CHAPTER 4: CHEMICAL BONDING

· Of the more than one hundred elements that occur in nature or that have been produced synthetically, only the noble gases exist naturally as single, uncombined atoms.

· The atoms of all other elements occur in some combined form, bonded together.

CHEMICAL BONDS: electrostatic forces that hold atoms      together in compounds.

CHAPTER 4.1: LEWIS THEORY OF BONDING

· Edward Frankland (1852) stated that each element has a fixed valence that determines its bonding capacity.

· Friedrich Kekule illustrated a bond as a dash between bonding atoms which we now call structural diagrams (fig.1 pg.224)

· The story starts with Richard Abegg (1904), where he suggested that the “stability” of the “inert” (noble) gas was due to the number of outermost electrons.

· Due to gaining or losing electrons, the ions would, in turn, be held together by electrostatic charges, resulting in an ionic bond within a crystal of salt.

      EG.     Na  +    Cl    (  Na+   +    Cl-    (  NaCl 

            Sodium + Chlorine  (   Sodium Chloride

Why do atoms form bonds at all?  

The answer to this question involves energy.  In nature, systems of lower energy tend to be favoured over systems of higher energy.  In other words, lower-energy systems tend to have a greater stability than higher-energy systems.  Bonded atoms, therefore, tend to have lower energy than  single, uncombined atoms.  

USING LEWIS STRUCTURES TO REPRESENT ATOMS IN CHEMICAL BONDING

· Chemical bonding involves the interaction of valence electrons- the electrons that occupy the outermost principal energy level of an atom.

· Read over the key ideas of the Lewis Theory of bonding (page 224)

· Write out the Rules for Drawing Lewis Structures on page 225.

· Drawing a Lewis structure for a molecule lets you see exactly how many electrons are involved in each bond, and helps you to keep track of the number of valence electrons.

· There are two ways to show the bonding pairs of electrons:  (i) use dots only

                      (ii)use lines between  atoms

· Dots are reserved for representing a lone pair (a non-bonding pair) of electrons.

O        C        O      or       O       C       O

                                       (four lone pairs)

· Recall:  Chemists classify substances according to their bonds and the forces of attraction that exist between their particles.

· Read pages 226-227: Lewis Structures and Quantum Mechanics

· Do the following questions page 227 # 1 – 5, 6, 8

TYPES OF CHEMICAL BONDS

(i) IONIC BOND
(ii) COVALENT BOND
(iii) METALLIC BOND

IONIC BOND:

· The transfer of electrons between a metal to a non-metal.
· The force of attraction between oppositely charged ions (cations and anions).
· Ionic bonding occurs between atoms of elements that have large differences in electronegativity- usually a metal with a very low electronegativity and a non-metal with a very high electronegativity.  
· Direct heating of the crystal salts cannot separate the units of ionic compounds such as sodium chloride and magnesium fluoride easily.
· The ions that make up the ionic solid are arranged in a specific array of repeating units.
· In solid sodium chloride, for example, the ions are arranged in a rigid lattice structure.
· In such systems, the cations and anions are arranged so that the system has the minimum possible energy.
· Because of the large differences in electronegativity, the atoms in an ionic compound usually come from the s block metals and the p block non-metals.
Questions:  Illustrate (using orbital diagrams and Lewis               structures) the formation of Magnesium fluoride.

 Solution:    

    An orbital diagram for MgF2
F                                                        F- 

Mg                                                     Mg2+

F                                                       F-

A Lewis Structure For MgF2

                        F

Mg       +                      (    [  F  ]   [ Mg ]  [  F  ]

                            F

    Questions:

Draw orbital diagrams and Lewis structures to show how the following pairs of elements can combine.  In each case, write the chemical formula for the product.

(a)  Li and S                                       (b) Ca and Cl

(c)  Al and O                                      (d) Na and N

To which main group on the periodic table does X belong?

