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3.1 Elements, Compounds & Mixtures 
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 Elements are the simplest form of matter, they can combine 

together to make a limitless number of compounds. 

 The properties of the compounds are totally different from their 

constituent elements. 

 Example: the properties of water are different from the properties of both 

H2 and O2: 
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Elements & Compounds 
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• A Compound is a distinct substance that is composed of bonded 

atoms of two or more elements. 

• Describe the compound by describing the number and type of each 

atom in the simplest unit of the compound: molecules 

• Each element is represented by its letter symbol (from the periodic table) 

• The number of atoms of each element is written to the right of the 

element as a subscript (if there is only one atom of an element, the “1” 

subscript is not written), e.g. C6H12O6  , CH3Br 

• Polyatomic ions are placed in parentheses (if more than one), e.g. 

Mg(NO3)2  ,  Al(OH)3 , NaOH 
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3.2 Representing Compounds: Chemical Formulas & Molecular Models 
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• Compounds are generally represented with their Chemical 

Formulas or Molecular Models. 

• Chemical formula indicates the type and number of each element 

present in the compound (using the letter symbols of the elements 

from the periodic table): 

– Water is represented as H2O 

– Carbon dioxide is represented as CO2 

– Sodium chloride is represented as NaCl 

– Carbon tetrachloride is represented as CCl4 
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3.2 Representing Compounds: Chemical Formulas & Molecular Models 
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 Chemical formulas can generally be categorized into three 

different types:  

1. Empirical Formula 

2. Molecular Formula 

3. Structural Formula 

• The amount of information about the structure of the compound 

varies with the type of formula. 

• All formulas and models convey a limited amount of information 

– none is a perfect representation! 
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Types of Chemical Formulas 
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 Empirical Formula: gives the relative number of atoms of each 

element in a compound. 

 It does not describe the actual number of atoms, the order of 

attachment, or the shape of molecules. 

 It is the simplest whole-number (ratio) representation of the type 

and number of elements present in a molecule. 

 The Ionic compounds (metal + nonmetal) are usually represented 

using their Empirical Formulas (formula unites): (e.g. MgO not Mg2O2  

&  CaS not Ca2S2 , …. ) 
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Types of Chemical Formulas: The Empirical Formula  
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 Molecular Formula: gives the actual number of atoms of each 

element in a molecule of a compound. 

 It does not describe the order of attachment, or the shape of 

molecules. 

 Examples:  

a) H2O is the molecular formula of water, which means that the water 

molecule is actually composed of 2 hydrogen atoms + 1 oxygen atom. 

b) C4H8 is a molecular formula, which means that the molecule is actually 

composed of 4 carbon atoms + 8 hydrogen atoms. 

c) B2H6 is a molecular formula, which means that the molecule is actually 

composed of 2 boron atoms + 6 hydrogen atoms. 
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Types of Chemical Formulas: The Molecular Formula 
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 Structural Formula: is a sketch or diagram of how the atoms in the 

molecule are bonded to each other. 

 It uses lines to represent covalent bonds and shows how atoms in a 

molecule are connected or bonded to each other. 

 lines describe the number of electrons shared by the bonded atoms: 

• Single line = two shared electrons, a single covalent bond 

• Double line = four shared electrons, a double covalent bond 

• Triple line = six shared electrons, a triple covalent bond 

 It’s used only with “Molecular Compounds” (Nonmetal + Nonmetal), 

but NOT with “Ionic Compounds” (Metal + Nonmetal) 

 Example: The structural formula for CO2 is:  

 Example: The structural formula for methane CH4 is: 
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Types of Chemical Formulas: The Structural Formula 
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There are two common molecular models used to represent the 

molecules of compounds:  

 - Ball-and-Stick Model 

 - Space-Filling Model 

Example: the different ways to represent the methane molecule (CH4): 
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Molecular Models 
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Exercise: Write the Empirical Formulas for the following compounds: 
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Exercises: Molecular and Empirical Formulas 
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1.  Atomic Elements: elements whose particles are single atoms, most of 

the elements in the periodic table are “atomic elements”: 

 e.g. Fe , Na , Al , Ne , Hg,  ….. 

