it is called silicon dioxide which is a formula unit. The structure is held together by strong covalent bonds so melting point 
(1650 (C) and boiling point (2230 (C) are high, it is hard, is insoluble in water and organic solvents and does not conduct electricity. 


4. 4. intermolecular forces 
E.I.: The physical properties of molecular substances result from different types of forces between their molecules.

Nature of science: 2.2. Obtain evidence for scientific theories by making and testing predictions based on them—London (dispersion) forces and hydrogen bonding can be used to explain special interactions. For example, molecular covalent compounds can exist in the liquid and solid states. To explain this, there must be attractive forces between their particles that are significantly greater than those that could be attributed to gravity. 

	Understandings

· 4.4 U1 Intermolecular forces include London (dispersion) forces, dipole-dipole forces and hydrogen bonding.

· 4.4 U2 The relative strengths of these interactions are London (dispersion) forces < dipole-dipole forces < hydrogen bonds.

	Applications and skills

· 4.4 AS1 Deduction of the types of intermolecular force present in substances, based on their structure and chemical formula.
· 4.4 AS2 Explanation of the physical properties of covalent compounds (volatility, electrical conductivity and solubility) in terms of their structure and intermolecular forces.


Non-polar bonds
Bonding pairs of electrons are attracted equally between both atoms – the electron distribution within the covalent bond is symmetrical – because:

· Same atomic radius: distance between electrons and both nuclei is the same – equal pull.
· Nuclear charge is the same.

The shared electron pair is at equal distance away from both nuclei.

Polar bonds 
Bond polarity occurs when atoms with different radii and different nuclear charge share electrons which are attracted unequally by both atoms.  In the diagram below the bromine atom attracts the bonding pair more strongly than the hydrogen atom – bromine has a much higher electronegativity.

As a result of this unequal pull, one atom gets a slight negative charge because it has a greater share of the bonding electrons. The other atom becomes slightly positive as it has lost some of its share.  When there is separation of charge in a covalent bond we say the bond is a dipole or has a dipole moment. This separation of charge is indicated by the following symbols δ+ (end of the bond which lost its share of the electrons) and δ- (end of the bond which has a greater share) as shown in the water molecule below. 
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	Polar bonds are covalent bonds with an ionic character (as electrons are slightly transferred). Molecules with polar bonds (who are not symmetrical) are referred to as dipoles and have a positive and negative end.




How can we determine the polarity of covalent bonds? use electronegativity.

To decide the polarity of a covalent bond or the effect of factors such as atomic radius and nuclear charge, the electronegativity of the bonded atoms needs to be considered. 

In polar bonds, the most electronegative atom attracts the electron pair the most. The larger the difference in electronegativity, the larger the polarity and the greater the ionic character of the substance which brings us to the following.

It is important to realise that every chemical bond has both some ionic (e.g. polar) and covalent character. The degree of ionic character in any bond, including covalent bonds, depends on the difference in electronegativity between the two bonded atoms. 

	The table below shows examples of the ionic character of bonds involving hydrogen.

Notice that the H-F bond has an overall ionic character because of the great difference in electronegativity i.e. 1.9.   Difference in electronegativity affects the nature of the bond but not the strength of an ionic or covalent bond.
	      type of bond

% ionic character

H – C

4

H – N

19

H – O

39

H – F

60

H – Cl

19

H – Br

11

H - I

4




Predictions from electronegativity values:

	electronegativity values
	prediction
	examples

	identical
	non-polar covalent bond

(electrons shared equally between two atoms)
	Cl2 ,H2 ,O2



	slightly different
	polar covalent bond
(electrons shared unequally)
	HCl, NO, BCl3

	very different
	ionic bond formed
(electron lost by one atom and gained by another)
	       RbF, NaCl, MgO


The spectrum of bonds is shown by the diagram below.

(from http://www.bbc.co.uk/scotland/learning/bitesize/higher/chemistry/energy/bsp_rev1.shtml on 15/10/09)
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Also have a look at this one: http://www.hull.ac.uk/chemistry/electroneg.php
Polar molecules and polar molecular ions
Having polar bonds in a molecule or molecular ion does not mean that the entire molecule is polar or has a dipole moment.  The other factor that needs to be considered is the shape of the molecule or molecular ion.

Polarity in molecular ions refers to the distribution of charge in the ion; in a polar molecular ion charge is spread out unequally.

Example

In a CCl4 molecule all 4 bonds are polar; each chlorine atom has a slight negative charge while the central carbon atom is slightly positive. The CCl4 molecule has a tetrahedral shape which is a perfectly symmetrical shape as the Cl atoms are distributed symmetrically around the carbon atom. 

