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Chapter 3
Chemical Reactions



Reactants Products

Chemical Equations

NaHCO3(s) + HCl(aq) →  CO2(g) +  H2O(ℓ) +  NaCl(aq)

sodium           + hydrogen              carbon      +      water        +       sodium
hydrogen carbonate     chloride                dioxide chloride

Physical states are often listed:

(g) gas (s) solid
(ℓ) liquid (aq) aqueous (dissolved in water)



Chemical Equations

NaHCO3(s) + HCl(aq) → CO2(g) +  H2O(ℓ) +  NaCl(aq)

Any equation can be interpreted as referring to the 
nanoscale or macroscale:

1 formula unit + 1 molecule → 1 molecule + 1 molecule + 1 form. unit
4 form. units + 4 molecules → 4 molecules + 4 molecules + 4 form. units

NA form. units + NA molecules → NA molecules + NA molecules + NA form. units
1 mol + 1 mol → 1 mol + 1 mol + 1 mol



Chemical Equations

NaHCO3(s) + HCl(aq) → CO2(g) +  H2O(ℓ) + NaCl(aq)

“Mass is neither created nor destroyed in an ordinary 
chemical reaction”

Na 1 0 → 0 0 1
H 1 1 → 0 2 0
C 1 0 → 1 0 0
O 3 0 → 2 1 0
Cl 0 1 → 0 0 1

Atoms must balance have equal total numbers on each 
side of the equation:



Balancing Chemical Equations

A simple list of each reactant converting to single 
product molecules is usually unbalanced.
The stoichiometry must be adjusted.

Stoichiometry
The relationship between the number of reactant and 
product molecules in a chemical equation.

H2(g) + Cl2(g) → 2 HCl(g)

Stoichiometric coefficient



Balancing Chemical Equations

1. Write an unbalanced equation with correct 
formulas for all substances.

2. Balance the atoms of one of the elements.
i. Start with the most complex molecule.
ii. Change the stoichiometric coefficients.
iii. Do NOT alter the chemical formulas.

3. Balance the remaining elements.



step 2      Al    +  Fe2O3 →     Al2O3 +  2 Fe
1 Al     (2Fe + 3O) (2Al + 3O)    2Fe

Balance : Al + Fe2O3  → Al2O3 + Fe

not balanced
not balanced

balanced
not balanced

step 3   2 Al   +  Fe2O3 →    Al2O3 +  2 Fe
2Al      (2Fe + 3O) (2Al + 3O)    2Fe

step 1      Al    +  Fe2O3 →    Al2O3 + Fe              
1 Al     (2Fe + 3O) (2Al + 3O)    1Fe

Balancing Chemical Equations

balance Fe 
from Fe2O3



Balancing Chemical Equations

Balance C and N in C2H8N2 first:
C2H8N2 +  N2O4 → N2 +  4 H2O +  2 CO2
2C + 8H + 4N + 4O 2N + 8H + 8O + 2C

Still not balanced.  Adjust N and O

Combustion of rocket fuel:
C2H8N2 +  N2O4 → N2 +  H2O +  CO2
2C + 8H + 4N + 4O 2N + 2H + 3O + 1C

C2H8N2 + 2 N2O4 → 3 N2 +  4 H2O +  2 CO2

Not
balanced

Balanced



2 NaNO3(s) + H2SO4(aq) → Na2SO4(aq) + HNO3(aq)
2Na + 2NO3 + 2H + SO4 2Na + SO4 + H + NO3

Balancing Chemical Equations
Polyatomic ion on both sides of an equation?
• Balance as “units”.