2. Molecular Elements: elements whose particles are multi-atom 

molecules, having the same type of atoms (i.e. atoms of the same 

element), (atoms are bonded by covalent bond): 

  e.g. H2 , O2 , N2 , Cl2 …. (see the next slide) 

3. Molecular Compounds: compounds whose particles are molecules 

made of only nonmetals, (bonded by covalent bond): 

  e.g. H2O , NH3 , HCl , CH4 

4. Ionic Compounds: compounds whose particles are composed of 

cations (of metals) and anions (of nonmetals), (bonded by ionic bond): 

 e.g. NaCl , AlF3 , Fe2O3 , Mg2S 
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3.3 An Atomic Level View of Elements and Compounds 
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• Certain elements occur as diatomic molecules (only 7 out of 

the 118 elements of the periodic table): 

 H2 , N2 , O2 , F2 , Cl2 , Br2 and I2 

• Some other elements occur as polyatomic molecules: 

 P4 , S8 , Se8 and O3 (Ozone Gas) 
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Molecular Elements 
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Classification of Elements and Compounds: A Summary 
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a. Barium, Ba ………………………………………………..……………………………..……… 

b. Iron (III) chloride, FeCl3 …………………..………………..……………………… 

c. Bromine, Br2 …………………..…………………………………………………….………… 

d. Ethanol, C2H6O …………………..………………..…………………………..……...…… 

e. Nitrogen monoxide, NO …………………..………………………….……..……… 

f. Cobalt, Co …………………..………………..………………………..……..……...…………… 

g. Carbon monoxide, CO …………………..……………………….……….………..… 

h. Nickel(II) chloride, NiCl2, …………………..……………………..……………..… 

i. Sodium iodide, NaI  …………………..………………………………….……………..… 

j. Phosphorus chloride, PCl3 …………………..……………………..……………..… 

Classify the following substances as: Atomic Elements, Molecular 

Elements, Molecular compounds, or Ionic Compounds: 
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Assessment 
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• Ionic compounds: are composed of metal ions combined with 

nonmetals ions, bonded by “an ionic bond”: 

 metal atoms lose electrons to form cations (+ions), while nonmetal 

atoms gain electrons to form anions (-ions). 

• Many ionic compounds contain “polyatomic ions”: several atoms 

attached together by covalent bonds into one ion, carrying a specific 

charge, e.g. CO3
2-, SO4

2-, NH4
1+, OH1- …… 
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3.4 Ionic Compounds: Formulas and Names 

Note: Ionic compounds have no individual molecules, 

instead, they have a 3-dimensional array of cations 

and anions made of “formula units”. e.g. NaCl is the 

formula unit of sodium chloride (not called a molecule) 
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 Compound must have a total charge = 0, therefore we 

must balance the numbers of cations and anions in a 

compound to get “0” charge. 

 

 Example: If Na+ is combined with S2−, you will need two Na+ 

ions for every one S2− ion to balance the charges, therefore the 

formula must be Na2S
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Writing Formulas for Ionic Compounds (Name to Formula) 
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1. Write the symbol for the metal cation and its charge (use the 

periodic table to find both info). 

2. Write the symbol for the nonmetal anion and its charge (use the 

periodic table to find both info). 

3. Charge (without sign) of each ion becomes subscript for the other 

ion. 

4. Whenever possible, reduce subscripts to smallest whole number 

ratio (to obtain the empirical formula, since this is an ionic compound). 

5. Check that the total charge of the cations cancels the total 

charge of the anions!  
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Steps to Write the Formula of Ionic Compounds 
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1. Write the symbol for the metal cation and 

its charge. 

2. Write the symbol for the nonmetal anion 

and its charge. 

3. Charge (without the sign) becomes 

subscript for other ion. 

4. If possible, reduce subscripts to smallest 

whole number ratio (in this example, 

reduction is not possible). 

5. Check that the total charge of cations 

cancels the total charge of anions. 

Al3+ (group 3A charge = +3) 

O2−  (group 6A charge = ‒2) 

Al3+    O2− 

Al2O3 

Al = (2)×(+3) = +6 

O = (3)×(−2) = −6 
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Example: Write the formula of a compound composed of aluminum ions and oxide ions 
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• Ionic compounds are made of cation and anion. 

• Some ionic compounds have one or more common names (or 

commercial names) that are only learned by experience: 

  e.g. NaCl = table salt,  NaHCO3 = baking soda, CaO = lime 

• Write systematic name by simply naming the ions: 

 If the cation is: 

  metal with invariant charge = metal name (as in the periodic table) 

  metal with variable charge = metal name + (charge as a Roman numeral) 

  polyatomic ion = name of polyatomic ion (see the table of polyatomic ions) 

 If the anion is: 

  nonmetal = stem of nonmetal name + ide 

  polyatomic ion = name of polyatomic ion (see the table of polyatomic ions) 
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Naming the Binary Ionic Compounds (Formula to Name) 
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 Contain metal cation + nonmetal anion 

 Metal ion is written first in both formula and name. 

