
Carbon Compounds 

Chemical Bonding 
Part 1c 



Electronegativity 

  Electronegativity is a relative measure on the pull of 
electrons by an atom in a bond. 

  Most bonds fall somewhere in between and these 
bonds are considered polar. 



  If the electrons are shared evenly, the bond is 
non-polar. 

  If the electrons are shared unevenly, the bond 
is considered polar – it has a positive side and 
a negative side.   

  If one atom has an attraction so much stronger 
than the other atom that it pulls the electrons 
away, then we consider the bond to be ionic.  

Bond Polarity 



There is a continuum from non-polar to ionic, with 
no clear breaks.  However, we will define some 
arbitrary cut-off points: 
 

ΔEN ≤ 0.4    Nonpolar Covalent Bonds 
    (electrons evenly shared) 

0.5 ≤ ΔEN ≤ 1.6   Polar Covalent Bonds 
    (electrons unevenly shared) 

ΔEN ≥ 1.7    Ionic Bonds 
     (full charges) 
 

Bond Polarity 



Molecular Polarity 

  Bonds are considered polar or non-polar 
based on electronegativity differences. 

  A molecule (or a portion of a molecule) will 
only be a dipole (polar) when 2 criteria are 
met: 

 

1.  There is a polar bond present. 
2.  There is asymmetry with respect to 

charge. 



Methane (CH4) 

  Are the bonds polar? 
ΔEN = 2.5 - 2.1 = 0.4  à  NO  

 

  Therefore, methane is a NON-POLAR Molecule.         
 
  We do NOT need to ask the second question: 

Is there any charge asymmetry in the molecule? 
 



Ammonia (NH3) 

  Are the bonds polar? 
ΔEN = 3.0 - 2.1 = 0.9  à  YES, polar bonds: 
             δ– N–H δ + 

  Is there any charge asymmetry? 
Consider the shape:  Trigonal pyramidal à YES 

  Therefore, Ammonia is a POLAR Molecule. 



• The δ+ means the indicated atom is electron deficient. 

• The δ- means the indicated atom is electron rich. 

• The direction of polarity in a bond is indicated by an arrow 
with the head of the arrow pointing towards the more 
electronegative element.  

• The tail of the arrow is drawn at the less electronegative 
element. 

Depicting Polarity 



A polar molecule has either one polar bond, or two or 
more bond dipoles that reinforce each other. An 
example is water: 

Polar Molecules 



Carbon Dioxide (CO2) 

  Are the bonds polar? 
ΔEN = 3.5 - 2.5 = 1.0  à  YES, polar bonds: 
             δ+ C–O δ–  

  Is there any charge asymmetry? 
Consider the shape:  Linear à NO 

  Therefore, carbon dioxide is a NON-POLAR 
Molecule. 



A nonpolar molecule has either no polar bonds, or two or 
more bond dipoles that cancel. An example is carbon 
dioxide: 

Nonpolar Molecules 



Other molecules 

  COCl2 is a POLAR 
molecule 

  XeF4 is a NON-POLAR 
molecule. 



Other molecules 

  CH3CN is a POLAR molecule: 



Other molecules 

  CH3CH(OH)CH3 is a POLAR molecule. 



Maps of Electrostatic Potential 

  MEP’s are Van der Waal’s diagrams that show the 
relative distribution of charge in the molecule. 
Red = most negative   Blue = most positive 

Acetone HCl 



Polarity of Molecules 

Electrostatic potential plot of CH3Cl 

Electrostatic Potential for Polar and Nonpolar Molecules 



Valence Bond Theory & Orbital Overlap 

  Hybridization of atomic orbitals allows for the proper 
distribution of electrons in the valence shell to achieve an 
octet in bonding. 

  Valence Bond (VB) theory 

  An atomic orbital (AO) of one atom overlaps with an 
atomic orbital of another atom to form molecular 
orbitals (MO).  

  The resulting bonding orbital MO (anti-bonding to be 
discussed soon) hold electrons to which both nuclei 
are attracted. 

  From a mathematical standpoint, the process 
described is a Linear Combination of Atomic Orbitals – 
LCAO. 



Orbitals and Bonding: Hydrogen 

•  When the 1s orbital of one H atom overlaps with the 1s orbital of 
another H atom, a sigma (σ) bond that concentrates electron 
density about an imaginary line connecting the two nuclei is 
formed. 



LCAO – formation of bonding MO 



Bonding in Ethane: sp3 hybridization & VB theory 

 
Sigma Bond (σ): 

Bond in which the 
electron density is 
greatest along the 
axis of the bond.  
The first bond 
between two atoms 
is a sigma bond. 



Ethane 



Bonding in Ethene: sp2 hybridization 

  Consider the electron dot structure of ethene, C2H4. 

  To form the three bonding regions present around each 
carbon of ethene, 3 hybrid orbitals are needed – sp2 
hybrid orbitals are formed:  



Bonding in Ethene: sp2 hybridization 



Bonding in Ethene: sp2 hybridization 





Ethene:  p-overlap & π bonding 

 Pi (π) bond:  
 Bond in which 
the electron 
density is above 
and below the 
axis connecting 
two bonded 
nuclei.  



Bonding in Ethyne: sp hybridization 

  Consider the electron dot structure of ethyne, C2H2. 