NaNO3(s) + H2SO4(aq) → Na2SO4(aq) + HNO3(aq)
Na + NO3 + 2H + SO4 2Na + SO4 + H + NO3

2 NaNO3(s) + H2SO4(aq) → Na2SO4(aq) + 2 HNO3(aq)
2Na + 2NO3 +  2H + SO4 2Na + SO4 +    2H + 2NO3

Balance Na

Balance H & NO3



Ionic Compounds in Aqueous Solution
The ions in an ionic crystal dissociate:

NaCl(aq) → Na+(aq)  +  Cl-(aq)



Electrolytes
Ionic compounds dissolved in water are electrolytes
• the solution conducts electricity:



Electrolytes
Two categories:
• strong electrolytes – the compound completely 

dissociates
• Weak electrolytes – the compound partially 

dissociates

Solubility rules are useful to decide which ionic 
compounds dissolve in water



ALL
• Ammonium and group 1A (Na+, K+… and NH4

+ salts)
• Nitrates (NO3

-)
• Acetates (CH3COO-)
• Chlorates (ClO3

-)
• Perchlorates (ClO4

-)

MOST
• Chlorides, bromides and iodides

 (not: AgX, Hg2X2, and PbX2 ; X = Cl-, Br-, I-).

• Sulfates (SO4
2-)

 (not: CaSO4, SrSO4, BaSO4, and  PbSO4)

Soluble Ionic Compounds



Insoluble Ionic Compounds

Insoluble Salts
Phosphates (PO4

3-)
Carbonates (CO3

2-)
Chromates (CrO4

2-)
Oxalates (C2O4

2-) 
Sulfides (S2-)

 MgS, CaS & BaS are slightly soluble.

Hydroxides (OH-)
 Sr(OH)2, Ba(OH)2 & Ca(OH)2 are slightly soluble.

Remember ALL group 1A & NH4
+ salts are soluble



Precipitation Reactions
One or more insoluble products form from soluble 
reactants

Precipitate

Pb(NO3)2(aq) + K2CrO4(aq) → 2 KNO3(aq) + PbCrO4(s)

These are exchange reactions.



Precipitation Reactions
You must know the solubility rules:

Ca(NO3)2(aq) + Li2SO4(aq) → CaSO4(s) + 2 LiNO3(aq)

Insoluble
SO4

2- = usually soluble
(Ca2+ is an exception)

An aqueous solution of sodium chloride is added 
dropwise to an aqueous barium nitrate solution.  
Will a precipitate form?

Soluble
NO3

- = soluble
Grp 1A = soluble



Possible products?  The positive and negative ions 
can exchange partners:

Precipitation Reactions
NaCl(aq) + AgNO3(aq) → precipitate?

• NaNO3
• AgCl

Is either “product” insoluble?

Yes.  AgCl – A precipitate forms:

NaCl(aq) + AgNO3(aq) → AgCl(s) + NaNO3(aq)



Net Ionic Equations
Soluble ionic compounds fully dissociate in water:

AgNO3(aq) → Ag+(aq) +  NO3
-(aq)

KCl(aq) →  K+(aq) + Cl-(aq)

On mixing:
Ag+(aq) + NO3

-(aq) + K+(aq) + Cl-(aq) →      
AgCl(s) + K+(aq) + NO3

-(aq)

K+ and NO3
- appear on both sides

 NO3
- and K+ are spectator ions.

 They are not directly involved in the reaction.

Net ionic equation:   Ag+(aq) + Cl-(aq) → AgCl(s)



Net Ionic Equations

General rules:

1. Write a balanced equation.

2. Dissociate soluble compounds.

3. Write the complete ionic equation.

4. Cancel ions appearing on both sides (spectators).

5. Check the charges are balanced.



Net Ionic Equations

(NH4)2S(aq) + Hg(NO3)2(aq) → HgS + NH4NO3

Aqueous solutions of (NH4)2S and Hg(NO3)2 react to 
give HgS and NH4NO3.

(a) Write the overall balanced equation
(b) Name each compound
(c) Write the net ionic equation

(NH4)2S(aq) + Hg(NO3)2(aq) → HgS + 2 NH4NO3

Balanced

Not balanced



(NH4)2S(aq) + Hg(NO3)2(aq) → HgS  +  2 NH4NO3 

(b) Name each compound
ammonium sulfide mercury(II) sulfide
mercury(II) nitrate ammonium nitrate

Net Ionic Equations

Insoluble
S2- = insoluble

(except 1A, 2A, NH4
+)

Soluble
NH4

+ = soluble
NO3

- = soluble



Net Ionic Equations
(c) Write a net ionic equation
(NH4)2S(aq) + Hg(NO3)2(aq) → HgS(s) + 2NH4NO3(aq)

2 NH4
+(aq) + S2-(aq) + Hg2+(aq) + 2 NO3

-(aq) →
HgS(s)  + 2 NH4

+(aq) +  2 NO3
-(aq)

S2-(aq) + Hg2+(aq)  → HgS(s)



Acids
Increase the concentration of H+ ions in water.