1. Name metal cation first, name nonmetal anion second. 

2. Cation name is the metal name (from the periodic table). 

3. Nonmetal anion is named by changing the ending on the 

nonmetal name to −ide. 
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Naming Binary Ionic Compounds of Metals with Invariant Charge 
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 Metals with Invariant Charge 

(main-group metals):  

 Metals whose ions can only 

have one possible charge 

• Groups 1A1+ & 2A2+, Al3+, Sc3+  

 Cation name = metal name (as 

written in the periodic table) 
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Metals with Invariant Charge  
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1. Identify both cation and anion: 

Cs = Cs+ , because it is in Group 1A 

F = F− , because it is in Group 7A 

2. Name the cation: 

Cs+ = cesium 

3. Name the anion: 

F− = fluoride 

4. Write the cation name first, then the anion name: 

 

Cesium fluoride  
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Example: Naming Binary Ionic Compound with Invariant Charge Metal: CsF 
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• Contain metal cation + nonmetal anion. 

• Metal listed first in formula and name. 

1. Name metal cation first, name nonmetal anion second. 

2. Metal cation name is the metal name followed by a Roman 

number (in brackets) to indicate its charge e.g. (I) , (II) , (III), (IV) , 

(V) , (VI) , (VII) … 

 determine charge usinganion charge 

 See the table of common ions  

3. Nonmetal anion is named by changing the ending on the nonmetal 

base name to −ide 
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Naming Binary Ionic Compounds for Metals with Variable Charge 
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 Metals with Variable   

Charges (transition 

elements): 

 Metals whose ions can have 

more than one possible 

charge. 

 Determine charge by charge 

on anion and cation. 

 Name = metal name + 

(charge as a Roman 

numeral in parentheses). 
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Metals with variable Charges 
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1. Identify cation and anion 

F = F− because it is in Group 7 

Cu = Cu2+ to balance the two (−) charges from 2F− 

2. Name the cation: 

Cu2+ = copper(II) 

3. Name the anion: 

F− = fluoride 

4. Write the cation name first, then the anion name: 

 

Copper(II) fluoride  
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Example: Naming Binary Ionic Compounds for Metals with Variable Charge: CuF2 
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 Polyatomic ions are single ions that contain more than one 

atom. 

 Often identified by parentheses around ion in formula. 

 The Name and charge of polyatomic ion do NOT change. 

 Name any ionic compound by naming cation first, and then 

anion. 

 See the following table for the most common Polyatomic ions 

(memorize the highlighted ions!). 
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Naming Binary Ionic Compounds Containing Polyatomic Ions 
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 Important: The ions indicted with this arrow        are to be carefully 

memorized (names, formulas, and charges!) 
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Common Polyatomic Ions 

Notice that the name of the polyatomic ion is written as is: no 

“ide” is added to its name! 
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Exercise:  Name The Following Compounds: 

Examples:   
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Examples: Naming Binary Ionic Compounds Including Polyatomic Ions 
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 Molecular compounds: are composed of two or more nonmetals, 

bonded by “covalent bonds”. 

 The formula for a molecular compound cannot readily be 

determined from its constituent elements because the same 

combination of elements may form many different molecular 

compounds, each with a different formula and name: 

– e.g. Nitrogen and oxygen form all of the following unique molecular 

compounds: 

NO, NO2, N2O, N2O3, N2O4, and N2O5. 
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3.5 Molecular Compounds: Formulas and Names 
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 Write the name of the element with the smallest group number 

first (e.g. Nitrogen before Oxygen) 

 If the two elements lie in the same group,  

then write the element with the greatest row number first (e.g. 

Sulfur before Oxygen). 

 The prefixes given to each element indicate the number of its 

atoms present. 
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Naming The Binary Molecular Compounds 
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Note: If there is only one atom of the 

first element in the formula, the prefix 

mono is normally omitted (not written). 
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Naming The Binary Molecular Compounds 
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Example: Naming The Binary Molecular Compounds 
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• Acids are molecular compounds that produce H+ when dissolved 

in water. 

– not named as “acids” if not dissolved in water. 

– to indicate the compound is dissolved in water, (aq) is written after 

the formula. 

• Acids have sour taste. 