  To form the two bonding regions present around each 
carbon of ethyne, 2 hybrid orbitals are needed – sp 
hybrid orbitals are formed:  



Bonding in Ethyne: sp hybridization 



Bonding in Ethyne: sp hybridization 



Bond lengths & angles in C2Hx  

1 Å = 1 angstrom = 1 x 10-10 



Organic Molecules 
 Interpreting VSEPR, Hybridization, & Bonding 

  Board – Interpret a complex organic molecule. 



Cis- / Trans- Isomers 

  Two atoms joined by only a sigma bond are allowed 
free rotation about the bond. 

  However, when two carbon atoms form a double bond, 
the pi bond prevents free rotation.   

π bond must break in 
order for rotation to 
occur. 

This chemical 
process requires 
energy – bond is 
otherwise stable. 



  As a result of the 
restriction to rotation, 
if both carbons in the 
bond have two 
different constituents, 
then two isomers are 
possible.   

  These isomers are 
called geometric, or 
cis- / trans- isomers. 

Cis- / Trans- Isomers 



Double bonds with no cis- / trans- isomers  

  Note that the presence of a double bond does not 
necessarily mean you will have geometric isomers: 

 
 



Van der Waal’s radii & diagrams 

  Electron cloud density surface (van der Waal’s) 
diagrams show the shape of the molecule with 
respect to the extent of the electron cloud. 



Resonance 

  A means of representing bonding in a 
molecule when a single electron dot structure 
cannot adequately describe the bonding. 

  Consider   

€ 

CO3
2−



Resonance 

  No single structure gives a complete picture of the 
bonding in the carbonate ion. 

  Originally, chemists thought that the bonds would 
alternate between being single and double bonds. 

  However, empirical evidence shows that the actual 
molecule can be thought of as a resonance hybrid of 
these three structures. 



Basic Principles of Resonance Theory 

•  Resonance structures are not real.  
An individual resonance structure does not 
accurately represent the structure of a molecule 
or ion. Only the hybrid does. 

•  Resonance structures are not in equilibrium 
with each other.  
There is no chemical reaction taking place when 
we are considering resonance structures. 

•  Resonance structures are not isomers.  
Two isomers differ in the arrangement of both 
atoms and electrons, whereas resonance 
structures differ only in the arrangement of 
electrons.  



The Resonance Hybrid 

•  A resonance hybrid is a composite of all possible 
resonance structures. In the resonance hybrid, the 
electron pairs drawn in different locations in individual 
resonance forms are delocalized. 

•  When two resonance structures are different, the 
hybrid looks more like the “better” resonance 
structure.  

•  The “better” resonance structure is called the major 
contributor to the hybrid, and all others are minor 
contributors. 



Resonance Hybrid 



Orbital Overlap Diagrams 



1)  Individual resonance structures exist only on paper. 

  The real molecule is a hybrid (average) of all contributing 
forms. 

  The relative importance of an individual resonance structure 
refers to the weight of its contribution to the hybrid. 

  Double headed arrows are used to separate forms.   

  Brackets often surround the full array of structures. 

2)  Only electrons are allowed to move between resonance 
structures. 

  The position of nuclei must be identical in all structures. 

  Only electrons in multiple bonds (π-bonds) and nonbonding 
electrons (lone pairs that are in unhybridized p-orbitals) can be 
moved. 

Guidelines for Resonance 



3)  All structures must be proper Lewis structures. 

4)  The energy of the actual molecule (resonance hybrid) is lower 
than the energy of any single contributing form. 

5)  Equivalent resonance forms make equal contributions to the 
structure of the real molecule. 

  Structures with equivalent resonance forms tend to gain 
added stability. 

6)    The more stable a structure is, when taken by itself, the 
greater its contribution to the hybrid.  Unequal resonance 
structures contribute based on their relative stabilities. 

 

Guidelines for Resonance (cont.) 



  A resonance form with more covalent bonds is more important 
than one with less. 

 
  Resonance forms in which all atoms have a complete valence 

shell of electrons are more important. 

  Resonance forms with separation of charge are less important. 
  Separation of charge costs energy and results in a less 

stable resonance contributor. 
 

  Forms with negative charge on highly electronegative atoms 
are more important.  Likewise, those with positive charge on 
less electronegative atoms are also more important. 

Rules to Assign Relative Importance of Resonance Forms 



  The Kekulé structure is a six-membered ring with alternating double 
and single bonds. 

  Benzene does not actually have discrete single and double carbon-
carbon bonds. 

  All carbon-carbon bonds are exactly equal in length (1.38 Å).  

  This is between the length of a carbon-carbon single bond and a 
carbon-carbon double bond . 

  Resonance theory explains this by suggesting there are two resonance 
hybrids that contribute equally to the real structure. 

  The real structure is often depicted as a hexagon with a circle in the 
middle. 

The Benzene Molecule - a Chemical Conundrum 



  Molecular orbital theory explains the equal bond lengths of benzene by 
suggesting there in a continuous overlap of p orbitals over the entire ring. 

  All carbons in benzene are sp2 hybridized. 
  Each carbon also has a p orbital. 

  Each p orbital overlaps with p orbitals on either side to give a continuous 
bonding molecular orbital.  

  All 6 π electrons are therefore delocalized over the entire ring. 

 

Benzene – Molecular Orbitals 



Resonance 

  Consider resonance in these additional 
structures: 

    HCO3
- 



Organic Molecules 
 Interpreting VSEPR, Hybridization, & Bonding 

  Board – Interpret a complex organic ion – 
resonance and orbital overlap diagram 

  Board – Compare resonance hybrid of 
conjugated double bonds to a cumulene. 

 


