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 Lewis structures of relative atoms are presented in the table above.  The Lewis structure is used to indicate the number of electrons that an atom has in its outermost, and as-yet unfilled, valence shell.  If you know how many electrons an atom has in its outer shell you will be able to predict how many electrons it will tend to lose or gain in bonding as it moves to the closest stable (filled valence shell) configuration.  Notice that the table presented does not give lewis structures for the transition metals or for atoms from the Lanthanide and Actinide series of the table.  In atoms of these types the outermost electrons are in D and F orbitals and so consideration of their behavior would require that we adopt a different kind of lewis structure.  We will only consider atom-types that have their shell electrons in S or P orbitals.  With this restriction a stable filled valence configuration is indicated by either, a lewis-structure with 8 electrons around an atom in the case that a non-metal atom has gained enough electrons to fill it’s outer shell and is in the next highest filled-valence configuration, or a lewis-structure with zero electrons around the central atom in the case that a metal atom has lost electrons in its outer shell and is in the next-lowest filled-valence configuration.  Again, metals and Non-metals will behave differently as they react to achieve stable configurations.  Metals will lose electrons to a non-metal forming an ionic bond.  In this case the bonded electron is no-longer considered to exist in the valence shell of the metal atom and is now completely in the valence shell of the non-metal atom.  Two non-metal atoms will create a shared-pair of electrons forming a covalent bond.  In this bond the electrons are thought to exist simultaneously in the valence-shell of both atoms.  Remember that such a “covalent bond” can be “non-polar bond” indicating that the atoms sharing the electrons have equal electro-negativities and so share the electrons equally, or the covalent bond may be a “polar bond” in which case one of the atoms has a higher electro-negativity than the other atom and so pulls the bonded electrons with greater force.  In both cases, equal sharing and unequal sharing, the electrons are still considered to exist simultaneously in the valence shells of both atoms and so are considered twice when counting how many valence electrons each bonded atom has.  We now consider Lewis structures in ionic bonding and covalent bonding separately.
In bonding to non-metals, metals will form an ionic bond wherein they completely lose electrons to a nonmetal.   Electrons are easily removed from the outermost valence shell of a metal by electron-hungry atoms (nonmetals).   Imagine a metal atom, we’ll use calcium, being bombarded by electron-hungry non-metal atoms.  Calcium has 20 electrons, of these two are in the first filled valence shell, 8 are in the second filled valence shell, 8 are in the third filled valence shell and 2 are in the outermost, unfilled fourth valence shell.  The two outer-shell electrons (in the 4S orbital) are removed first by the electron hungry atoms.  After these electrons are removed, the next available electrons are those in the filled third valence shell.  These electrons are particularly difficult to remove for two reasons, first the removal of the two outer-shell electrons left an excess of positive charge in the inner atom and so all electrons in the outer part of the atom are being pulled more tightly toward the calcium nucleus than they were before ionization.  Second, the next electrons available to the electron-hungry atoms are those in calcium’s filled third valence shell and removal of one of these electrons would require the interruption of the stable filled-valence electronic configuration.  The electron-hungry atoms are unable to remove these electrons and so calcium remains in the Ca2+ state.  This state is depicted by a calcium atom in brackets with no electrons surrounding it.  This indicates that calcium has zero electrons in its outer valence.  A picture of the reaction of calcium with electron-hungry chlorine is presented below using Lewis structures.  .
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When two non-metal atoms bond in an attempt to fill their valence shells bonded electrons are shared by both atoms since the two non-metals will tend to have comparatively similar electro-negativities.  This amounts to saying that if one of the atoms is in fact more electronegative than the other, it is not so much stronger that it can completely remove the electron from the other atom.  Covalent bonding can lead to the formation of polar and non-polar bonds.  We will consider two relatively simple cases, the covalent bonding between two chlorine atoms and the covalent bonding between a chlorine atom and a fluorine atom.  In both cases we have atom types that are just one electron away from having a filled valence shell.  This configuration is depicted by the atoms symbol with 7 electrons surrounding it.  In both cases each atom will need to form just one covalent bond in order to “feel” like it has a filled outer valence shell.  When the two chlorine atoms bond together the covalent bond formed will be non-polar since the two atoms pull on bonded electrons with equal strength.  When a chlorine atom bonds with a bromine atom the covalent bond formed will be polar since the fluorine atom pulls more strongly on the bonded electrons than the chlorine atom does.  This unequal pulling results in a net negative charge on the chlorine side of the atom.  Both reactions are depicted below.  You see that after bonding covalently, both nonmetal atoms has eight electrons counted in its lewis structure indicating that both atom types have filled their outer valence shells to achieve the stable configuration.
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1. Carbon combines with Hydrogen to make methane, an unbalanced equation describing that reaction is
C(s) + H2(g)  CH4(g)