• Acids react with many active metals: 

– such as Zn, Fe, Mg; but not with Au, Ag, Pt 

• Acids formulas generally start with: H 

– e.g. HCl, HNO3, HBr, HI, H2SO4 
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Naming of Binary Acids 
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• Types of acids: 

– Binary acids:  

• H+ and nonmetal anion 

– Oxyacids: 

• H+ cation and polyatomic 

anion 

36 

Types of Acids 
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• “ide” and “ate” suffixes of the anions change to “ic”: 
   

  NO3
¯   +   H+   

  HNO3 

     Nitrate ion     Nitric acid 
   

  Cl¯   +   H+   
  HCl 

    Chloride ion     Hydrochloric acid 

 

Examples: Name the following binary acids: 

HF: Hydrofluoric acid 

HCl: Hydrochloric acid 

HBr: Hydrobromic acid 

HI: Hydroiodic acid 
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Forming an Acid by Adding H+ to The Anion 
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Assessment: Write the missing names and formulas of the following compounds, and 

mention the type of each of them (ionic, molecular or acid): 
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 Molar Mass: Counting 

Atoms by Weighing Them 

 

 The Mole: The “Chemist’s 

Dozen” 
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 Definition of the “Mole” 

 The Molar Mass of a Compound 

 Mole Conversions 
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3.7 Molar Mass: Counting Atoms by Weighing Them 
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 Chemistry is quantitative in nature: 

– Its unit is the “mole” = the chemist’s “dozen” 

• The Mole as a unit vs. “Dozen” as an unit: 

– The unit “dozen” is associated with 12 units. 

– The unit “mole” is associated with 6.022 x 1023 particles. 

• There is Avogadro’s number of particles in every mole of substance: 

– 6.022 x 1023 particles is known as Avogadro’s number. 

– 1 mole = 6.022 x 1023 particles. 

• 1 mole of Cu atoms has: 

– an atomic mass of 63.55 g, which contains: 

– 6.022×1023 Cu atoms. 
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What is the “Mole”? 
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• Formula Mass (amu): The mass of an individual molecule or 

formula unit, expressed in “amu” (atomic mass unit) 

 also known as molecular mass or molecular weight. 

 Sum of the masses of the atoms in a single molecule or formula unit 

Formula mass of H2O = [2 × (1.01 amu H)] + [1 × (16.00 amu O)] = 18.02 amu 

 
 

 

 

• Molar Mass (g/mol): The mass of one mole of a substance, 

expressed in “g/mol” 

 Molar mass is numerically equal to formula mass, but expressed in g/mol 

 Molar mass of H2O = 18.02 g/mol 
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Formula Mass & Molar Mass 
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 To calculate the molar mass of any substance, you must first know 

its exact chemical formula! 

 The molar mass can be calculated for any substance by summation 

of the atomic masses (from the periodic table) of all the atoms of 

elements present this substance’s formula:  
 

 

 
 
 

 Examples: Calculate the molar mass (g/mol) for: 
 

- Molar mass of water (H2O) = (2×1) + (1×16) = 18 g/mol 

- Molar mass of oxygen (O2) = 2×16 = 32 g/mol 

- Molar mass of NaCl = (1×23) + (1×35) = 58 g/mol 

- Molar mass of glucose (C6H12O6) = (12×6) + (12×1) + (16×6) = 180 g/mol 
 

An element’s molar mass in grams per mole (g/mol) is numerically 

equal to the element’s atomic mass in atomic mass units (amu). 
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How to Calculate the Molar Mass of Any Substance? 
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 Exercises: Calculate the molar mass (g/mol) for each substance: 
 

• MgBr2 

• CuF2  

• Ca3(PO4)2 

• Ozone gas (O3) 

• Nitrogen gas 

• (NH4)2SO4 

• C8H18 

• Al2(CO3)3 
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Mole, Mass, and Number of Particles 
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Notes: 

 Avogadro’s Number = 6.022 x 1023  atoms/mol (or molecule/mol) 

 The mass of substance must be in (grams), if not, convert it first. 

 Molar Masses can be calculated using the periodic table. 

 Converting Between: Mole, Mass and Number of Particles: 

Important Note: to calculate the number of particles in a given mass (g) of a 

substance (or vice versa); you need first to calculate the number of moles of that 

substance, by using one of the mole conversion relationships! 
 

 In other words: to go from mass (g) to number of particles (atoms or 

molecules); you must go through the “mole”. 
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Mole Conversions 
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Mole Conversions: Number of Particles − Moles 
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Problem: How many Mg atoms are in 0.20 g of Mg? 
 
 

 Mg has a molar mass of 24.3 g/mol (from the periodic table) 

 You need to convert 0.20 g Mg to moles of Mg: 
 

0.20 g Mg x (1 mol/24.3 g) = 8.23 x 10-3 mol of Mg 
 

 Now that you know the moles of Mg, you can determine the 

number of Mg atoms:  

 

8.23 x 10-3 mol Mg x (6.022 x 1023 atoms/mol of Mg) 
 

= 4.95 x 1021 atoms of Mg 
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Mole Conversions: Mass − Moles 
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Mole Conversions: Mass − Number of Particles  
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Problem: How many grams of CO2 are there in 6.75 x 1022 

molecules of CO2?  