• Protons (H+) always combine with water to form 
H3O+ (hydronium ion) and some larger clusters

• Sour tasting.
• Change the color of pigments (indicators)
 Litmus, phenolphthalein…

Most acids are molecular compounds (not ionic), but 
ionize in water – split into positive and negative ions.

H3O+



Acids
Strong acids completely ionize (>99%) in water 
(strong electrolytes).

Weak acids partially ionize (weak electrolytes).

• Hydrochloric acid (HCl) ≈ 100% ionized in H2O
• Very few HCl molecules exist in solution.

HCl(aq) → H+(aq) + Cl-(aq)

• Acetic acid (CH3COOH) is 5% ionized in H2O.
• 95% intact.

CH3COOH(aq) H+(aq) + CH3COO-(aq)



Bases
Increase the concentration of OH- (hydroxide ion) in 
water.  Bases:

Bases can be “strong” or “weak”.
NaOH(s) Na+(aq) +  OH-(aq)     strongH2O

NH3(aq) + H2O(ℓ) NH4
+(aq) + OH-(aq)     weak

• Counteract an acid (neutralize an acid).
• Change an indicator’s color (phenolphthalein…).
• Have a bitter taste.
• Feel slippery.



Common Acids & Bases
Strong Bases
LiOH Lithium hydroxide
NaOH Sodium hydroxide
KOH Potassium hydroxide
Ca(OH)2 Calcium hydroxide
Ba(OH)2 Barium hydroxide
Sr(OH)2 Strontium hydroxide

Weak Acids
HF Hydrofluoric acid
H3PO4 Phosphoric acid
CH3COOH Acetic acid
H2CO3 Carbonic acid
HCN Hydrocyanic acid
HCOOH Formic acid
C6H5COOH Benzoic acid

Strong Acids
HCl Hydrochloric acid
HBr Hydrobromic acid
HI Hydroiodic acid
HNO3 Nitric acid
H2SO4 Sulfuric acid
HClO4 Perchloric acid

Weak Bases
NH3 Ammonia
CH3NH2 Methylamine



Neutralization Reactions

acid + base  salt + water

HX(aq) + MOH(aq)  →  MX(aq) + H2O(ℓ)

HBr(aq) + KOH(aq) → KBr(aq) + H2O(ℓ)

H3PO4(aq) + 3 NaOH(aq) →  Na3PO4(aq) + 3 H2O(ℓ)

salt = ionic compound made from an acid anion and 
base cation.

Neutralizations are exchange reactions.

Salt



Net Ionic Equations for Acid-Base Reactions

Strong Acid + Strong Base
Overall:          HX(aq) + MOH(aq) → MX(aq) + H2O(ℓ)

Full ionic:
H+(aq) + X-(aq) + M+(aq) + OH-(aq) →

M+(aq) + X-(aq) + H2O(ℓ)

Net ionic:

H+(aq) + OH-(aq)  → H2O(ℓ)



Weak Acid + Strong Base
Similar:       HA(aq) + MOH(aq) → MA(aq) + H2O(ℓ)

but the weak-acid remains (mostly) undissociated:

Full ionic
HA(aq) + M+(aq) + OH-(aq) → 

M+(aq) +  A-(aq) + H2O(ℓ)

Net ionic:

Net Ionic Equations for Acid-Base Reactions

HA(aq) + OH-(aq)  → A-(aq) + H2O(ℓ)



Gas-Forming Reactions

Metal carbonate + acid
CaCO3(s) + 2 HCl(aq) → CaCl2(aq) + H2O(ℓ) + CO2(g)

Net ionic:
CaCO3(s) + 2 H+(aq) → Ca2+(aq) + H2O(ℓ) + CO2(g)

Tums®

Exchange reactions can often form a molecular gas:



Gas-Forming Reactions
Metal sulfite + acid

Na2SO3(aq) + 2 HCl(aq) → 2 NaCl(aq) + H2O(ℓ) +SO2(g)

Net ionic: SO3
2-(aq) + 2 H+(aq) → H2O(ℓ) + SO2(g)

Metal sulfide + acid
Na2S(aq) + 2 HCl(aq) → 2 NaCl(aq) + H2S(g)

Net ionic: S2-(aq) + 2 H+(aq) → H2S(g)



Oxidation-Reduction Reactions

Oxidation
Originally: add oxygen.