Because the Cl atoms are distributed tetrahedrally around the carbon atom, the centre of the negative charge of all chlorine atoms is midway between all the chlorine atoms i.e. where the carbon atom is; this cancels out the positive charge on the carbon atom. The centre of the negative charge coincides with centre of positive charge. The electron shift is balanced out and there is no charge separation.

In summary:

	A molecule or molecular ion is polar (polarization of the charge occurs in the molecule)   IF……

· it contains at least one polar bond which depends on the electronegativity of its    

      constituent atoms.

· AND it does not have a symmetrical shape so that the centre of negative charge and the centre of positive in the molecule are not superimposed  -  the bond polarities do not cancel each other out -  the dipole moments of the individual bonds do not cancel each other out and therefore there is a net dipole moment in the molecule.
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	Study the molecules to the left which all have polar bonds but...

· H2O and CH3Cl are polar as they have asymmetrical shapes

· CO2 and CCl4 are not polar as they have perfectly symmetrical shapes

Perfect symmetrical shapes are linear, trigonal planar, tetrahedral, trigonal bipyramidal, square planar and octahedral but only if all terminal atoms are the same!! Or at least have the same electronegativity.
Polar molecules have partial ionic character as they line up in a particular order in an electric field (deflection near a charge rod!!)


(from http://www.webchem.net/notes/chemical_bonding/polarmolecules.htm on 15/10/09)

A polar molecule (or molecular ion) is a molecule or molecular ion in which the electric charge is distributed unequally across the molecule because it has polar bonds that do not cancel out.

More examples of polarity in molecules.

	The extent of polarization of a molecule is indicated by a quantity referred to as the dipole moment of the molecule. 

The dipole moment or net dipole moment of the molecule is the sum of the dipole moments of each polar bond in the molecule. 

In symmetrical molecules such as BF3, shown on the right, the dipole moments of the bonds cancel each other out and the molecule is non-polar.  There is no arrow showing a net dipole moment in the molecule.
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	In an asymmetrical molecule, the dipole moments of the individual bonds are not cancelled out and the molecule has a net dipole moment shown by the arrow in the molecule on the right.
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However remember that if there are non-equivalent (=different) polar bonds even in a symmetrical molecule not all dipole moments will be cancelled out and there will be a net-dipole moment e.g. in dichloromethane.   

EQUIVALENT BOND DIPOLES ALWAYS CANCEL OUT.

The dipoles of some atoms and molecules. The unit D is debyes.

	
	Dipole moment (D)
	
	Dipole moment (D)

	He
	0
	Ar
	0

	H2
	0
	N2
	0

	O2
	0
	CH4
	0

	CCl4
	0
	CO2
	0

	HF
	1.91
	HCl
	1.08

	HBr
	0.80
	HI
	0.42

	H2O
	1.85
	NH3
	1.47

	CH3Cl
	1.87
	CH3OH
	1.71


Exercises 

State whether each molecule or molecular ions below is polar or not, giving reasons for your answer.

(a)   HBr         (b)  N2         (c)  ClF3         (d) CCl4      (e)  CH3Br      (f)  SO2        (g)  SF6        (h) NH4+        

 (i)   NO2-       (j) CH2Cl2    (k)  HOCN     (l)  BeF2     (m) KrF4        (n) CF2Cl2      (o) IF5           (p) AsF5  

Intermolecular forces

The polarity or non-polarity of molecules also determines how these molecules are attracted to each other; it determines the type of intermolecular force (= force of attraction between molecules in which atoms are bonded covalently).  Intermolecular forces effect mainly the volatility and solubility of a molecular substance.

The 3 types of intermolecular forces are (the weakest one first):

London (dispersion) forces: intermolecular forces between non-polar molecules and monatomic molecules of the noble gases.

As forces exist between these molecules (and we know this as we can condense and freeze them) this means that there are electrostatic forces between the non-polarized molecules, like Cl2.  

Such molecules can become polarized in two ways; as a result of this polarization electrostatic forces can exist.  

· instantaneously (instantaneous dipole): for instance, all 34 (2 x 17) the electrons in a chlorine molecule are in permanent motion and at a particular instant they may not be evenly distributed over the two atoms making one end of the molecule more negative than the other as it has a greater electron charge density.  The molecule has an instantaneous polarity as a result of an asymmetrical charge cloud; the centre of positive charge and negative charge of the molecule do not coincide.  It is important to realize that these dipoles are not fixed as the electrons are constantly moving.  The dipoles are continually formed and then disappear again. 