(a) MgX             (b) X2SO4            (c)  X2O3         (d)    XCO3 

PROPERTIES OF IONIC SOLIDS:

· Crystalline with smooth, shiny, surfaces

· Hard but brittle

· Non-conductors of electricity and heat

· High melting points

· Many are soluble in water (Magnesium fluoride is an exception)

LATTICE ENERGY AND IONIC BONDING:

· The amount of energy given off when an ionic crystal forms from the gaseous ions of its elements is called lattice energy.

· What is the relationship between lattice energy and the formation of an ionic bond?

· Recall: In general, the lower the total energy of a system is, the higher is its stability.  Any process that requires the addition of energy usually decreases the stability of the ionic arrangement.  Any process that gives off energy usually increases that stability.  

· Therefore, a large amount of energy is required to break the bonds that hold the ions together in their rigid lattice structure.  

· The transfer of electrons between gaseous ions always require energy.

· In fact, it is the lattice energy given off that favours the formation of ionic bonds. 

· The compound with the largest lattice energy has the highest melting point- it requires the most energy to disrupt the lattice structure.

COVALENT BOND:
· Covalent bonding involves a balance between the forces of attraction and repulsion that act between the nuclei and electrons of two or more atoms.
Figure: Covalent bonding 

· There is an optimum separation between two atoms at which their nucleus-electron attractions, nucleus-nucleus repulsions, and electron-electron repulsions achieve this balance.
· This optimum separation favours a minimum energy for the system, and constitutes the covalent bond between two atoms.
· This bond involves the sharing of electrons.
· The quantum mechanical model can also be used to explain covalent bonding.  A covalent bond involves the formation of a new orbital, caused by the overlapping of atomic orbitals.  The new orbital has energy levels that are lower than those of the original atomic orbitals.  Since electrons tend to occupy the lowest available energy level, the new orbitals provide a more energetically favourable configuration than the two atoms had before they interacted.
·  Electron-sharing enables each atom in a covalent bond to acquire a noble gas configuration (isoelectronic).

Single Covalent Bond: single bonding pair of electrons.

              F          F             or            F     F
Double Covalent Bond: bonding of two shared pairs of electrons.

         O      C     O        or          O       C       O
Triple Covalent Bond: bonded with three shared pairs of electrons.

            N      N              or            N      N  
BOND ENERGY: the energy required to break the force of attraction between two atoms in a bond and to separate them.  Thus, bond energy is a measure of the strength of a bond.  

· You might predict that the bond energy would increase if more electrons were shared between two atoms because there would be an increase in charge density between the nuclei of the bonded atoms.

· You might predict that double bonds are stronger than single bonds, and that triple bonds are stronger than double bonds.

Table: Average Bond Energies

(Between Carbon Atoms and Between Nitrogen Atoms)

	Bond
	Bond Energy (kJ/mol)
	Bond
	Bond Energy (kJ/mol)

	C-C
	347
	N-N
	160

	C=C
	607
	N=N
	418

	C=C
	839
	N=N
	945


PROPERTIES OF COVALENT (MOLECULAR) COMPOUNDS:

· Exist as soft solid, a liquid, of a gas at room temperature.

· Have low melting points and boiling points.

· Are poor conductors of electricity, even in solution. 

· May not be soluble in water (acetone, however, is one of many exceptions).

EXTENDING THE LEWIS THEORY OF BONDING:

· Many simple molecules were explained by the original, main ideas of the Lewis theory of bonding.  However, some molecules and, in particular, polyatomic ions, could not easily be explained.
· One of the first scientists to extend the Lewis theory was Nevil Sidgwick who showed that the Lewis structures of many other molecules could work if we do not require that each atom contribute one electron to a shared pair in a covalent bond.
· In other words, one atom could contribute both electrons that are shared.  He also recognized that an octet of electrons around an atom may be desirable, but is not necessary in all molecules and polyatomic ions.  
READ OVER SAMPLE PROBLEM: Page 228-229

Do Practise Problems: Page 229

                     # 10, 11, 12

Read over Summary: Creating Chemical Bond Theory

                                 Page 230

Do Questions: Page 230

                      # 1, 2, 3, 4, 5 (a), (b)

LEWIS STRUCTURES FOR MOLECULES AND 

POLYATOMIC IONS
Steps to follow for drawing polyatomic ions:

1. Position the least electronegative atom in the center of the molecule or polyatomic ion.  Write the other atoms around this central atom, with each atom bonded to the central atom by a single bond.  Always place a hydrogen atom or a fluorine atom at an end position in the structure.

