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Topic 8 – Ionic and Covalent Bonding

LEWIS ELECTRON-DOT SYMBOLS AND STRUCTURES


A. Lewis electron-dot symbols for atoms and monoatomic ions



1. Definition




The symbol of an element with one dot for each valence 

electron

2. Conventions




a. The symbol of the element represents the nucleus and 

                the inner electrons, if there are any.



X ( nucleus and inner electrons




b. The right side of the symbol represents the “s” orbital 


                 and its electrons.






X s  ( “s” sublevel

c. The bottom, left, and upper sides of the symbol represent 

     the three  “p” orbitals and their electrons.

                                        p

          
  

 p X  ( “p” sublevel

                                                    p





d. Placing dots follows the conventions of electron 

   configuration and orbital diagrams.





(1) The right side (the “s” orbital) fills first.

This is the Aufbau principle.





(2) The bottom, left, and upper sides (the “p” 

     orbitals) fill singly before pairing.

This is Hund’s rule.




e. Cations that have lost all of their original valence 




    electrons are written as symbol and charge with no dots.



3. Examples



   
a. Give the Lewis electron-dot symbols for the following 

   elements

     

(1) Aluminum
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(2) Phosphorus
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b. Give the Lewis electron-dot symbols for the following 
  

    ions:


(1) Sodium ion

Sodium ion has lost all of its original 

valence electrons.
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(2) Chloride ion

Chloride ion has gained one valence electron.
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B. Lewis electron-dot structures for molecules and polyatomic ions


1. Definition

A representation of covalent bonding based on Lewis electron-dot symbols in which shared electrons are shown as lines (or as pairs of dots) between two atoms, and in which unshared electrons (also called “lone pairs”) are shown as dots on individual atoms.



2. The octet rule

The tendency of atoms in molecules to form bonds until they have eight electrons in their valence shells (two for hydrogen).



3. Guidelines for drawing Lewis electron-dot structures for 

     molecules and polyatomic ions.

(the “Bucket Method”)




a. H is always an end atom.




b. Arrange the atoms.





A dash above a symbol indicates that that atom is 

the central atom.




c. Add up all of the electrons.




d. For polyatomic ions





(1) Subtract one electron for each positive charge 

                              on the ion.





(2) Add one electron for each negative charge on 

      the ion.




e. Put a dash (representing a bonding pair of electrons 

    (a single bond) between each pair of atoms and subtract 

    two electrons from the total for each dash.




f. Put unshared pairs around each end atom (except H !) 

               until each has eight electrons, both shared and unshared, 

   or until you run out of electrons in your “bucket”.




g. Put any remaining electrons around the central atom.




h. If the central atom does not meet the octet rule, then 

                change unshared pairs to shared pairs (double or triple 

                bonds) as needed, using the guidelines in the handout 

    “Guidelines For Predicting The Formation Of Bond 

    Type By Element”

i. For polyatomic ions, put the structure in brackets with the

   charge at the upper right-hand side of the right bracket.



4. Examples

    Draw the Lewis electron dot structures for:


a. F2


Arrange the atoms:




F    F



Add up all of the electrons:




F x 1 = 7 e(



F x 1 = 7 e(



           14 e(


Put a dash between each pair of atoms and subtract 

two e( for each dash:
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          14 e(



         ( 2 e(



           12 e(
Put unshared pairs around each end atom until each has eight:
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b. O2


Arrange the atoms:




O    O



Add up all of the electrons:




O x 1 = 6 e(



O x 1 = 6 e(



           12 e(


Put a dash between each pair of atoms and subtract 

two e( for each dash:
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                                              12 e(



        (  2 e(



          10 e(
Put unshared pairs around each end atom until each has eight, or until you run out:
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If the central atom does not meet the octet rule, then change unshared pairs to shared pairs as needed:
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c. N2


Arrange the atoms:




N    N



Add up all of the electrons:




N x 1 = 5 e(



N x 1 = 5 e(



           10 e(
Put a dash between each pair of atoms and subtract two e( for each dash:
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                                              10 e(



        (  2 e(



            8 e(
Put unshared pairs around each end atom until each has eight, or until you run out:
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If the central atom does not meet the octet rule, then change unshared pairs to shared pairs as needed:
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d.  NF3



Arrange the atoms:





  F



  
  F     N     F


Add up all of the electrons:




N x 1 =  5 e(



F x 3 = 21 e(



            26 e(
Put a dash between each pair of atoms and subtract two e( for each dash:
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    20 e(
Put unshared pairs around each end atom until each has eight, or until you run out:
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                                       20 e(
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     2 e(
Put any remaining electrons around the central atom.
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e. CO32(


Arrange the atoms:





   O



  
  O     C     O


Add up all of the electrons:




C x 1 =         4 e(



O x 3 =       18 e(



     (2 =  add 2 e(



                   24 e(
Put a dash between each pair of atoms and subtract two e( for each dash:
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            18 e(
Put unshared pairs around each end atom until each has eight, or until you run out:
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If the central atom does not meet the octet rule, then change unshared pairs to shared pairs as needed:
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For polyatomic ions put the structure in brackets with the charge at the upper right-hand side of the right bracket.
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METALLIC BONDING


A. Definition

The force of attraction holding metals together - the attraction of free-floating valence electrons for positively charged metal ions


B.  Responsible for properties of metals



1. Good conductors




Valence electrons exist as a “sea” of electrons.




Electrons are free to flow.



2. Malleable and ductile

The metal cations are free to slide past each other on a “film” of valence electrons.



3. Model




a. Metallic





Na+    Na+    Na+    Na+     Na+





 (         (        (         (       (  





Na+    Na+    Na+    Na+     Na+



        (         (        (         (       (  




b. Compared to ionic





Na+    Cl(    Na+    Cl(    Na+    Cl(    




Cl(    Na+    Cl(    Na+    Cl(    Cl(
IONIC BONDING


A. Definition

The electrostatic force of attraction between oppositely charged ions


B. Electron configuration of ions



1. Representative elements




a. Groups I A through III A





(1) The energy needed to remove valence electrons 

      is much lower than the energy required to 

      remove inner electrons.

This is why there are no known compounds where these ions have a charge greater than their group number.





(2) Group I A elements lose their ns1 electron to 

                  form a 1+ ion and achieve a noble gas or 

                  pseudo-noble gas configuration.





(3) Group II A elements lose their ns2 electrons to

      form a 2+ ion and achieve a noble gas or 

      pseudo-noble gas configuration.





(4) Group III A elements show a different tendency.






(a) Removing successive electrons from an 

      atom requires an increasing amount of 

      energy.

(b) This is why Group III A elements have a 

      lesser tendency to form ionic compounds 

      and a greater tendency to form covalent 

      compounds than Group I A and II A 

      elements.

(c) Because of a decreasing ionization 

     energy the tendency to form ionic   

     compounds increases down the group:


Boron never forms B3+.


Aluminum does form Al3+ 
The rest of the group forms 3+ ions.






(d) They will achieve a noble gas or pseudo-

      noble gas configuration by electron 

      exchange or by electron sharing.





(5) Group IV A tend not to form ions.

They will primarily achieve a noble gas configuration by electron sharing.





(6) Groups III A to V A of higher periods (n = 5 and 

      especially n = 6) can form ions with a charge 

      equal to the group number minus two as well as 

      ions with charges equal to the group number.






[1] The np electrons are lost while the ns2 

      electrons remain.






[2] Examples







Thallium (Group III A)








Tl 

[Xe] 4f14 5d10 6s2 6p1
Tl+


[Xe] 4f14 5d10 6s2
Lead (Group IV A)

Pb



[Xe] 4f14 5d10 6s2 6p2

Pb2+



[Xe] 4f14 5d10 6s2
Bismuth (Group V A)

Bi



[Xe] 4f14 5d10 6s2 6p3

Bi3+









[Xe] 4f14 5d10 6s2




(7) Group V A to VII elements gain electrons into 

                  their np subshell to achieve a noble gas or 

                  pseudo-noble gas configuration.

They will form ions with a charge equal to their group number minus 8.



2. Transition metal ions




a. Transition metals almost never achieve a noble gas 

    configuration. 


This would require the loss of too many electrons, which would require a HUGE amount of energy.




b. Most transition metals form ions of more than one 

    charge.





(1) Most transition metals lose their ns electrons 

     first, thus the common 2+ charge for many 

     transition metals.