The greater the number of electrons in a molecule, the greater the chance of one part having a greater electron density and also the greater the actual electron density difference is; the stronger the London (dispersion) forces;
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(from http://ibchem.com/IB/ibnotes/full/bon_htm/4.3.htm on 15/10/09)

· induced (induced pole): an unpolarised molecule can become polarised if it is near a permanent or    

an instantaneous dipole.

The attraction between the instantaneous and induced dipole is called a London (dispersion) force; these 
forces are weak electrostatic forces and only act over a very short distance. 

	The size of the London (dispersion) forces increases with:

· atomic/molecular mass/molecular size because greater molecules or atoms have more electrons which when they all move towards one side within the molecule or atom create much greater polarity.  Also electrons in larger atoms are further away from the nucleus and are more mobile!!!

     Evidence: melting and boiling point increase with chain length in alkanes. In addition, molecules with 

     greater molecular mass always need more energy (higher melting and boiling point) to increase their  

     motion. In addition, molecules with greater mass always need more energy to increase their motion.
· surface area: in molecules with greater surface area there is also more contact area for inducement of temporary dipoles in neighbouring molecule.


Dipole - dipole attraction (between polar molecules)

Attraction between permanent dipoles (molecules with dipole moments – polar molecules) e.g. between hydrogen chloride molecules as shown below.  


[image: image16.png]o+ o + o—
H—ClI- - - - -H—Cl




(from http://en.wikipedia.org/wiki/Intermolecular_force on 15/10/09)

	HIGHER 

It is important to appreciate that more than 1 type of intermolecular force can act between 2 molecules at the same time e.g. both dipole-dipole attraction and London (dispersion) forces exist between polar molecules of H2S.  Dipole-dipole attraction can also exist between non-polar molecules like carbon dioxide molecules as there is a dipole-dipole attraction between the positive carbon in 1 molecule and the negative oxygen of another molecule.


Hydrogen bonding (special case of dipole-dipole) (=strong dipole-dipole)

Hydrogen bonding = strong attraction between highly positive hydrogen atoms (part of a large dipole or polar bond) and the lone pair of a highly electronegative atom (usually N, O or F) of another molecule (=intermolecular hydrogen bonds) or of the same molecule (=intramolecular hydrogen bonds as in proteins).

	So for hydrogen bonding to occur the following is needed:

A very polar bond involving a hydrogen making the hydrogen very positive; such a very polar bond is created when hydrogen is bonded onto a small and very electronegative element like OXYGEN, NITROGEN and FLUORINE (NOF); the nucleus of the hydrogen is exposed as the bonding electron pair is too far away and does not shield the nucleus; this allows the hydrogen nucleus to attract a lone pair from another OXYGEN, NITROGEN or FLUORINE atom either in the same (intra) or another molecule (inter).


You must appreciate that the hydrogen bond acts in addition to other intermolecular forces like dipole-dipole and London (dispersion) forces.

A hydrogen bond can be represented by:

	E1(-  -------- H(+   ))))))))   : E2          (electronegative atom from another molecule)


--------- = polar covalent bond

 E1 = electronegative element in same molecule as H.

Examples:  (on diagrams showing hydrogen bonds show clearly the slight positive and negative charges and the lone pairs as shown in IBO mark scheme)

	Hydrogen bonding between ammonia molecules
	Hydrogen bonding between water molecules
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(from http://en.wikipedia.org/wiki/Intermolecular_force on 15/10/09)

To count the number of hydrogen bonds each molecule of a substance can make on average it is important to appreciate that 1 hydrogen bond counts as 1 hydrogen and 1 lone pair, so each:

· water molecule can make 2 hydrogen bonds 

· HF can only make 1 hydrogen bond per molecule so can NH3 – in the case of NH3 there are not enough lone pairs to satisfy all hydrogen atoms in the substance; 

The strength of a hydrogen bond depends on the polarity of the hydrogen atom which depends on the electronegativity of the other element i.e. N, O or F.