2. Determine the total number of valence electrons in the molecule or ion. For polyatomic ions, pay close attention to the charge.  For example, if you are drawing a polyatomic anion such as CO32-, add two electrons to the total number of valence electrons calculated for the structure CO3.  For a polyatomic cation such as NH4+, subtract one electron from the total number of valence electrons calculated for the structure NH4.

3. Once you have the total number of valence electrons, determine the total number of electrons needed for each atom to achieve a noble gas electron configuration.  

4. Subtract the first total (number of valence electrons) from the second total (number of electrons needed to satisfy the octet rule) to get the number of shared electrons.  Then divide this number by 2 to give the number of bonds.  Double or triple bonds may be needed to account for this number of bonds.  Double bonds may account as two bonds.  Triple bonds count as three bonds.

5. Subtract the number of shared electrons from the number of valence electrons to get the number of non-bonding electrons.  Add these electrons as lone pairs to the atoms surrounding the central atom so that you achieve a noble gas electron configuration for each atom.  

PRACTICE PROBLEM:

Draw the Lewis structure for formaldehyde (methanal), CH2O.

SOLUTION:

The molecular formula, CH2O, tells you the number of each kind of atom in the molecule.  Following steps from above:

(1) Since H is always placed at the end position and C is less electronegative than O, C should be the central atom.  Place the other atoms around C, attached by the single bonds.

(2) Determine the total number of valence atoms: 

       (1 C atom  X  4 e/C atom)  +  (1 O atom  X  6 e/O atom)  + 

       (2 H atoms  X  1 e/H atom)  

     = 4 e  +   6 e  +  2 e

     = 12 e

Then, determine the total number of electrons required for each atom in the structure to achieve a noble gas configuration.  This would be 8 e for C and 8 e for O (to fill their respective valence energy levels) and 2 e for each H (to fill its 1 s orbital).  So the total number for CH2O is:

(2 atoms  X  8 e/atom)  +  (2 atoms  X  2 e/atom)

=  20 e

To find the number of shared electrons, subtract the first total from the second.

20 e  -  12 e  = 8 e

Now divide the number of shared electrons by the two to obtain the number of bonds.

20 e  -  12 e  = 8 e  (  2  = 4 covalent bonds

Since there are only three atoms surrounding the central atom, you can infer that one of the bonds is likely a double bond.

(3) Determine the number of non-bonding electrons by subtracting the number of shared electrons from the total number of valence electrons.

12 valence electrons  -  8 shared electrons

= 4 non-bonding valence electrons (that is, 2 lone pairs)

Since H can only form a single bond, a possible structure is:

Check your solution:

Each atom has achieved a noble gas configuration.  Thus, you can be confident that this is a reasonable Lewis structure.

CO-ORDINATE COVALENT BONDS:
You know that a covalent bond involves the sharing of a pair of electrons between two atoms; each atom contributes one electron to the shared pair.  In some cases, such as the hydronium ion, H30+, one atom contributes both of the electrons to the shared pair.  The bond in these cases is called a co-ordinate covalent bond.  In terms of the quantum mechanical model, a co-ordinate covalent bond forms when a filled atomic orbital overlaps with an empty atomic orbital.  Once a co-ordinate covalent bond is formed, it behaves in the same way as any other single covalent bond.

PRACTICE PROBLEM:

Draw the Lewis structure for the ammonium ion, NH4+.  

