Chemistry 11

Unit VII

Problem set 7.2  Lewis diagrams 

Electron dot diagrams were developed by a chemist named Lewis, who also worked with acids and bases.  The diagrams represent the outermost shell of electrons only, because the inner electrons are not involved in bonding.

We have seen that a stable configuration of electrons around an atom has a complete outer shell.  Especially when the “p” subshell is full, a stable configuration results (each of the noble gases have a complete “p” subshell).  

In this problem set, we will be looking primarily at covalent bonds – that is the bonding between two non-metals.  

In most cases, there will be a CENTRAL atom which is bonded to the other atoms (called TERMINAL atoms).  For CO2 for example







O=C=O

carbon is the central atom, and oxygen are the terminal atoms.

Each pair of electrons is represented by a line.  Consider the examples below:

Example 1:  F2  NOTE:  only the outermost 



          electrons are drawn

Fluorine has 7 electrons in its outermost shell.  
F
F

The two single electrons overlap on the shells to 

create a bond 



F    F

Each pair is then represented by 

       bonding pair of electrons

a line, including the bond





F-F 

Example 2:  CO2
Each carbon has 4 electrons in its outer shell, and each oxygen has 6.  They will need to share electrons in order to complete their outer shells.
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they overlap to form bonds:




O   C    O

so, the Lewis diagram looks like (for ease, electron pairs are represented by a line):


O=C=O

In order to determine the number of bonds necessary, the following steps are needed:

1.
Number of electrons needed to complete outer shell of all atoms

2.
Number of electrons that the atoms have in their outer (valence) shell.  Include electrons from the charge (if it’s an ion) where necessary.  Each negative charge adds one electron while each positive charge subtracts one electron.
3.
Subtract step 1 – step 2 which is the number of electrons needed to be shared.

4.
Divide by 2 to get the number of bonds needed.

5. 
Complete the octet by adding pairs of electrons.

Example 3:  Draw the Lewis structure for SO2.

1.
the S needs 8



8


the 2 O’s need 8 each (2 of them)

16






24

2.
the S has 6



6


the 2 O’s have 6 each


12






18

3.
24-18 is 6 electrons must be involved in bonding

4.
which is 3 bonds.

5.
Once the bonds have been filled in, complete the outer shells of the other elements by adding pairs of electrons.





O  S=O


You can double check that the total number of electrons you have at the end is the same as found in step 2 (9 lines = 18)

Notice, though, that the S has only 5 electrons right next to it (two in the unbonded pair, plus one from each of the three bonds).  Since it started with 6 electrons, it feels a +1 charge.  The oxygen on the left has 7 electrons (3 unbonded pairs and one from the bond).  Since it started with 6 it feels a –1 charge.

In some cases, more than one Lewis diagram can be made.  The following rules should be used to determine the best possibility:

1.
Each element should have a full outer shell.  In some cases this can be violated, but only for elements in the third or fourth period – P, S, Cl, As, Se, Br.  These have “d” electron shells that it can use for bonding or holding electrons.

2.
Two similarly charged atoms should not be next to each other. (A +1 sulphur should not be bonded to a +1 oxygen for example)

3.
The smaller the charge the better.  No charge on the atom is the best.


7.45	Draw the Lewis dot diagrams for the following atoms, compounds, or ions and include the formal charge on each of the atoms.  Central atom in question i) violates the octet rule.





a) HCCl3		b) SiH4			c) CS2		d) CH3OH		e) OCCl2


f) HCN		g) H2NOH		h) N2F4	i) SO42-		j) PO33-