This explains why the strongest hydrogen bonds are found between hydrogen and fluorine.  Hydrogen bonds, although they are still weak as compared to ionic or covalent bonds, are stronger than the other types of intermolecular forces!   For example, a typical value for a hydrogen bond is 30 kJ per mole, London (dispersion) = 3kJ per mole; covalent is 300 kJ per mole)

Evidence for hydrogen bonds between molecules

See graph of boiling points of hydrides of periods 5, 6 and 7.  Trends and explanations:

· Overall, boiling points increase going down the group (e.g. from PH3 to AsH3 to SbH3) because of increased relative molecular mass or increase in number of electrons going down the group.  Although the molecules are polar and therefore there is dipole-dipole attraction between them we cannot use this as an explanation as the polarity of the bonds increase as you go up the group. The reason for the trend needs to explained using London (dispersion) forces which increase as you go down because of the greater Mr and number of electrons.

· NH3, H2O and HF go against this trend because of the hydrogen bonding between their molecules

More evidence
	Higher melting and boiling points and higher solubility in water of alcohols than of corresponding (in mass) ethers, alkanes or alkenes (however, effect of hydrogen bonds becomes less as molecules get larger)

boiling points:   C2H5OH ( 78.5 (C)                    CH3OCH3  (-24.8 (C)    

                         CH3CH2CH3  (-44.5 (C)             CH3CHO (20.8 (C


	Higher melting and boiling points and solubility in water of organic acids than corresponding alkanes.



	Unusual properties of water:  High surface tension, relative high melting and boiling points, great specific heat capacity and a lower density of ice than water.

	High solubility of ammonia in water (89.9 g/100 ml at 0 (C) as hydrogen bonds are formed between ammonia molecules and water molecules.



	Hydrogen bonds also form the strong forces between natural polymer molecules such as proteins, and cellulose molecules but also between the bases in DNA molecules.   



	Ethanoic acid forms dimers easily especially in non-polar solvents; hydrogen bonds are formed between both ethanoic acid molecules within the dimer; when added to water ethanoic acid molecules form hydrogen bonds with water molecules.



	Hydrogen bonds can also occur within long molecules e.g. proteins and DNA (intra-hydrogen bonds or intramolecular forces).


Why is there no hydrogen bond between H and Cl?

The hydrogen atom in a hydrogen bond is in effect bonded to two atoms, more weakly to one than the other. It is bonded covalently to an atom within its own molecule and, through the hydrogen bond, to an atom in a neighboring molecule. The strength of the hydrogen bond increases with the degree of 

electronegativity of the atom bonded to the hydrogen. The strength decreases with an increase in the size of the bonded atom. For example, nitrogen and chlorine atoms have nearly the same electronegativities. However, the hydrogen bond between hydrogen in one molecule and nitrogen in an adjacent one is much stronger than the bond between hydrogen and an adjacent chlorine atom. 

This is because nitrogen atoms are much smaller than chlorine atoms. The negative charge of the electrons in the lone pair (main energy level 2) in a nitrogen atom is concentrated into a smaller volume, and it therefore exerts a greater attraction for the proton of the hydrogen atom in a neighboring molecule. In fact, the bond between the hydrogen atom and an adjacent chlorine atom (lone pairs in main energy level 3 i.e. more dispersed) is not considered to be a hydrogen bond because it does not have a sufficiently great force of attraction. In any molecule where a hydrogen atom is bonded to one of the small, highly electronegative atoms F, O, or N, hydrogen bonding is likely to occur.
Physical properties of covalent compounds
· Covalent compounds have a molecular structure. Molecular structures are volatile (evaporate easily/low boiling point): molecules are held together by weak intermolecular forces so little energy is needed to change state (forces holding atoms together within molecule are strong covalent bonds - not easy to break up the molecule); 
· Strength of intermolecular forces depends on:

	atomic or molecular mass/size of atom or molecule
	Larger atoms and molecules need more energy to increase their movement (inertia) to change state. In the case of London forces, larger atoms or molecules have more electrons which can move and cause instantaneous polarity; they are also more easily distorted as their electrons are further away from the nucleus; evidence: increase in melting and boiling points as you go down group 7. 
This is the most important factor as it cancels the effect of greater polarity in dipole-dipole attractions. For example, chloromethane has a lower boiling point than bromomethane because it has a lower molecular mass although there is greater polarity in the molecule (greater net dipole moment).

	polarity of molecule

	The greater the polarity, the stronger the intermolecular force.

	complexity/shape of molecule: (e.g. in hydrocarbons)


	Straight chained molecules have higher boiling point than branched ones because they have a higher number of places along the molecular chain along which attraction can occur (remember that intermolecular forces only act over a short distance); branched chains provide fewer sites of attraction as the number of points at which two molecules can come close are limited.
However, straight chained molecules have lower melting points as they tend to slide more easily alongside each other (like spaghetti);


· Molecular structures are electrical insulators as the lattice does not contain mobile electrons or ions;
· Solubility of molecular structures:

	non-polar molecules
	                                polar molecules

	· Insoluble in polar solvents such as water
· Soluble in other non-polar solvents
	· soluble in other polar solvents (e.g. water, ethanol). The attraction between the polar solvent molecules and the polar molecules of the solute are greater than the attraction between the polar solute molecules 
· insoluble in non-polar solvents. Attraction between non-polar solvent molecules and polar molecules are too weak to dislodge any polar molecules from the solid.