Fe 

[Ar] 3d6 4s2
Fe2+


[Ar] 3d6




(2) Many transition metals also lose one or more 

                  (n –1) d electrons as well, thus their 3+ charge.






(a) The loss of one (n –1) d electron in 

      addition to the loss of the ns electrons 

      is common.

Fe 

[Ar] 3d6 4s2
Fe3+









[Ar] 3d5





(b) Far less common is the loss of more than 

     one (n –1) d electron in addition to the 

      loss of the ns electrons.







Cr








[Ar] 3d5 4s1







Cr6+

[Ar]

Although chromium forms

a species with an oxidation number of +6 it is highly improbable that it can exist 

as a Cr6+ ion in aqueous solution.


C. Using Lewis electron-dot structures to describe ionic bonding



1. Metals lose valence electrons to reach the electron configuration 

    of a noble gas.



2. Nonmetals gain valence electrons to reach the electron 

    configuration of a noble gas. 


3. Examples



a. sodium and chlorine
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b. calcium and chlorine
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c. magnesium and nitrogen
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COVALENT BONDING


A. Covalent bond



1. Definition

The force between two atoms due to the sharing of a pair of electrons



2. Using Lewis electron-dot structures to describe covalent 

    bonding
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B. Coordinate covalent bond



1. Definition

The covalent bond formed when both electrons of the bond are donated by one atom

2. Once formed, they are indistinguishable from a regular covalent 

    bond.

3. In structural formulas a coordinate covalent bond can be shown 

    as an arrow  “(” from the donating atom to the receiving atom.

4. Using Lewis electron-dot structures to describe coordinate       

    covalent bonding
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C. Bond order and the types of covalent bonds described



1. Definition

The bond order is the number of pairs of electrons shared between two atoms in a Lewis electron-dot structure.



2. Bond orders and their type of bond




a. One  (1)  single bond





Example






F : F






F ( F




b. Two  (2)  double bond





Example






O :: O






O ( O





c. Three (3)  triple bond





Example






N ::: N






N ( N




d. Mixed fraction (1
[image: image47.wmf]2
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, etc.)   generally: a bond with 

   characteristics between single and double bonds





Examples






Examples occur as a result of resonance, 

which will be discussed later.




D. Bond length



1. Depends on bond order

As bond order increases, bond strength increases, and bond length decreases



2. Examples




C  (  C
       154 pm




C ( C

134 pm




C(C

120 pm

E. Delocalized bonding and resonance bonding



1. Definitions




a. Delocalized bonding

The type of bonding in which a bonding pair of electrons is spread over more than two atoms rather than localized between just two atoms

b. Resonance description

A way to represent delocalized bonding by drawing all possible Lewis electron-dot structures for that molecule

c. Resonance bonding


(1) A phenomenon that occurs when two or more 

      equally valid Lewis electron-dot structures can 

      be drawn for a molecule


(2) The actual bonding is believed to be a hybrid or 

                  mixture of the extremes represented by the 

                  resonance forms.

d. Resonance forms

The term for the possible valid Lewis electron-dot structures that can be drawn for a molecule



2. The mule: a model for resonance




        horse                donkey

                 (         (

          mule

              
has characteristics of both horses and donkeys

Using the symbols of resonance we would represent a mule this way:




       “mule”

           horse (( donkey



3. Examples                 _




a. carbonate ion CO32-
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Each bond is identical.

There are no distinguishable single bonds and double bonds.

Each bond has a bond order of 1
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b. formate ion  CHO2(
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Each bond is identical.

There are no distinguishable single bonds and double bonds.

Each bond has a bond order of 1
[image: image55.wmf]2
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F. Exceptions to the octet rule



1. Molecules with an odd number of electrons




a. Cannot satisfy the octet rule




b. Examples





(1) NO






11 valence electrons
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(2) NO2





17 valence electrons
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2. Molecules whose central atom has fewer than eight electrons




a. Primarily compounds of beryllium and boron




b. Examples





(1) BeF2
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(2) BH3
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3. Molecules whose central atom has more than eight electrons




a. Primarily compounds of phosphorus and sulfur




b. Examples





(1) PCl5
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(2) SF6
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Remember:


“P.S., BBe’s can be little stinkers”

BOND TYPES ACCORDING TO ELECTRONEGATIVITY


A. Ionic bonds



1. Descriptions




a. A bond in which the “bonding electrons” are extremely 

    unequally shared.




b. The “bonding electrons” spend almost all, of their time



    near one atom.

c. The “bonding electrons” are almost completely drawn to 

     the atom with the greater electronegativity.