 

Strategy: 

 1. You need to know the molar mass of CO2 (calculate it using 

the atomic masses from the periodic table) 

 2. Convert number of molecules of CO2 to number of moles. 

 3. Convert number of moles of CO2 to grams (mass) of CO2. 

 

   The answer ….    
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Mole Conversions: Mass − Number of Particles  
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The Answer: 
 

Step 1:  CO2 has a molar mass of 44.0 g/mol: 

  - There is 1 mole carbon in every mole of CO2 

   1 mole carbon = 12.0 g (from periodic table) 

  - There are 2 moles oxygen in every mole of CO2 

   2 mole oxygen = 2 × 16.0 = 32.0 g (from periodic table) 
 

 - Therefore, the molar mass of CO2 = 12 + 32 = 44.0 g/mol 

Step 2:  Determine the number of moles of CO2 : 

 6.75 x 1022 molecules CO2 x (1 mole CO2/6.022 x 1023 molecules) 

 = 1.12 x 10-1 mol of CO2 

Step 3:  Determine the grams of CO2 :  

 1.12 x 10-1 moles CO2 x (44.0 g/1 mol CO2) = 4.93 g of CO2 
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Mole Conversions: Mass − Number of Particles  
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1- How many moles of H2O are there in 100 g H2O? 

2- Calculate the number of iron atoms present in a 4 g piece of iron. 

3- How many CO molecules are there in 2.67 moles of CO? 

4- How many moles of NH3 are there in 0.2 Kg of NH3? 

5- What is the mass (g) of 4.3 ×1024 atoms of silver? 

6- Calculate the number of oxygen molecules in 250 g oxygen.  

7- What is the mass (g) of 9.2 ×1023 particles of Al2(CO3)3? 
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Assessment 
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 Calculating Mass Percent 

 Calculating Empirical & 

Molecular Formulas 

 Balancing Chemical 

Equations 
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• A chemical formula, in combination with the molar masses of its 

constituent elements, indicates the relative quantities of each 

element in a compound. 

• The mass percentage (%) of each element in a compound can be  

determined from: 

1. The formula of the compound; and 

2. The experimental mass analysis of the compound. 

 

        

• The percentages may not always total to exactly 100% due to rounding! 
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3.6 Composition of Compounds: Mass Percent 
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Example: Calculate the mass 

percent composition of “Cl” in 

the chlorofluorocarbon CCl2F2  

 
Answer: 

Exercise: Calculate the 

mass% of C in C12H24O12 
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3.6 Composition of Compounds: Practice 
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3.6 Composition of Compounds: Example 
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 Empirical Formula: 

• Simplest whole-number ratio of the atoms of elements in  

a compound. 

• The empirical formula of a compounds can be determined from 

the results of elemental analysis (in laboratory). 

– Masses of elements formed when a compound is 

decomposed, or that react together to form a compound. 

– Percent composition. 

 Note: An empirical formula represents a ratio of atoms or a ratio of 

moles of atoms, NOT a ratio of masses (g)! 
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3.8 Determining a Chemical Formula from Experimental Data 
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1. Convert the percentages to grams: 

a) If not given, assume you start with 100 g of the compound. 

b) Example: 24.5% C means 24.5 g C. 
 

2. Convert mass (in grams) to moles (using mole conversions): 

a) Use molar mass of each element. 

b) Example: 24.5 g C × (1 mol C/12.01 grams) = 2.0 mol C. 
 

3. Divide all by the smallest number of moles to obtain the atom-to-atom 

ratio for each of the elements in the compound: 

a) If the result is within 0.1 of a whole number, round to the whole number. 
 

4. Multiply all mole ratios by a number to make all whole numbers: 

a) If the ratio is 0.5, multiply all by 2; If the ratio is 0.25, multiply all by 4; if 

the ratio is 0.33 or 0.66, multiply all by 3; and so on ….. 

b) Skip step 4 if already whole numbers. 
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Obtaining Empirical Formula from Experimental Data 
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Problem: A compound containing nitrogen and oxygen is decomposed in the laboratory 

and produced 24.5 g nitrogen and 70.0 g oxygen. Calculate its empirical formula. 

