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Section 2 - Structure and Bonding
Giant and Molecular structures
*
When a substance is heated up until it melts, enough energy must be supplied to break the forces of attraction between the particles. If it melts at a low temperature, the forces of attraction must be weak (since the kinetic energy of the particles is proportional to the temperature in Kelvin).

*
Substances with low melting points are almost always molecular, that is, they consist of small molecules, with weak forces of attraction between the molecules. Examples include H2, N2, H2O, CO2, C2H4, C6H12O6 (glucose). In these the chemical bonds which hold the atoms together within the molecule are strong (they are covalent bonds). When the substance is melted, no covalent bonds are broken: it is only necessary to overcome the weak attractions between the molecules. Generally these melt below 200oC and boil below 500oC; many are liquids or gases at room temperature.

*
In giant structures the forces holding each individual particle to its neighbours are the same as those which hold its neighbours to their neighbours, and so on throughout the whole structure. Usually these forces are strong, and it will be necessary to heat the substance to a high temperature before any of the particles can be broken away from its neighbours (melting points usually above 200oC, boiling points above 500oC). The forces holding giant structures together may be any one of three types:

· metallic bonds (e.g. copper) – these conduct electricity when solid or liquid, with no chemical change.

· ionic bonds (e.g. sodium chloride) – these undergo electrolysis when molten, but don’t conduct in the solid.

· covalent bonds, in “giant molecules” (e.g. diamond; silica –  SiO2) these don’t conduct electricity when solid or when molten.

In metals and ionic structures the particles are packed as tightly as possible.

[Note: some giant substances do have low melting points, because the forces between the particles happen to be weak. For example, mercury and sodium have weak metallic bonds.]
Metals and non-metals
*
Atoms with 1, 2 or 3 electrons in their outer shells are metals (apart from hydrogen, helium and boron). This means groups 1, 2 and 3 (except B), and also all the transition metals.

*
Atoms with 4, 5, 6 or 7 electrons in their outer shells are non-metals (i.e. groups 4, 5, 6 and 7). [This is not always true for the lower members (e.g. Sn and Pb in group 4), but works well for the first four periods.]
*
Atoms with full outer shells are noble gases. Although these are also non-metals, they fall into a special category because they are unreactive. There are three main types of chemical bonding:

· ionic: metal with non-metal – complete transfer of one or more electrons from metal to non-metal, giving charged ions
· covalent: non-metal with non-metal (including non-metallic elements) – sharing an electron pair (one from each atom) to form a covalent bond
· metallic: metal with metal (i.e. alloy, or metallic element) – close-packed lattice of positive ions, with valency electrons delocalised.
IONIC BONDING
*
When atoms combine they usually do so in order to achieve a full outer shell, since this is particularly stable.

*
Metals in groups 1, 2 and 3 can get to a full outer shell most easily by losing all their outer electrons, to leave positive ions – this process is called OXIDATION.

e.g.   
Na  (2.8.1)  (   Na+ (2.8)     +  1e–


Mg  (2.8.2) (  Mg2+ (2.8)    +  2e–
In the case of the magnesium ion, its nucleus has a charge of +12 (from 12 protons), and if it only has 10 electrons left (arranged 2.8) it will have a charge of +2.

Note: an ion is an atom (or group of atoms) which has lost or gained electrons and so has an electric charge.

*
Non-metals in groups 6 and 7 can get to a full outer shell by accepting enough electrons from a metal to make them up to 8, forming negative ions - this process is called REDUCTION.

e.g.
O (2.6)      +  2e–  (   O2–  (2.8)






Cl (2.8.7)  +  e–    (   Cl–  (2.8.8)

When sodium combines with chlorine, an electron is transferred completely from Na to Cl:
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[It is usually acceptable to show outer shells only, in which case Na+ can appear with an empty outer shell.]

If magnesium (2.8.2) combines with chlorine, the magnesium has to lose both its outer shell electrons, even though a chlorine atom can only accept one. Therefore it reacts with two chlorine atoms:


Mg (2.8.2)  +  two Cl (2.8.7)  ( Mg2+ (2.8)  and two Cl– (2.8.8)  i.e. MgCl2
Similarly, when K (2.8.8.1) combines with S (2.8.6), two K atoms each lose one electron, and one S atom gains two electrons, giving 2K+ and S2– ( formula K2S).

With Ca (2.8.8.2) and O (2.6) two electrons are transferred, giving Ca2+ and O2–.

An Ionic Bond is defined as;



the electrostatic attraction between oppositely charged ions.

*
Once the ions are formed, they attract one another. A sodium ion attracts negative chloride ions from all directions. It is possible to fit 6 Cl– ions around each Na+, and six Na+ around each Cl– in a regular lattice which forms a giant structure.
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On the right only two layers are shown: in the second layer the Na+ and Cl–  ions swap positions. 

*
Because of the giant structure, with strong attractions between the charged particles, ionic solids have the following properties:

· hard

· high melting point: NaCl melts at 801oC (too high to melt in the bunsen flame), while MgO melts at 2900oC. The double charge on Mg2+ and O2– means the ions attract much more strongly than Na+ and Cl–, and this is why the melting (and boiling) points are much higher for MgO.

· don’t conduct electricity when solid, but they do conduct when molten or in solution, since the ions become free to move and can undergo electrolysis. Electrolysis is the passage of electricity through a liquid accompanied by a chemical change taking place at the electrodes.

· usually soluble in water. Water is a polar molecule (with one negative end and one positive end) and can cluster around the ions, allowing them to separate, and so overcome the strong attractive forces which hold the lattice together.