SOLUTION:

The formula, NH4+, tells you the number of each kind of atom in the ion.

Since H is always placed at the end position, N is the central atom.

Total number of valence electrons:

(1 N atom  X  5 e/N atom)  +  (4 H atoms  X  1 e/H atom)  - 1 e

= 8 e

Total number of electrons required for noble gas configuration:

(1 atom  X  8 e/atom)  +  (4 atoms  X  2 e/atom)

=  16 e

Number of shared electrons, and the resulting number of bonds:

16 e – 8 e = 8 e

8 e  (  2  =  4 covalent bonds

Number of non-bonding electrons:

8 valence electrons  -  8 shared electrons

= 0 non-bonding electrons (0 lone pairs)

A possible structure for NH4+ is :

Note: The Lewis structure for ammonium does not indicate which atom provides each shared pair of electrons around the central nitrogen atom.  However, the quantum mechanical model of the atom can explain the bonding around this nitrogen atom.  The condensed electron configuration for nitrogen is [Ne] 2s22p3.  Each nitrogen atom has only three unpaired 2p electrons in three half-filled orbitals available for bonding.  Since there are four covalent bonds shown around nitrogen in the Lewis structure, electrons in one of the bonds must have come from the filled orbitals of nitrogen.  Therefore, one of the bonds around the central nitrogen atom must be a co-ordinate covalent bond.

RESONANCE STRUCTURES:  MORE THAN ONE POSSIBLE LEWIS STRUCTURE

Lewis structure of CHO2- :

· Experimental data shows C-O bonds are identical (between expected values for double and single bonds)

· Therefore Lewis structure fails

· Use Resonance Structures

Resonance Structures: are models that give the same relative position of atoms as in Lewis structures, but show different places for their bonding and lone pairs.

· The actual structure is a resonance hybrid of the two resonance structures.

· The structure does not flip-flop between these two structures.

Another example:     NO3-
Practice Problem:

1. Draw Lewis structures for each of the following molecules:

(a)  NH3             (b)   CF4         (c)   H2S      (d)   ClNO

2. Draw Lewis structures for each of the following ions (consider resonance structures).

(a)   ClO3-       (b)   SO32-     (c)   CO32-
   3.   Draw a Lewis structure for N2H4.  

CENTRAL ATOMS WITH AN EXPANDED VALENCE LEVEL:

· The octet rule allows a maximum of four bonds (eight electrons) to form around an atom.

· Based upon energies, however, chemists have suggested that the bonding in some molecules (and polyatomic ions) are best explained by a model that shows more than eight electrons in the valence energy level of the central atom.

· This central atom is said to have an expanded valence energy level.
· Elements of the third row (and subsequent rows) are able to put more than 8 electrons in their valence shell.

Why????

· It is believed that they are able to use their unfilled/empty d orbitals.

· Until recently, chemists explained bonding in molecules such as PCl5 using this idea above.

· However, experimental evidence does not support this idea.

· Current thinking suggests that larger atoms can accommodate additional valence electrons because of their size.

One example with an expanded valence energy level is phosphorous pentachloride, PCl5.  This substance is used in agricultural, pharmaceutical, and dyeing industries.  Organic chemists also use reactions with PCl5 to identify compounds that contain hydroxyl groups.  

EXCEPTIONS TO THE RULES!!

· Use Lewis structures to make predictions about molecular shape (discussed later).

· Octet rules not always followed:    eg. Expanded octet

· Elements in the third row of higher have room in valence shell for more than 8 electrons

Eg.  Incomplete octet 

RULES FOR DRAWING ELECTRON DOT DIAGRAMS OF MORE COMPLEX MOLECULES:

1. Identify the central atom- least electronegative is the central atom except hydrogen.

2. Draw electron dot formula.

3. Determine the number of bonds by:     

# bonds  =    total electrons needed     -     # of electrons            available 

                   ____________________________________

                                                2

Eg.     SO42- ,    H2SO4