Given: 24.5 g N, 70.0 g O     ,    Find: empirical formula 

Answer:  

1- Convert each of the masses in step 1 to  

moles by using the appropriate molar mass  

for each element as a conversion factor: 

 
 

2- Write down a pseudo formula for the compound using the number of  

moles of each element (from step 1) as subscripts:   N1.75O4.38  

 

3- Divide all the subscripts in the formula by the smallest subscript: 

 

4- If the subscripts are not whole numbers, multiply all the subscripts by a  

small whole number to get whole-number subscripts: 
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Obtaining Empirical Formula from Experimental Data: Practice 
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• A laboratory analysis of aspirin determined the following mass 

percent composition: 

C =  60% 

H =  4.48% 

O =  35.52% 

Find the empirical formula of aspirin. 

 

 

 

 

This means: In a 100 g sample of aspirin:  

60% C = 60 g (C)   ,    4.48% H = 4.48 g (H)    ,    35.52% O = 35.52 g (O) 

Hint: Since you are NOT given the real mass of each element, but given 

their % instead, then assume you started the analysis with a 100 g sample!  
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Obtaining Empirical Formula from Experimental Data: Exercise 
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 The molecular formula is a multiple of the empirical formula. 

– It is the actual formula of the compound.   
 

 To determine the molecular formula, you need to know the 

empirical formula and the molar mass of the compound (i.e. the 

molar mass of the molecular formula): 

Note: Usually, you are given the molar mass of molecular formula but need 

to calculate the molar mass of the empirical formula (from the given 

empirical Formula itself!) 

60 

Calculating Molecular Formula from Empirical Formula 
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Calculating Molecular Formula from Empirical Formula: Example 
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 Chemical Reactions involve chemical changes in matter 

resulting in new substances. 

• Reactions involve rearrangement and exchange of atoms to 

produce new molecules. 

– elements cannot be changed into other elements in a chemical 

reaction. 

 

 

 

Reactants          Products 
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Chemical Reactions 
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 Chemical Equation: is a shorthand way of describing a 

chemical reaction. 

• Provides some basic information about the reaction: 

– formulas of reactants and products 

– states of reactants and products 

– relative numbers of reactant and product molecules that are required 

– can be used to determine weights of reactants used and products 

that can be made 

– Example:    CH4(g) + 2 O2(g)  CO2(g) + 2 H2O(g) 
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Chemical Equations 
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 State Symbols (written after the substance’s formula): 

– (g)   = gas 

– (l)    = liquid 

– (s)   = solid 

– (aq) = aqueous = dissolved in water 

 

 Energy Symbols (Written above the arrow): 

–  D = heat 

–  hn = light 

–  shock = mechanical 

–  elec = electrical 
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Symbols Used in Chemical Equations 
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• To show the reaction obeys the Law of Conservation of Mass, the 

equation must be balanced: 

– we adjust the numbers of molecules so there are equal numbers of 

atoms of each element on both sides of the arrow: 
 

CH4(g) + 2 O2(g)  CO2(g) + 2 H2O(g) 

1 C  +  4 H  +  4 O 1 C  +  4 H  +  4 O 
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3.9. Balancing Chemical Equations 
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 When aluminum metal reacts with oxygen, it produces a white 

powdery compound, aluminum oxide 

aluminum(s) + oxygen(g) aluminum oxide(s) 

 

…..  Al(s) + …..  O2(g) …..  Al2O3(s) 

 

4 Al(s) + 3 O2(g)  2 Al2O3(s) 

 
 The coefficients required to balance this equation are: 4, 3, 2, respectively. 
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3.9. Balancing Chemical Equations: Practice 
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1- Give the coefficients that are necessary to balance each of the 

following equations: 

67 

Assessment 

2- What is the coefficient of H2O when each of the following equations 

are balanced? 
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 Chemical Bonding 

 Lewis Structures 

 Lattice Energy 

 Bond Polarity 

 Bond Energy & Length 
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• Compounds are made of atoms held together by bonds. 

• Chemical bonds are forces of attraction between atoms. 

• The bonding attraction comes from attractions between protons 

and electrons of bonded atoms. 

• Chemical bonds form because they lower the potential energy 

between the charged particles that compose atoms.  
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3.10 Chemical Bonds 
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 Chemical bonds can be classified into three types, depending 

on the types of atoms involved in the bonding: 
 

 Ionic bond 

 Covalent bond 

 Metallic bond 
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Types of Chemical Bonds 
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Ionic bond: results when electrons have been transferred between 

atoms, resulting in oppositely charged ions that attract each other: 

 Generally formed when 

metal atoms (cations) 

bond to nonmetal atoms 

(anions) 

 

  Method:  

electron transfer  
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Types of Chemical Bonds: The Ionic Bond 
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Covalent bond: results when two atoms share some of their electrons: 

 Generally formed when nonmetal atoms bond together 

 Shared electrons hold the atoms together by attracting nuclei of both atoms. 