2. Definition

An ionic bond exists between two atoms when the difference in their electronegativities is equal to 

or greater than 1.7 if one atom is a metal, or when the difference in their electronegativities is equal to or greater than 2.0.


B. Polar covalent bonds (also called “polar bonds”)



1. Descriptions of a polar covalent bond




a. A covalent bond in which the bonding electrons are 

    shared unequally




b. The bonding electrons spend more time near one atom

    than the other.

c. The bonding electrons are drawn towards the atom with 

    the greater  electronegativity.



2. A polar covalent bond exists between two atoms when the 

    difference in their electronegativity is greater than 0.4 and

                            less than 1.7



3. Polar molecules contain one or more polar covalent bonds.




a. In a polar covalent bond one atom acquires a partial

   positive charge ((+) and one acquires a partial negative 

   charge ((().

b. The (( is assigned to the atom with the greater 

    electronegativity.

c. The (+ is assigned to the atom with the smaller 

    electronegativity.


C. Nonpolar covalent bonds



1. Descriptions of a nonpolar covalent bond




a. A covalent bond in which the bonding electrons are 

    shared nearly equally.




b. The bonding electrons spend nearly equal amounts of 

    time near both atoms.

c. The bonding electrons are not drawn towards one atom 

    much more than the other.



2. A nonpolar covalent bond exists between two atoms when the 

    difference in their electronegativity is equal to or less than 0.4.


D. In the real world there is actually a continuum between ionic bonds 

     and covalent bonds.

When the atoms in a bond are identical, then the bond is purely covalent because the strength of attraction of both atoms is exactly equal.

When the atoms in a bond are not identical, then the bond has at least a slight ionic character because the strength of attraction of both atoms is not exactly equal.

Even in a strongly ionic compound like CsF, however, there is still a slight covalent character because the bonding electrons are 

not completely captured by the metal atom.


E. Examples of the mixed character of bonds

	Bond
	( E.D.
	Percent

Covalent Character
	Percent 

Ionic Character

	C – H
	0.4 
	96
	4

	N – O
	0.5
	94
	6

	N – F
	1.0
	78
	22

	C – F
	1.5
	57
	43

	Fe – O 
	1.7
	49
	51

	K – F
	3.2
	8
	92


See the handout “Table of Percent Ionic Character 

of a Chemical Bond from Electronegativity Differences”


F. Electronegativity differences is not the sole criteria for classifying a 

    bond – and the substance that contains that bond.



Ionic compounds are solids with a high melting 

point.



Covalent compounds usually have a low melting point.

HF has a melting point of –83 (C, a boiling point of 20 (C, and is obviously covalent.

NaBr has a melting point of 755 (C, a boiling point of 1390 (C, and is obviously ionic.

However, both have the same electronegativity difference:


F   (4.0) – H   (2.1) = 1.9


Br (2.8) – Na (0.9)  = 1.9


G. The following guidelines have been suggested:



1. If the electronegativity difference is equal to or less than 0.4, 

    then the bond is nonpolar.



2. If the electronegativity difference is greater than 0.4 and less

    than 1.7, then the bond is polar.

3. If the electronegativity difference is equal to or greater than 2.0,

    then the bond is ionic.

4. If the electronegativity difference is equal to or greater than 1.7 

    and less than 2.0:


a. The bond is polar if both atoms are nonmetals.

b. The bond is ionic if one atom is a metal.

   Electronegativity Differences and Bond Type

	Electronegativity Difference
	Type of Bond
	Example

	0.0 ( E.D. ( 0.4
	Covalent

(nonpolar)
	H ( H (0.0) 

H ( C (0.4)

	0.4  ( E.D. (  1.0
	Covalent 

(moderately polar)
	H ( Cl (0.9)

	1.0  ( E.D. (  1.7
	Covalent

(very polar)
	C ( F (1.5)

	1.7  ( E.D. (  2.0
	
	

	
	two nonmetals
	Covalent

(very polar)
	H ( F (1.9)

	
	a metal and a nonmetal
	Ionic
	Na ( Br (1.9)

	     2.0 ( E.D.
	Ionic
	Na ( Cl (2.1)


See the handout “Electronegativity Differences and Bond Type”

FORMAL CHARGE AND LEWIS STRUCTURES


A. Definition

Formal charge is the hypothetical charge obtained by assuming that each bonding pair of electrons is shared equally between the two atoms and that each lone pair of electrons belongs entirely to that one atom.