2 Mg(s)  + O2(g)  →  2 MgO(s)
2 CO(g) + O2(g) →  2 CO2(g)

Mg and CO are oxidized.
O2 is the oxidizing agent for both.

Compound causing
the oxidation

Mg(s) burning in air



Oxidation-Reduction Reactions

Reduction
• Originally: reduce ore to metal.
• reverse of oxidation.

CuO(s) + H2(g)  →  Cu(s) + H2O
SnO2(s) + 2 C(s)  →  Sn(s) + 2 CO(g)

CuO and SnO2 are reduced.
H2 and C are the reducing agents

Compound causing
the reduction

C → CO (oxidation)
SnO2 = ox. agent

H2 → H2O (oxidation)
CuO = ox. agent



Oxidation-Reduction Reactions

In all cases:
If a species is oxidized, another must be 

reduced.
Oxidation-reduction = redox.
Redox reactions move e-.

Here:
• Ag+ is reduced.
• Reduction = gain of e- (so, loss of e- = oxidation)

2 Ag+(aq) + Cu(s)  → 2 Ag(s) + Cu2+(aq)
+2 e-

-2 e-

Copper wire…

…in AgNO3



Redox Reactions & Electron Transfer

Loss of electrons is oxidation
Gain of electrons is reduction

Leo says ger

Oxidation is loss
Reduction is gain

Oil rig



M is a reducing agent X is an oxidizing agent

M X

e-

M loses electron(s) X gains electron(s)

M is oxidized X is reduced

Oxidation-Reduction & Electron Transfer



Common Oxidizing & Reducing Agents

Oxidizing Agent Reaction Product
O2 (oxygen) O2- (oxide ion)
H2O2 (hydrogen peroxide) H2O(ℓ)
F2, Cl2, Br2, I2 (halogen) F-, Cl-, Br-, I- (halide ion)
HNO3 (nitric acid) Nitrogen oxides (NO, NO2…)
Cr2O7

2- (dichromate ion) Cr3+ (chromium(III) ion)
MnO4

- (permanganate ion) Mn2+ (manganese(II) ion)

Reducing Agent Reaction Product
H2 (hydrogen) H+ or H2O
C CO and CO2

M (metal: Na, K, Fe …) Mn+ (Na+, K+, Fe3+…)



Oxidation Numbers & Electron Transfer
Oxidation number (Ox)
Compares the charge of an uncombined atom with its
apparent charge in a compound.

Rules:
 Pure element: Ox = 0. 
Monatomic ion: Ox = charge of ion.
 Sum of Ox of all atoms = compound charge.
Ox is often constant for certain elements…



‘Constant’ Oxidation Numbers

Atom Ox Exceptions
F -1 none

Group 1A +1 very rare
Group 2A +2 very rare

H +1 rare; metal hydrides MH
O -2 rare; metal peroxides MO2

Cl -1
Br -1 interhalogens; halogen oxides
I -1

st
ro

ng
er

 ru
le

Includes 
H2O2

NaH
Ox(H) = -1

“highest” = -1 O = -2



Oxidation Numbers

Determine the oxidation numbers for P2O5.

