Bonding

Chemical Bonding between atoms involves interaction of electrons in the valence shell of the atoms.

Three fundamental types

Metallic

Ionic

Covalent

Bond type depends on attraction for electrons in the atom involved (electronegativity)

· If electrons have very different electronegativities – ionic bonding
· If elements both have quite high electronegativities – covalent

· Both have low electronegativities – form a metallic bond
Types of bonds give rise to distinct physical properties

Metallic Bonding

In a metal all the atoms are all packed together as closely as possible (like marbles in a box).  This type of regular framework is known as a lattice.  

Valence electrons are delocalized amongst (shared by) all the atoms, so that no electron belongs to any particular atom and they are free to move throughout the metal.  

The atoms, having lost electrons, are better described as ions as they are positively charged.  The attraction of these positive ions towards the mobile electrons provides the force that holds the structure together.

The attraction is between the ions and the mobile electrons, not between the ions themselves.  This allows the layers of ions to slide past each other without the need to break the bonds in the metal.  

Hence, metals are malleable and ductile.

As electrons are free to move from one side of the lattice structure to the other, they can also carry an electric current (good conductors of electricity).

Mobile electrons also make them good conductors of heat.

The strength of the bond between the metal atoms depends on how many electrons each atom shares with the other and how far from the positive nucleus the electrons are.  (ionic radius)

Ionic

Between metals and non metals

Metals lose electrons – form + charged ion or cations

# of e- lost = # e‑ in valence level

non metals gain electrons – form – charged ions or anions

# e- gained = # e- to fill valance level

groups of atoms joined by covalent bonds can also have electrical charge and therefore form compounds with ions of the opposite charge by ionic bonding (SO42-)

Anions and cations have opposite electrical charges and are attracted into a crystal lattice in which each anion is surrounded by cations and vice versa (3 dimensional structure)

The whole substance is held together by electrostatic attractions in all 3 dimensions.

Covalent Bond

Occurs between atoms that have high electronegativities, i. e. non-metals

Involves two atoms sharing some of their valence electrons

The attraction of the two nuclei for these shared electrons results in the two atoms being bonded together

Covalent bonds usually form so that the bonded atoms achieve octet configurations.

Lewis symbols: show the number of valence electrons


Single covalent bond

Consists of a shared pair of electrons

Usually each atom involved contributes one electron

Usually fill their valence level so the number of bonds formed equals the number of electrons

Shared pairs of electrons

Lone pairs

In some circumstances one atom can donate both electrons.  In this special case, the bond is known as a dative covalent bond.  (Will return to this idea during solution chemistry)

More than one pair of electrons can be shared between the same atoms, resulting in what is called a multiple covalent bond.  

In a double covalent bond (or double bond), two electron pairs are shared between the same two atoms.  

Double bonds join atoms more tightly than a single bond.

In a triple covalent bond (or triple bond), three electron pairs are shared between the same two atoms.  

Triple  bonds join atoms more tightly than a double bond.

Electronegativity of elements

· Covalent bonding is the sharing of electrons.

· Unless the two atoms sharing the molecules are identical, the sharing will not be equal

· The more electronegative atom will attract the electrons more strongly that the less electronegative atom. 

· This will result in the more electronegative atom having a slight negative charge ((-)

· The less electronegative atoms will be slightly deficient in electrons and thus have a slight positive charge ((+)

This type of covalent bond in which atoms have slight electrical charges are called polar bonds
· The greater the difference in electronegativity of the atoms involved the greater the polarity of the bond.

In many molecules, the polar bonds result in the molecule have a resultant dipole
i.e. there is a positive and negative end to the molecule

Eg.  

· In some molecules, the effects of the polar bonds cancel out because of the symmetry of the molecule.

Eg.

For a molecule to be polar

· It must contain polar bonds

· Its shape must be such that the centre of positive and negative charges are not in the same place

Experimentally it is easy to determine if a liquid is polar by bringing a charged rod close to a stream of liquid running out of a burette.

Shapes of molecules

· The shapes of molecules are determined by the repulsion between the electron pairs in the valence level.

· This is known as the Valence Shell Electron Pair Repulsion Theory (VSEPR Theory)

Resonance Structures

Often two or more equivalent structures can be drawn for a molecule.  These are known as resonance structures.  

Resonance refers to the arrangement of valence electrons in molecules or ions for which more than one Lewis structure can be written.

The actual molecule that exists is often referred to as a resonance hybrid of these structures.