B. Description

The formal charge on an atom is the difference between the valence electrons in an isolated atom and the number of electrons assigned to that atom in a Lewis structure.


C. Rules for assigning electrons to calculate the formal charge on an atom

1. One electron of each bonding pair is assigned to each atom in              

    the bond.



2. Both electrons of a lone pair are assigned to the atom to which 

    the one pair belongs.

3. For neutral molecules the sum of the formal charges must equal          

    zero.

4. For cations the sum of the formal charges must equal the 

    positive charge on the cation.

5. For anions the sum of the formal charges must equal the 

    negative charge on the anion.


D. Calculating the formal charge on an atom



1. Formula




f.c. = #val e( ( 
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2. Examples




Assign formal charges to each atom in




a. Ozone, O3
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atom 1


6 valence electrons


4 bonding electrons


4 lone pair electrons

f.c. = #val e( ( 
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atom 2


6 valence electrons


6 bonding electrons


2 lone pair electrons

f.c. = #val e( ( 
[image: image68.wmf]2

1

(bond e() ( (lone pr e()

formal charge = 6 ( 
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atom 3


6 valence electrons


2 bonding electrons


6 lone pair electrons

f.c. = #val e( ( 
[image: image70.wmf]2
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formal charge = 6 ( 
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Checking the sum of the formal charges:

atom 1 + atom 2 + atom 3 = 0

     0    +    (+1)  +   ((1)   = 0




b. carbonate       
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oxygen atom 1


6 valence electrons


4 bonding electrons


4 lone pair electrons

f.c. = #val e( ( 
[image: image73.wmf]2
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oxygen atoms 2


6 valence electrons


2 bonding electrons


6 lone pair electrons

f.c. = #val e( ( 
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carbon atom 3


4 valence electrons


8 bonding electrons


0 lone pair electrons

f.c. = #val e( ( 
[image: image77.wmf]2
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Checking the sum of the formal charges:

atom 1 + atom 2 + atom 3 = ( 2

     0     +  2((1)  +     0     =  ( 2

                                   ( 2 =  ( 2


E. Determining which Lewis electron-dot structure is best if more than 

                one is possible


1. For a neutral molecule choose a Lewis structure in which there 

                are no formal charges over one in which formal charges are 

                present.


2. If all structures have formal charges, then choose the one with 

                the lowest magnitude of formal charges.


3. If two structures have the same magnitude of formal charges, 

    then choose the one with the negative formal charge on the 

    more electronegative atom.

4. Same sign charges on adjacent atoms are not desirable.

5. Examples

Draw the Lewis structures for and determine which one is the best structure for
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Checking the sum of the formal charges:

atom 1 + atom 2 + atom 3 = 0

                                       

  2(0)   +   ((1)   +   (+1)   = 0

case 2
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Checking the sum of the formal charges:

atom 1 + atom 2 + atom 3 = 0

                                                               0       +   2(0)   +      0     = 0

Comparing case 1 with case 2

	case 1
	case 2

	H =   0 
	H = 0

	C = ( 1
	C = 0

	O = + 1
	O = 0


Case 2 is preferable because a structure in which there are NO formal charges is preferable to one in which there ARE formal charges.

b. N2O
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case 2
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case 3
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Comparing case 1 with case 2

	case 1
	case 2
	case 3

	N (1) =   0
	N (1) =  ( 1
	N (1) =   ( 2

	N (2) = + 1
	N (2) = + 1 
	N (2) = + 1

	O = ( 1
	O = 0
	O = + 1


Case 3 can be eliminated because it has the highest formal charges.

Case 1 and Case 2 have the same formal charges – just on different atoms.

Since oxygen is more electronegative than nitrogen Case 1 is preferable to Case 2 because it puts the more negative formal charge on the more electronegative atom.

Topic 8 – Ionic and Covalent Bonding
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