COVALENT BONDING
*
When two non-metal atoms combine they both need to gain electrons, and they can do this by sharing two electrons (normally one from each atom) in a covalent bond. An atom needs to form enough covalent bonds to complete its outer shell, and one covalent bond is equivalent to gaining one electron:


e.g.
group 4  C (2.4) 

—  forms four bonds



group 5  N (2.5) 

—  forms three bonds



group 6  O (2.6) 

—  forms two bonds



group 7  Cl (2.8.7)

—  forms one bond

and

H (1)


—  forms one bond

*
We can draw diagrams of covalent compounds between non-metal atoms by showing how the outer shells overlap, and using a dot or cross to show the electrons from the different atoms. Here it is best to show the outer shell electrons just inside the ring, so that when the rings intersect it is clear that the overlapping section belongs to both rings.

*
You need to be able to draw “dot-cross” bonding diagrams for H2, Cl2, NH3 (ammonia), 

CH4 (methane), H2O and O2. 
In the diagrams below, notice that H atoms always have two electrons in their circles, while all the others have eight. Outer shells only are shown; a dot is used for electrons from one atom, and a cross for the other (ideally there should be a key to show which is which, as for methane below).












Difficult Examples

*
You also need to be able to do bonds involving S (2 bonds), Br (1 bond) and I (1 bond), along with the atoms already considered (H, C, O, Cl). It is best to use the number of bonds formed to work out the formula first, and then draw the dot cross diagram:


CO2  i.e. O=C=O
Cl–S–Cl


NBr3
H–C(N

*
In carbon dioxide, carbon (2.4) needs to form four bonds, and oxygen (2.6) needs to form two, so two double-bonds result (O=C=O); while H–C(N has a triple bond:




*
The covalent bond is strong, but it binds two specific atoms together (unlike the ionic attractions, which occur in all directions). The bond arises because of the attraction of the positive nuclei for the concentration of electrons between the atoms. Most covalent compounds (and all those considered so far) form small clusters of atoms called molecules: indeed, a molecule can be defined as a group of atoms held together by covalent bonds.

A covalent bond is defined as;

the attraction between the bonding pair of electrons and the nuclei of the atoms involved in the covalent bond.
Shapes of Simple Molecular Molecules
*
Electron pairs around a central atom arrange themselves in three dimensions to minimise the repulsions between them. In other words, the electron pairs get as far apart as possible in space.
*
When this principle is applied to we find that;

· CH4 is a regular tetrahedron; 

· CO2 is linear.
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Simple Molecular Structures

*
A molecular structure consists of small molecules, with weak forces of attraction (intermolecular forces NOT bonds) between molecules. When a molecular substance is melted or boiled, it is only necessary to provide a small amount of energy to overcome these weak attractions, so they have low melting points (below 200oC) and boiling points. Even when they boil, the covalent bonds do not break – water does not turn into hydrogen and oxygen when it forms steam. 

*
Molecular substances at room temperature are gases, liquids, or low-melting solids. 

They usually share the following properties:

· low melting points and boiling points. (melting does not involve breaking the strong covalent bonds, only the weak attraction between molecules)

· don’t conduct electricity in solid, nor when melted, nor in solution

· often dissolve in non-polar solvents, like hexane; usually insoluble in water.

Giant covalent structures
*
If a non-metal atom can form three or four bonds, it is possible for it to form giant structures linked by covalent bonds. There are two forms of carbon which have giant structures. In diamond each atom is covalently bonded to four neighbours, and each of those to three others, and so on throughout the whole crystal. Graphite consists of layers of hexagons (like a honeycomb) with strong covalent bonds holding each C atom to its three neighbours. Both diamond and graphite have very high melting points (above 4000oC) and sublimation points because it is necessary to break the covalent bonds to melt them. 

When elements are found to exist in more than one crystalline form they are referred to as ALLOTROPES. Diamond and Graphite are therefore Allotropes of Carbon
Giant covalent molecules have the following properties:

· hard (diamond is the hardest substance known)

· high melting points (some of the highest known)

· insoluble in all solvents

· don’t conduct electricity in the solid, nor when molten. (Graphite is the exception).
ALLOTROPES of CARBON
CARBON in the form of DIAMOND


CARBON in the form of DIAMOND

· A third Allotrope of carbon was discovered twenty years ago: carbon can form a molecule of formula C60, called Buckminster Fullerene. C60 is spherical. It is not a giant molecule it is simple molecular. 
[image: image2.png]



METALLIC BONDING
*
It is not obvious that metals are crystalline, but if the surface of a metal is polished and “etched” with acid the crystals can be seen. Metal atoms need to lose their outer shell electrons if they are to get to a stable structure. 
*
In metallic bonding they give up these outer electrons to be shared with all their neighbours. The electrons become “delocalised” in a mobile “sea” of electrons which flows between the positive ions. The positive ions themselves pack as tightly as is geometrically possible. 
*
Normally the ions would repel each other strongly, but the electron sea flows between them and provides the “glue”, so that they are all attracted to the electrons and are held together.                                
[image: image3.png]free electrons from outer
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· They conduct electricity because the electrons are free to flow between the ions.

· They are malleable and ductile because the close-packed planes of atoms can slide over each other, but continue to attract each other strongly in their new positions, so that the metallic crystal does not break but distorts instead.

· They have a high tensile strength because the metallic bonds are strong, and they have giant structures. This also gives them high melting points, and makes them hard.
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