Eg.  CO32-  


O3
Resonance does NOT mean than the molecule flips from one structure to another.  The bonds actually have lengths and strengths intermediate between those of single and double bonds or double and triple bonds.  

Intermolecular Forces

Covalent bonding can result in either a giant structure or in a molecular structure.

In molecules, weak forces exist between the molecules.  

If these forces did not exist there would never be condensing to form liquid and gases.  

Three types of intermolecular forces are, in increasing strength:

1. van der Waals’ Forces

2. Dipole – Dipole Forces

3. Hydrogen Bonding

1. van der Waals’ Forces  (also known as London Forces or dispersion forces)

· act on ALL atoms and ALL molecules, whether polar or non-polar

· are responsible for the condensation, at very low temperatures, of even the monatomic noble gases

· are the result of momentary shifts in the symmetry of the electron cloud of a molecule

· causes a temporary dipole in one molecule that has an inductive effect on neighbouring molecules, the net result being an attractive force

· the strength of van der Waals’ forces is influenced by the size and the geometry of the molecules involved and by the ease of polarization of the electron clouds

forces get stronger as 

· the molecule gets less spherical in shape

· molecular mass increases - increasing number of electrons (among molecules with similar geometry

van der Waals’ forces are the forces of attraction between fluctuating dipoles in atoms and molecules that are very close together.

2. Dipole – Dipole interaction

Molecules with dipole moments attract each other electrostatically (positive end of one molecule attracts the negative end of another molecule.

The dipole-dipole attraction, along with other forces, must be overcome in melting a solid or vapourizing a liquid.

Therefore, dipole-dipole interactions influence the melting point, heat of fusion, boiling point, and heat of vaporization.

3. Hydrogen bonds

When hydrogen atoms are covalently bonded to electronegative atoms that strongly attracts the shared electron pair, the small hydrogen atoms have little electron density around them.  

Hydrogen atoms will carry a partial positive charge and act as a bridge to another electronegative atom.

Hydrogen bond – the attraction of a hydrogen atom covalently bonded to an electronegative atom for a second electronegative atom.

· Strong H bonds will form between F, N or O atoms, which are small and have negative charges highly concentrated in a small volume

· H bonds are the strongest intermolecular forces.

· Water is most greatly affected as it has two H atoms and two non-bonding electron pairs.  Thus, it can form two hydrogen bonds per molecule.  

· This accounts for many of its anomolous properties, such as ice having a density less than that of water, as well as influencing its properties as a solvent.

· H bonding is also of great biological importance.

· Provides the pairing of bases in DNA and the structure of protein molecules.

Steps for writing Lewis structures

1. Write the correct arrangement of the atoms using single bonds.  Where necessary, apply the following guidelines.

a) Smaller, more electronegative non-metal atoms surround larger, less electronegative non-metal atoms.

b) Oxygen, hydrogen, and/or halogen atoms often surround a central metal or non-metal atom in a symmetrical arrangement.

c) Carbon atoms are usually bonded to each other.

d) Oxygen atoms are bonded to each other only in peroxides (or superoxides)

e) In most acids, such as H2SO4, and in many other compounds that contain both oxygen and hydrogen atoms, the hydrogen atoms are all bonded to oxygen atoms.

2. Find the total number of valence electrons.  Add together the number of valence electrons contributed by each atom.  If the species is an ion, subtract one electron for each unit of positive charge or add one electron for each unit of negative charge.

3. Assign two electrons to each covalent bond.
4. Distribute the remaining electrons so that each atom has the appropriate number on nonbonded electrons.  For elements from the second period, other than beryllium and boron, this is the number of electrons needed so that each atom is surrounded by an octet.  For elements of the third period and beyond, except aluminum, this is often the number of electrons needed to complete on octet, although extra electrons can also be placed around atoms if these elements when they are the central atoms in compounds.  Remember that atoms bonded to a central atom usually obey the octet rule.

5. If there are not enough electrons to go around, change some of the single bonds to multiple bonds.  Multiple bonds can be written between carbon, nitrogen, oxygen, sulphur, selenium and phosphorous atoms.  (Note that beryllium, boron, and aluminum do not form multiple bonds.

Steps in using VSEPR to predict geometry

1. Write the Lewis structure of the molecule.

2. Determine the number of bonding pairs and only pairs of electrons around the central atom.

3. Determine the ideal geometry.  Then, if necessary taking into account the presence of lone pairs, predict the actual shape of the molecule

4. Keep in mind that lone pairs occupy large site (equatorial in molecules derived from AB5 molecules) or, when sites are equal, occupy sites opposite rather than next to each other
