Ionic and Covalent Compounds (Composition, Formulas, and Structure)

Molecular Geometry and Bonding
All bonds occur because the negatively charged electrons of one atom are attracted to the positively charged nucleus of another atom.   This is governed by Coulomb’s Law:



Attractive force is proportional to (+q)(-q)








r2



+q = magnitude of the (+) charge




-q = magnitude of the (-) charge




  r = distance between the charges

· Bigger charges mean stronger bonds
· Charges close together mean stronger bonds

Atoms form bonds because a full outer energy level is favored.  An atom will share or transfer electrons in order to achieve an octet (generally).

Ionic Bonds

· Occur between atoms with very different electronegativities

· One atom gives up electrons and becomes a (+) ion, while the other atom accepts electrons and becomes (-) ion

· The oppositely charged particles are attracted to each other

· In general, ionic bonds form between (1) metals and nonmetals and (2) metals and polyatomic anions
· Create ionic solids (crystals)

Covalent Bonds
· Occur when two atoms share electrons.  The shared electrons are considered part of the valence energy level of both atoms.
· Two atoms can share one pair of electrons (single covalent bond), two pairs of electrons (double covalent bond), or three pairs of electrons (triple covalent bond)



Resonance forms are considered to exist simultaneously and the strength 


and length of the bonds is somewhere between the strength of the single 



and double bonds.
· Double and triple bonds are shorter and stronger than single bonds

· In general, covalent bonds form between a nonmetal and another nonmetal

· Covalent bonds may be classified as polar or nonpolar (determined by electronegativity difference and the dipole moment)
· Dipole moment measures the size of the charge imbalance
· Create molecules
Lewis Dot Structures (Electron Dot Diagrams)

· Needs, Available, Shared
· If the molecule contains three or more atoms, the least electronegative atom will usually occupy the central position
· Some atoms can have a complete outer energy level with less than 8 electrons:



H – can have a maximum of 2 electrons



Be – can be stable with 4 electrons   (ex.  BeH2)


            B – can be stable with 6 electrons    (ex.  BF3)
· 
Molecules that have d subshells can have more than 8 valence electrons:



Ex.  PCl5


       SF4


       SF6

· 
Molecules almost always have an even number of electrons, allowing electrons to 
be paired, but there are exceptions, usually involving nitrogen – free radicals
· 
Polyatomic ions – use [ ] around the ion and put the charge outside of the [ ]
· 
Resonance – two equivalent Lewis structures for a single particle are possible.  
Differ only in the position of single and double bonds


Ex.  NO2-
· Formal Charge – allows you to select most suitable Lewis Structure.  The rule for assigning formal charge to an atom is: 

VC = V-(L + ½ S)

V = # of valence electrons in the unbonded atom 






L = # of lone pair electrons on the atom






S = # of shared pair electrons of the atom


Once a formal charge has been assigned to each atom, the most favorable Lewis 


structure is selected:



1.  The formal charge should be as close to zero as possible


2.  The negative formal charge should reside on the most electronegative 



     atom


3.  Adjacent atoms should not have formal charges with like signs

Sigma and Pi Bonding


Single bond = one sigma bond



Double bond = one sigma bond and one pi bond



Triple bond = one sigma bond and two pi bonds


Sigma bonds are formed by the “head to head” overlap of two orbitals: s-s, s-p, 



or p-p


Pi bonds are formed by the “side to side” overlap of two p orbitals

Hybridized Orbitals 

Created when (1) valence electrons are promoted to an empty orbital of a higher sublevel and then (2) the two orbitals blend to form two identical orbitals that can form two energy equivalent bonds
Valence Shell Electron Pair Repulsion Theory (VSEPR Theory)

   
Electronic geometry determines molecular geometry.

Metallic Bonding