 Method: electron sharing 

 

 

 

 

 Multiple Covalent Bonds: 

 Single covalent bond: A covalent bond formed by sharing one electron pair. 

Represented by a single line: H−H 

 Double covalent bond: formed by sharing two electron pairs. 

     Represented by a double line: O = O 

 Triple covalent bond: formed by sharing three electron pairs.  

      Represented by a triple line: N ≡ N 
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Types of Chemical Bonds: The Covalent Bond 
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Metallic Bond: occurs in metals. Since metals have low ionization 

energies, they tend to lose electrons easily, forming an electron 

sea, in which, all of the atoms in a metal lattice pool (release) their 

valence electrons (delocalize).  

 Metallic bonding results from 

attraction of cation to the 

delocalized electrons. 

 

 Method: electron pooling 

(electron sea of delocalized 

electrons) 
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Types of Chemical Bonds: The Metallic Bond 
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  Lewis Structures: simple diagrams to visualize the number of 

valence electrons in atoms of main-group elements by dots. The 

dots are placed around the element’s symbol with a maximum of 

two dots per side. Each dot represents one valence electron. 

 Remember: the number of valence electrons for main group 

element is equal to the group number of the  element (except for 

helium, which is in group 8A but has only two valence electrons). 

 Note: While the exact location of dots is not critical, here we first 

place dots singly before pairing (except for helium which always 

has two paired dots) 
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3.11 Representing Valence Electrons with Dots (Lewis Structures) 
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 The electron configuration of Oxygen is as follows: 

 

 

 

 

 Its Lewis structure is as follows: 
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3.11 Representing Valence Electrons with Dots (Lewis Structures) 
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  Lewis structure for all period 2 elements: 

 

 

 

• Practice: Draw the Lewis dot structure of a phosphorus atom. 

 

• Solution: Since phosphorus is in Group 5A in the periodic table, it has 

5 valence electrons. Represent these as five dots surrounding the 

symbol for phosphorus: 
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3.11 Representing Valence Electrons with Dots (Lewis Structures) 



© 2019 Pearson Education, Inc.  -  This Presentation is NOT an Alternative to the Textbook!  

• For example, potassium and chlorine have the Lewis 

structures: 

 

 

 

• When potassium and chlorine bond, potassium transfers its 

valence electron to chlorine (forming octet Cl): 
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3.12 Lewis Structures: For Ionic Bonding 
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• Consider the ionic compound formed between sodium and sulfur.  

The Lewis structures for sodium and sulfur are as follows: 

 
 

• Sodium must lose one valence electron to obtain an octet (in the 

previous principal shell), while sulfur must gain two electrons to 

obtain an octet.  

• The compound that forms between sodium and sulfur requires  

two sodium atoms to every one sulfur atom. The Lewis structure is  

as follows: 

 

• The correct chemical formula is Na2S. 
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3.12 Lewis Structures: For Ionic Bonding 
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3.12 Lewis Structures: For Ionic Bonding 
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• Hydrogen and oxygen have the following Lewis structures: 

 

 

 

 

• In water, hydrogen and oxygen share their valence electrons so 

that each hydrogen atom gets a duet and the oxygen atom gets 

an octet. 
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3.13 Lewis Structures: For Covalent Bonding 
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 Bonding Pairs of Electrons (shared pairs): electrons that are shared 

between two atoms.  

 example: 2 bonding pairs in water molecule 

 Lone pairs of Electrons (unshared pairs): electrons that were not 

shared (i.e. present only on one atom).  

 example: 2 lone pairs in water molecule. 

Remember that each dash represents a pair of shared electrons: 

81 

3.13 Lewis Structures: Electron Pairs 
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• Consider the Lewis structure of chlorine atoms: 

 

 

 
 

• If two Cl atoms pair together, they can each attain an octet: 

 

 

 
 

• Lewis theory explains why chlorine exists as diatomic molecule 

(Cl2), as most atoms tend to follow the octet rule. 

• The same is true for the other halogens (F2, Br2, I2). 
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Lewis Theory Explains Why Halogens form Diatomic Molecules  
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• The individual Hydrogen atoms has the following Lewis 

structure: 

 

 
 

• When two hydrogen atoms share their valence electrons, they 

each get a duet, a stable configuration for hydrogen. 