Ox(O) = -2

2 Ox(P) + 5 Ox(O) = 0

2 Ox(P) + 5(-2) = 0

Ox(P) = 10/2 = +5

P2O5
Charge

Not MO2 or OXn



Oxidation Numbers
Find ox. numbers for all elements in SO3

2- and H2PO4
-

SO3
2- Ox(O) = -2

Ox(S) + 3 Ox(O) = -2
Ox(S) + 3(-2) = -2

Ox(S) = +4

Ion charge

H2PO4
- Ox(O) = -2; Ox(H) = +1

2 Ox(H) + Ox(P) + 4 Ox(O) = -1
2(+1) + Ox(P) + 4(-2) = -1

Ox(P) = +5



Compound Known Unknown
SO2 O = -2 S = +4
SO4

2- O = -2 S = +4
NH4

+ H = +1 N = +3
NO2

- O = -2 N = +3
NO3

- O = -2 N = +5
OF2 F = -1 O = +2
ClF5 F = -1 Cl = +5
KMnO4               K = +1, O = -2 Mn = +7
H2O2 H = +1 O = -1

Oxidation Numbers



Oxidation Numbers & Electron Transfer
Ox always change during redox reactions:

Increase Ox = Oxidation
Decrease Ox = Reduction

It’s a redox reaction if: element → compound
or: compound → element

S8(s)   +  8 O2(g)   →  8 SO2(g)
Ox(S) : 0 → +4 (oxidized: lost e- ; increased Ox)
Ox(O) : 0 → -2 (reduced: gained e- ;  decreased Ox)



A more complex example:

Cu(s)+4H+(aq)+2NO3
-(aq) → Cu2+(aq)+2NO2(g)+2H2O(ℓ)

0 +2+1 +1 -2+4 -2+5 -2

Cu is oxidized (Ox ↑; loss of e-).

H is unchanged.

O is unchanged.

N is reduced (Ox ↓; gain of e-).

Oxidation Numbers & Electron Transfer



Pb(NO3)2(aq) + 2 K2CrO4(aq)  2 KNO3(aq) + PbCrO4(s)

Exchange reactions are not redox – no change in 
oxidation state occurs.

+2 +2+1 +1

Oxidation Numbers & Electron Transfer



Disproportionation
One reactant is oxidized and reduced:

Oxidation Numbers & Electron Transfer

Cl2(g)  +  H2O(ℓ)  H+(aq)  +  Cl-(aq)  +  HOCl(aq)
0 +1+1 +1-2 -1 +1 -2

Cl2 acts as a reducing and an oxidizing agent!

reduction

oxidation



0           +2  +2 0

Fe(s) + CuSO4(aq)  →  FeSO4(aq) + Cu(s)
0               +1  +2 0

Cu(s) + 2 AgNO3(aq) → Cu(NO3)2(aq) + 2 Ag(s)

Not all metals can displace another from its salts:
Cu(s) + ZnSO4(aq) no reaction

An activity series was developed…

Oxidation Numbers & Electron Transfer

Redox:
A                 XZ AZ X

+ +



Displace H2 from steam or 
acid

Displace H2 from H2O(ℓ), 
steam or acid

Displace H2 from acid

No reaction with H2O, 
steam or acid

Activity Series of Metals

Sb
Cu
Hg
Ag
Pd
Pt
Au

Li
K
Ba
Sr
Ca
Na

Mg
Al
Mn
Zn
Cr

Fe
Ni
Sn
Pb

H2

Ease of
oxidation

decreases



Activity Series of Metals
Powerful reducing agents at the top.

Higher elements displace lower ones:
Zn(s) + CuSO4(aq) → ZnSO4(aq) + Cu(s)
Mg(s) + 2 HCl(aq)  → MgCl2(aq) + H2(g)

Metals at the bottom are unreactive.
• Coinage metals
• Their ions are powerful oxidizing agents.

Sb
Cu
:

Ag
:

Au

Li
K
:
:

Na
Mg
:

Zn
Cr

Fe
:

Pb

H2



Activity Series of Metals



N2O4(g) + 2 N2H4(g)               3 N2(g) +   4 H2O(g)

The Mole & Chemical Reactions

Mole ratios:  
2 mol N2H4

4 mol H2O
=1

3 mol N2

1 mol N2O4
=1

1 mole of N2O4 reacts with 2 moles of N2H4

2 moles of N2H4 produce 3 moles of N2

1 mol N2O4 ≡ 2 mol N2H4

2 mol N2H4 ≡ 4 mol H2O  etc.



The Mole & Chemical Reactions
How many moles of oxygen gas and solid sulfur (S8) are 
produced when 10.0 moles of sulfur trioxide gas 
decompose?