Balance this equation and answer the following questions:
a. How many moles of Hydrogen gas are required to react completely with one mole of Carbon?
b. If 3 grams of carbon react with one gram of Hydrogen gas, how many grams of methane gas are produced?
c. How much of any of the reactants (grams and moles) remain after the reaction goes to completion?

2. Carbon atoms and Hydrogen atoms will bond covalently with each other in a way that makes all bonded atoms feel like they have a full valence shell.  For Carbon atoms this necessitates that there are 8 electrons in its valence shell and for Hydrogen atoms this necessitates that there are 2 electrons in its valence shell.  Starting with the Lewis structures given for carbon atoms and hydrogen atoms,
a.  Depict the formation of methane.  Circle the “valence electrons” surrounding each atom in the molecule formed.



b. For the above reaction,
i. Draw out the the electron orbital diagram of each reactant and indicate which orbitals are losing or gaining electrons as the atom forms bonds to attain a stable “filled outer shell” configuration.
ii. Which sublevel in each atom gets “filled” by covalent bonding (e.g. 1st, 2nd, etc.)?  Circle all orbitals in the electron orbital diagram that compose that “filled valence shell.”
iii. Indicate the polarity of ALL bonds in the molecule formed, polar or non-polar. Consult table 11.5.

3. The above lewis structure for methane should indicate that the methane molecule is composed of a central carbon atom that is surrounded by four bonded groups (the hydrogens) projecting from its center.  When a central atom has objects projecting from its center (bonded atoms or lone electron pairs) those objects will move to positions that maximize their separation from each other.
a. Why do bonded atoms and lone electron pairs surrounding a central atom move to positions that maximize their separation from each other? 


b. What overall geometrical arrangement will the Hydrogen atoms surrounding the central Carbon atom arrange themselves in?


c. In the methane molecule we have an example of a central atom with four bonded groups (the hydrogen atoms in this case) that have identical pull on the valence electrons surrounding the central atom from geometrically equivalent positions in space.  There are no lone electron pairs on the central atom.  Does this arrangement result in a molecule that is polar or non-polar?  Explain.

4. Use Lewis structures to depict the formation of H2 from two hydrogen atoms.  Circle the electrons that compose the filled valence shell around each atom in the H2 molecule formed.  Is the H2 molecule polar or non-polar? Explain.

5. Methane generated in the reaction in problem #1 can be reacted with Chlorine gas to form chloroform (CH3Cl) according to the following equation:
CH4 + 3Cl2 CHCl3 + 3HCl
a. If nine moles of Cl2 are reacted with four moles of CH4, how many moles of CH3Cl are produced?

b. From part a, how many moles (if any) of the reactants remain after the reaction goes to completion?

c. How many grams of methane would be needed to completely react with 10 grams of Cl2 gas?

d. How many grams of methane would be needed to completely react with a 2 Liter volume of chlorine gas at STP?  STP =  298.15 K (250C), 1 atm

