Chapter 4: Bonding

Chemical bond: 

· attraction between the protons of one atom and the electrons of the next atoms that attaches the atoms together

· formed by the sharing or transferring of electrons

· only the valence electrons are involved in bonding.

· bonds tend to form so that atoms attain a complete outer shell

· formation of bonds increases stability

· when a bond is formed, energy is released

· when a bond is broken, energy is absorbed

Bonds Between Atoms:

Octet Rule: atoms tend to lose, gain, or share electrons in order to have a complete outer shell!!! (like the noble gases)

Types of Bonds – ionic, covalent, metallic

I.  Ionic Bonds: 

· between metals and nonmetals

· electrons are transferred from a metal to a nonmetal to form ions (charged particles) 

Example:  NaCl

Na transfers one electron to Cl and becomes Na+.

Cl gains an electron and becomes Cl-.

· Each ion now has a complete outer principal energy level.

Lewis Dot Diagrams of Ionic Bonding:

Review:

Draw Dot diagrams for Sodium and Chlorine:

Na





Cl

Draw Dot diagrams showing Na giving away an electron to Cl and forming Na+ and Cl-:

Draw Dot diagrams showing Li giving away an electron to F and forming ions:

Draw dot diagrams showing Mg giving away electrons to Cl.

Electronegativity and Ionic Bonds:

· electronegativity difference (EnD) between two atoms in an ionic bond is very large (> 2.0 as a general rule) (See Reference Table S)

·  more electronegative atom (the one with the greater attraction for electrons) “steals” electron(s)

Ex:  

Na + Cl (
En of Na =

En of Cl = 

EnD = 

Mg + O (
En of Mg =

En of O =


EnD =

Ca + Cl ( 

En of Ca = 

En of Cl = 

EnD =

Crystal Lattice: geometric arrangement of ions in an ionic solid.

Characteristics of Ionic Substances:

1. Hard

2. conduct electricity in solution and in liquid form (because ions can move), but not in solid form
3. high melting points because of strong attraction of the ions for each other

4. most are soluble in water

II. Covalent Bonds
· between non-metals

· formed when two atoms share electrons

· EnD between the two atoms is less than 2.0 (as a general rule)

Four Types of Covalent Bonds:

A. Nonpolar Covalent:
· electrons shared between atoms of the same element

· same electronegativity, so EnD = 0

· electrons are shared equally
· Ex: Diatomic seven: Br2, O2, F2, I2, N2, Cl2, H2 

Example: F2
Dot diagram of Fluorine:

· Each fluorine has 7 valence electrons

Dot diagram of F2:

En of the first F = 

En of the other F =  
   EnD =

· A bond is formed so that the two fluorine atoms share one pair of electrons equally

· Each Fluorine atom now has 8 electrons (6 electrons of their own, and 2 that are shared)

· the electron configuration of each fluorine atom in F2 is 2 – 8 (just like the electron configuration of neon!)

B. Polar Covalent:
· electrons are shared between atoms of different elements with different electronegativities

·  0 < EnD < 2.0 (as a general rule)

· element with higher electronegativity attracts electrons more strongly which causes part of the molecule to have a partial negative charge.

· the other part will have a partial positive charge

Remember: In a covalent compound, atoms share electrons to have 8 electrons in the last principal energy level!

Exceptions: Hydrogen and Helium (they only need to share 2 electrons to have a complete outer principal energy level)

Ex: HCl

Electron Dot Diagram of Hydrogen:

Electron Dot Diagram of Chlorine:

Electron Dot Diagram of HCl:

· Hydrogen now has 2 electrons (one of its own, and one shared unequally with Cl)

· Chlorine now has 8 electrons (seven of its own, and one shared unequally with H)

· Since Chlorine has a higher electronegativity than Hydrogen, it attracts the electron more and so it is the slightly negative part of the molecule

· Hydrogen is the slightly positive part of the molecule

C. Coordinate Covalent Bond:

· formed when one atom donates both electrons that are shared

Ex:       NH3    +    H+    (     NH4
Ammonium ion

Ex: H2O + H+  (  H3O+
· to have the potential to form a coordinate covalent bond, an atom must have an unbonded pair of electrons.

Characteristics of Molecular Substances:

· molecular substances are bonded covalently

· soft as a solid

· poor conductors of heat and electricity (because there are no ions)

· low melting points and boiling points (because of weak attractions between molecules)

· Ex: H2O, H2, HCl, CCl4, C6H12O6
single covalent bond – 1 pair of shared electrons

Ex: H:H

double covalent bond – 2 pairs of shared electrons

Ex:  :O::O:

triple covalent bond – 3 pairs of shared electrons

Ex: N:::N

III.  Metallic Bonds:

· formed between metal atoms 

· metals consist of positive ions surrounded by a "sea" of mobile electrons (moving valence electrons)

· attraction between negative electrons (from many atoms) and positive ions holds the metal together

· very strong bonds between the atoms in metals

Characteristics of Metals:

· conduct heat and electricity (electrons can move from atom to atom, carrying the heat and electricity with them)

· malleable (can be hammered into sheets) and ductile (can be made into wires) because the moving valence electrons hold the metal together in any shape

· high melting and boiling points (due to strong bonds)

See the bottom of page 4:12 and pages 4:13 – 4:14 for summaries of this part of chapter 4!!