Stoichiometric ratios:
8 SO2 ≡ 1 S8 8 SO3 ≡ 12 O2

Write an unbalanced equation:
SO3(g)   →   S8(s)  + O2(g)

Balance it:
8 SO3(g)   →   S8(s)  + 12 O2(g)



The Mole & Chemical Reactions
Moles of S8 and O2 from 10 mol SO3? 8 SO3(g)   →   S8(s)  + 12 O2(g)

nO2
= 10.0 mol SO3 = 1.25 mol S8

1 mol S8
8 mol SO3

8 SO3 ≡  1 S8

nO2
= 10.0 mol SO3 = 15.0 mol O2

12 mol O2
8 mol SO3

8 SO3 ≡ 12 O2

Abbreviation for 
“number of moles”



The Mole & Chemical Reactions

Mass of
A

Mass of
B

Moles of
A

Moles of
B

Use molar 
mass of A

Use molar 
mass of B

Use mole ratio
y/x

Mass of product(s) can be calculated from mass of 
reactant(s):

For: x A → y B



The Mole & Chemical Reactions
What mass of O2 and Br2 is produced by the reaction 
of 25.0 g of TiO2 with excess BrF3?

Notes:
Check the equation is balanced!

Stoichiometric ratios:
3 TiO2 ≡ 3 O2 ; 3 TiO2 ≡ 2 Br2 etc.

Excess BrF3 (enough BrF3 to react all the TiO2).

3 TiO2(s) + 4 BrF3(ℓ) → 3 TiF4(s) + 2 Br2(ℓ) + 3 O2(g)



=  25.0 g x = 0.3130 mol TiO2
1 mol

79.88 g

nTiO2
=  mass TiO2 /  molar mass TiO2

The Mole & Chemical Reactions
Mass of O2 and Br2 from 25.0g of TiO2 and excess BrF3?

3 TiO2(s) + 4 BrF3(ℓ) →  3 TiF4(s) + 2 Br2(ℓ) + 3 O2(g)

nO2
= 0.3130 mol TiO2 = 0.3130 mol O2

3 mol O2
3 mol TiO2

3 TiO2 ≡  3 O2

massO2
= 10.0 g

massO2
= nO2

MO2
= 0.3130 mol 32.00 g

1 mol



nBr2 = 0.3130 mol TiO2 = 0.2087 mol Br2
2 Br2

3 TiO2

massBr2 = 0.2087 mol =  33.4 g Br2
159.81 g
mol Br2

The Mole & Chemical Reactions
Mass of O2 and Br2 from 25.0g of TiO2 and excess BrF3?

3 TiO2(s) + 4 BrF3(ℓ) →  3 TiF4(s) + 2 Br2(ℓ) + 3 O2(g)

2 Br2 ≡ 3 TiO2



The Mole & Chemical Reactions
The purity of Mg can be found using the reaction…

Mg(s)  +  2 HCl(aq) →  MgCl2(aq) + H2(g)
Calculate the % Mg in a 1.72-g sample that produced 
6.46 g of MgCl2 when reacted with excess HCl.

More difficult – What should you calculate? 
How much pure Mg will make 6.46 g of  MgCl2?
Express as a % of the original mass.



Practice Problem 4.8

Mg  +2 HCl →  MgCl2 + H2

FW of MgCl2 = 24.31 + 2(35.45) = 95.21 g/mol

nMgCl2 = 6.46 g MgCl2 = 0.06785 mol MgCl2
1 mol

95.21 g

nMg required = 0.06785 mol MgCl2
1 Mg

1 MgCl2

= 0.06785 mol of pure Mg

% Mg in 1.72 g that produced 6.46 g of MgCl2 (excess HCl).



Practice Problem 4.8

Calculate mass of pure Mg needed (massMg)

1.649 g
1.72 g

Given 1.72 g of impure Mg.

Purity (as mass %) = x 100% = 95.9 %

% Mg in 1.72 g that produced 6.46 g of MgCl2 (excess HCl).

massMg = 0.06785 mol Mg = 1.649 g24.31 g
1 mol



Limiting Reactant

Given 10 slices of cheese and 14 slices 
of bread.  How many sandwiches can 
you make?