6. Consider the CH3Cl molecule formed in the reaction in problem #4.  
a. Use Lewis structures to depict the formation of CH3Cl from three hydrogen atoms, one carbon atom and one chlorine atom.  Circle the “valence electrons” surrounding each atom in the molecule formed.


b. For the formation reaction,
i. Draw out the the electron orbital diagram of each reactant and indicate which orbitals are losing or gaining electrons as the atom forms bonds to attain a stable “filled outer shell” configuration.
ii. Which sublevel in each atom gets “filled” by covalent bonding (e.g. 1st, 2nd, etc.)?  Circle all orbitals in the electron orbital diagram that compose that “filled valence shell.”
iii. Indicate the polarity of ALL bonds in the molecule formed, polar or non-polar. Consult table 11.5.


7. The Chloroform molecule generated in the above reaction is also an example of a molecule that consists of a central atom that has four bonded atoms surrounding it from equivalent positions in space, but now those bonded atoms do not have identical pull on the central atoms valence electrons.   In fact, the chlorine atom pulls on carbons valence electrons much more strongly than does the hydrogen atom.  Your book assigns Chlorine a relative electro negativity of 3.0 while it only assigns Hydrogen a relative electro negativity of 2.1.   The Oxygen atom has an electronegativity of 3.5.

a. Describe the general distribution of electrons around the chloroform molecule.  Does one side of the molecule have more negative charge than the other side?  If so, which side of the molecule is this and which side has more positive charge?

b. Is the chloroform molecule then a polar or a non-polar molecule?

c. Is the byproduct of the reaction, HCl, a polar or a non-polar molecule?  Explain using the relative electro negativities of H and Cl.

8. Use Lewis structures to depict the formation of Potassium Oxide from two potassium atoms and one oxygen atom.  Circle the “valence electrons” surrounding each atom in the molecule formed.  !!CAUTION!!   We are now reacting a metal with a non-metal. The bond formed will be an ionic bond in which bonded electrons will not be “shared” in the molecule formed. If the bonded electrons are not “shared” then they can only be counted as valence electrons in the valence shell of the atom they are transferred to, the non-metal atom.   This differs from our procedure in describing covalent bonding between two non-metal atoms where bonded electrons were included when counting the valence electrons in each bonded atom.


a. Draw out the the electron orbital diagram of each reactant and indicate which orbitals are losing or gaining electrons as the atom forms bonds to attain a stable “filled outer shell” configuration.

b. Which sublevel in each atom gets “filled” by covalent bonding (e.g. 1st, 2nd, etc.)?  Circle all orbitals in the electron orbital diagram that compose that “filled valence shell.”

c. How are the bonds formed in this reaction similar and un-similar to the polar covalent bonds formed when two non-metals of un-similar electro-negativities form a bond?  Think of it this way, the product formed by this reaction is an ionic salt K2O.  It does not tend to exist in the solid state as a single unit composed of one negatively charged O2- ion attached to two positively charged K+ ions.  Instead it exists as crystals of salt composed of gazillions of oxygen O2- ions and 2gazillions of potassium K2+ ions arranged in a uniform crystal pattern that repeats extends through the volume of the substance.

d. What is the name of this kind of bonding?


For the formation reaction,
Draw out the the electron orbital diagram of each reactant and indicate which orbitals are losing or gaining electrons as the atom forms bonds to attain a stable “filled outer shell” configuration.Which sublevel in each atom gets “filled” by covalent bonding (e.g. 1st, 2nd, etc.)?  Circle all orbitals in the electron orbital diagram that compose that “filled valence shell.”Indicate the polarity of ALL bonds in the molecule formed, polar or non-polar. Consult table 11.5.









image1.gif
1|1

Lis [sBes

Nae [sMge

Ke [eCae

o [ Jwea [ nonmeta





image2.jpeg
1< Ca_5¢i

[ Ca > 2[Cl




image3.png
Gl +:Ch—> °

ES se
ercl-cl
Covalent bond between two Cl atoms




image4.png
ES s

Covalent bond between Br Cl atoms