· Any polar molecule that can make hydrogen bonds will have the highest melting and boiling points 

     and solubility compared to non-polar or other polar molecules of similar molecular mass.
4. 5.  Metallic bonding

E.I.: Metallic bonds involve a lattice of cations with delocalized electrons.
Nature of science: 2.2 Use theories to explain natural phenomena—the properties of metals are different from covalent and ionic substances and this is due to the formation of non-directional bonds with a “sea” of delocalized electrons. 
	Understandings

· 4.5 U1 A metallic bond is the electrostatic attraction between a lattice of positive ions and delocalized electrons.
· 4.5 U2 The strength of a metallic bond depends on the charge of the ions and the radius of the metal ion.
· 4.5 U3 Alloys usually contain more than one metal and have enhanced properties.

	Applications and skills

· 4.5 AS1 Explanation of electrical conductivity and malleability in metals. 
· 4.5 AS2 Explanation of trends in melting points of metals. 
· 4.5 AS3 Explanation of the properties of alloys in terms of non-directional bonding.


Metallic bonding occurs between atoms which all have low electronegativities.  In such a metallic lattice the valence electrons are shared between all atoms so that no electron belongs to any particular atom.  These electrons are free to move throughout the lattice.  As the atoms have lost their valence electrons they are now really positive ions.  

A metallic structure or lattice is a lattice of positive metal ions surrounded by delocalized electrons.

The metallic bond exists as a result of the attraction between the lattice of positive ions and the delocalized electrons; such a metallic bond is also non-directional.

The strength of metallic bonds depends on:

· size of the positive ion: the smaller the ion the greater the attraction between its positive ions and the delocalized electrons; 

	alkali metal
	ionic radius (nm)
	melting point ((C)

	Li
	0.060
	180.0

	Na
	0.095
	97.8

	K
	0.133
	63.7

	Rb
	0.148
	38.9

	Cs
	0.169
	28.7


· charge of positive ion (=  number of valence/delocalized electrons): the greater the charge, the greater the attraction between the positive ions and the delocalized electrons. See table below:
	alkali metal
	ionic charge
	boiling point (K)

	Na
	+1
	1156

	Mg
	+2
	1380

	Al
	+3
	2740


For example, attraction within the aluminium metal lattice is stronger (higher melting and boiling point) than in the sodium metal lattice as each aluminium atom has 3 valence electrons, and therefore 3 delocalized electrons, and as a result, the aluminium ion, Al3+, has a higher positive charge than sodium. 

Not only does the aluminium ion have a larger ionic charge, it is also smaller than the sodium ion and therefore has a higher charge density.  

Transition metals have much higher melting and boiling points as they have more valence electrons because of 3d and 4s sub-shell electrons and therefore have stronger metallic bonds.

Metals have the following properties:

	Property
	Explanation

	Metals are ductile and malleable
	The layers of positive metal ions can slide past each other without breaking the metallic bond; this is the case because there will always be random delocalized electrons between these positive metal ions even if they are moved from their positions.

	Metals conduct electricity and heat well
	Delocalized electrons (they can move through the lattice) carry negative charge throughout the lattice.

	Metallic structures have a high melting and boiling points
	Strong attraction between positive metal ions and delocalized electrons so a lot of energy is needed to overcome attraction/metallic bond and separate the atoms.

The larger the number of delocalized electrons, the higher the positive charge on the metal ions; the stronger the attraction, the higher the melting and boiling point.


Alloys

Alloys are solid mixtures that contain at least 2 metals; some alloys also contain carbon.

Alloys are made to enhance the properties of the component metals. 
As metallic bonds are non-directional they exist between any metal ion and the delocalized electrons in the alloy mixture. Metallic bonding also occurs between cations of different elements in an alloy. 

Alloys are usually stronger as the differently sized metal ions prevent the layers of metal ions from slipping easily over each other.
bonding pair





non-bonding pair





Instantaneous polarity in this atom …





Induces polarity in the atoms next to it





dipole-dipole intermolecular force
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