Intermolecular Forces:

- attraction between molecules :

1. Dipole-Dipole Attraction:

· between polar molecules

Ex: HCl

· Cl has a slightly negative charge because it has a higher electronegativity

· H has a slightly positive charge because the Cl pulls the shared electrons away from it

· strong attraction between tow adjacent HCl molecules because the positive end of one dipole attracts the negative end of another dipole

Molecule Polarity:

- in order for molecules to have dipole-dipole intermolecular forces, they must be polar molecules

POLAR MOLECULES:

· molecule in which one end is positive and the other end is negative 

· Polar molecules have polar covalent bonds
· Polar molecules are ASYMMETRICAL (one side is DIFFERENT than the other)
Ex:
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Non-polar molecules: 

1. Contain all non-polar bonds (Ex: Br2 O2 F2 I2 N2 Cl2 H2)

OR

2. Partial charge does not create a dipole if the molecule has symmetry (all sides are identical)

Ex:  CH4
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O = C = O

Back to our example for Dipole-Dipole Intermolecular Forces:

HCl

Is HCl a polar molecule?  Why or why not?

Drawing of HCl showing dipole-dipole intermolecular forces:

Determine whether the following are polar molecules or non-polar molecules.  Explain your answers.

NH3
CO2

N2

CCl4

CS2

2. Hydrogen “Bonding”:
· special type of dipole attraction

· very strong because of greater polarity

· causes high boiling points

Example:

H2O

Picture of H2O molecules

- The positive part (H+) of one water molecule is attracted to the negative part (O-2) of the next water molecule.

- Hydrogen bonds are formed between molecules when hydrogen is covalently bonded to a small, highly electronegative atom (occurs in compounds with N, O, or F)

Ex: HF

EnD for HF =

Ex: H2S

EnD for H2S =

HF has “hydrogen bonding” and H2S does not because of the greater EnD in HF

Which molecule has the higher boiling point, HF or H2S? Why?

3. Dispersion Forces (a.k.a.:van der Waals Forces)

· weak

· between non-polar molecules

· shifting electrons create momentary dipoles

· allow small, non-polar molecules (H2, He, O2) to exist in liquid or solid phase in low temperatures and high pressure.

· increases with increasing molecular size and decreasing distance between molecules

· Ex: halogen group on periodic table

· As elements get heavier, van der Waals forces increase, boiling point increases

F:



Cl:



Br:



I:

4. Molecule – Ion Attraction:

· attraction between ions of an ionic compound and molecules of water

· allows ionic salts to dissolve in water

Ex: NaCl(aq)
· The positive ion (Na+) is attracted to the negative part (O-2) of the water

· The negative ion (Cl-) is attracted to the positive part (H+) of the water

Ex: KCl

Explain the molecule-ion attraction between KCl and H2O in an aqueous solution.

Definition: Hydrated ions are positive and negative ions surrounded by water.

Intermolecular Forces and Vapor Pressure (Table H):

· ethanoic acid has the lowest vapor pressure because it has the strongest intermolecular forces holding the molecules together

· due to these intermolecular forces, the molecules cannot easily become a gas

Of the four liquids shown in Table H, which has the weakest intermolecular forces?  How do you know?

Formulas and Equations

CHEMICALS AND FORMULAS:

· symbols tell what elements (qualitative)

· subscripts tell how many of each kind of element (quantitative)

A. Ionic Formulas (metal/nonmetal):

· always in lowest terms

· gives ratio of (+) to (-) ions

1. Binary compounds: only contain two elements

· To name binary compounds:

a. The positive ion (metal) is written first with no change to its name

b. The negative ion (nonmetal) is written second and its name ends in “-ide.”

Ex:  

NaCl

Sodium chloride

LiBr

Lithium bromide

· To write formulas:

a. write symbol for each ion including oxidation state (the charge an atom obtains in an ionic bond; see Periodic Table)

b. cross charges down to become subscripts

c. reduce to lowest terms (if necessary)

Ex: 

Sodium oxide



Na+1    O-2

Na2O

Magnesium bromide


Mg+2   Br-1

MgBr2
Calcium sulfide



Ca+2     S-2

CaS

2. Multivalent metals:

· have more than one oxidation state (See Fe on periodic table: Fe+2; Fe+3)

· roman numeral in name tells which oxidation state to use in the formula

Ex:

Iron (III) chloride


Fe+3  Cl-1

FeCl3
Iron (II) chloride


Fe+2
Cl-1

FeCl2
3. Polyatomic ions:

· groups of covalently bonded atoms carrying a charge (Reference Table E)

Ex:  

Sodium nitrate


Na+1  NO3-1

NaNO3
Potassium phosphate

K+1   PO4-3

K3PO4

· use ( ) around polyatomic ions when a number greater than 1 crosses down:

Ex:

Calcium nitrate


Ca+2  NO3-1

Ca(NO3)2
Iron (III) sulfate

Fe+3  SO4-2

Fe2(SO4)3
B.  Molecular Formulas (nonmetals only):

· gives actual number of atoms in a molecule (not necessarily in lowest terms)

· if not in lowest terms, can be reduced to an empirical formula (in lowest terms)

C6H12O6   (molecular formula)

CH2O (empirical formula)

Are the following molecular formulas or empirical formulas?

C2H6

CO2

C12H22O12

H2O2

Stock System
· Roman numerals are used to indicate the oxidation state of the first element

Using Roman Numerals:

Ex: 

CO2




Carbon (IV) oxide

N2O5



Nitrogen (V) oxide

CO




Carbon (II) oxide                                                              

NO2




Nitrogen (IV) oxide

PCl3




Phosphorous (III) chloride

N2O5


Nitrogen (V) oxide

NO




Nitrogen (II) oxide            




    

Oxidation numbers: partial charge an atom acquires in a covalent bond 

· in a molecule, the sum of oxidation states equals 0

· in a polyatomic ion, the sum of oxidation states equals the charge

· least electronegative atom is (+)

· more electronegative atom is (-)

· oxidation number of metal is the charge of the ion

Ex:  Find the oxidation number of Cl in KClO3
Ex:  Find the oxidation number of S in SO4 –2
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