 

 

 

• Lewis theory predicts that elemental hydrogen exists as a 

diatomic molecule (H2). 
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Lewis Theory Predicts That Hydrogen Should Exist as H2 
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• Oxygen exists as a diatomic molecule (O2): 
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3.13 Lewis Structures: Double and Triple Covalent Bonds 

• Nitrogen exists as a diatomic molecule (N2): 
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  The ions are arranged in a 

pattern called a crystal lattice. 
 

 Lattice energy is the most 

important factor in determining 

the stability of an ionic 

compound. 

Lattice Energy: The energy required to completely separate a 

mole of a crystalline ionic compound into its gaseous ions. 

• Lattice energy increases with: 

– increasing charge on the ions 

– decreasing size of ions 
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Lattice Energy (for Crystalline Ionic Compounds) 
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 High melting points (>300 °C) 

 High boiling points 

 Hard and brittle solids 

 All are crystalline solids at room temperature. 

 Their solids do not conduct electricity, but 

when in their liquid state they do, i.e. act as 

strong electrolytes (known as: molten salts). 

 Solid and liquid states are thermal insulators. 

 Many ionic compounds are soluble in water. 
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Physical Properties of Ionic Compounds 



© 2019 Pearson Education, Inc.  -  This Presentation is NOT an Alternative to the Textbook!  

 Electronegativity (EN): is the ability of an atom (in a molecule) to 

attract the bond electrons to itself. 

 is higher for nonmetals; and lower for metals 

 The greater the difference in electronegativity (ΔEN), the more polar the 

bond.  
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3.14  Electronegativity and Bond Polarity 

δ
+
 and δ¯ in polar molecular 

compounds represent the partial 

positive and negative charges, to 

differentiate them from the full charge 

(+ or -) on ions in ionic compounds. 
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3.14  Electronegativity Values for Elements (Unitless) 



© 2019 Pearson Education, Inc.  -  This Presentation is NOT an Alternative to the Textbook!  
89 

Electronegativity and Bond Types 
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Electronegativity and Bond Types: Examples 

- Exercise 1: Which of the following bonds is the most polar?  

(a) H-F  (b) Se-F  (c) N-P  (d) Ga-Cl 

- Exercise 2: Predict the type of each bond (use the table of EN values):  

(a) H-Br  (b) O-O  (c) H-O  (d) S-O 

- Example: Based on the of values of electronegativity (EN) of 

elements, which bond is more polar: (B-Cl) or (C-Cl)?  

Answer:  
 

- The ΔEN of Cl and B = 3.0 - 2.0 = 1.0 

- The ΔEN of Cl and C = 3.0 - 2.5 = 0.5  

 Hence, the B-Cl bond is more polar. 



© 2019 Pearson Education, Inc.  -  This Presentation is NOT an Alternative to the Textbook!  

 Bond Energy: the amount of energy needed to break one mole 

of a bond in a compound (in the gaseous state). 

 

 

• Trends in Bond Energies: 

• In general, the more electrons two atoms share, the stronger the 

covalent bond. 

 

 

 

– Bonds get weaker down the column. 

– Bonds get stronger across the period. 

C≡C (837 kJ) > C═C (611 kJ) > C—C (347 kJ) 

C≡N (891 kJ) > C═N (615 kJ) > C—N (305 kJ) 
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4.14   Bond Energy and Bond Length 
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 Bond Length: the distance between the nuclei of bonded atoms. 

 
 

 

• Trends in Bond Lengths: 

• In general, the more electrons two atoms share, the shorter the 

covalent bond. 

 

 

 

• In general, as bonds get longer, they also get weaker. 

C≡C (120 pm) < C═C (134 pm) < C—C (154 pm) 

C≡N (116 pm) < C═N (128 pm) < C—N (147 pm) 
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4.14   Bond Energy and Bond Length 

Conclusion: triple bond (≡) is short and strong, while single bond 

(—) is long and weak. 
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Assessment 

1- Write the Lewis structure for each atom or ion: 

 a. Al   b. sodium ion   c. magnesium ion d. chloride ion  

2- Use Lewis structures to explain why each element occurs as diatomic 

molecules: 

 a. hydrogen  b. bromine  c. oxygen  d. nitrogen 

3- Write the Lewis structure for each compound: 

 a. PH3   b. SCl2   c. HI   d. CH4 

 e. NaF   f. CaO   g. SrBr2   h. K2O 

4- Determine whether a bond between each pair of atoms would be nonpolar 

covalent, polar covalent, or ionic. 

 a. Br & Br  b. C & Cl c. Mg & I  d. Sr & O 

5- Order these compounds in order of increasing carbon–carbon bond strength 

and in order of decreasing carbon–carbon bond length: 

 HC≡CH  ,  H2C═CH2  ,  H3C─CH3 
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