Balanced equation
1 cheese   +   2 bread 1 sandwich

1 cheese ≡ 2 bread
1 cheese ≡ 1 sandwich
2 bread ≡ 1 sandwich 



Limiting Reactant
Two methods can be used:

Mass Method
Calculate the same product from each reactant.
• Reactant producing the smallest amount is limiting.

10 cheese x = 10 sandwiches1 sandwich
1 cheese

14 bread x = 7 sandwiches1 sandwich
2 bread

Correct
answer

Limiting
(Used up first)

mass or moles



Bread is limiting…
…base all other calculations on the limiting reactant.

Excess cheese = 10 – 7 = 3 slices

Limiting Reactant

Sandwiches made
14 bread x = 7 sandwiches1 sandwich

2 bread

Cheese remaining

14 bread x = 7 cheese used1 cheese
2 bread

Initially Used



Limiting Reactant
Mole Ratio Method
Calculate the amount (mol) of two reactants and then 
their mole ratio. If:

actual < theoretical: numerator reactant is limiting.
actual > theoretical: numerator reactant is in excess. 

Example
If 374 g of NH3 and 768 g of O2 are mixed, what mass 
of NO will form?

4 NH3(g) +  5 O2(g)  →  4 NO(g) + 6 H2O(g)



Limiting Reactant
374 g NH3 + 768 g O2, massNO formed? 4 NH3 + 5 O2 → 4 NO + 6 H2O

nNH3
= 374 g = 21.96 mol1 mol

17.03 g

nO2
= 768g = 24.00 mol1 mol

32.00 g

Balanced?  Yes

Mole ratio of reactants

nO2
nNH3

24.00
21.96actual = 1.093 5

4theoretical = 1.25

actual < theo.
O2 is limiting



massNO = 19.20 mol = 576 g

O2 is limiting. Base all calculations on O2.

4 NH3(g) +  5 O2(g)  → 4 NO(g) + 6 H2O(g)

Limiting Reactant
Mass of NO formed? 

30.01g
1 mol 

excess 24.00 mol ?

nNO = 24.00 mol O2 = 19.20 mol4 NO
5 O2



How much water will be produced by the combustion of 
25.0 g of H2 in the presence of 100. g of O2?

Write a balanced equation:

nH2
= 25.0 g = 12.40  mol H2

1 mol H2
2.016 g 

2 H2(g)  +  O2(g)  →   2 H2O(ℓ)

nO2
= 100. g = 3.125  mol O2

1 mol O2
32.00 g 

Limiting Reactant



Limiting Reactant
2 H2 +  O2 →    2 H2O

n 12.40 3.125

Use O2 in all calculations.

Mass Method
From H2 nH2O = 12.40 mol H2                    = 12.40 mol2H2O

2H2

From O2 nH2O = 3.125 mol O2                    = 6.250 mol2H2O
1O2

massH2O = 6.250 mol H2O                = 113. g18.02 g
1 mol

Smaller amount
O2 is limiting

Larger amount.
Excess H2



2 H2 +  O2 →    2 H2O
Moles available:     12.40 3.125

Mole Ratio Method

Limiting Reactant

H2O made:
3.125 mol O2                     = 6.250 mol H2O = 113. g

2 H2O
1 O2

nO2
nH2

3.125
12.40actual = 0.252 1

2theoretical = 0.5

actual < theo.
O2 is limiting



Limiting Reactant
What mass of MgI2 is made by the reaction of 75.0 g 
of Mg with 75.0 g of I2? 

Mg  +  I2 → MgI2

Balanced? YES

nMg = 75.0g/(24.31 g mol-1) = 3.085 mol
nI2 = 75.0g/(253.9 g mol-1) = 0.2955 mol

limiting
(1Mg ≡ 1I2)

0.2955 mol I2 → 0.2955 mol  MgI2

1Mg ≡ 1MgI2

278.2 g
1 mol 

massMgI2 = 0.2955 mol = 82.2 g



Percent Yield
Theoretical yield
The amount of product predicted by stoichiometry.

Actual yield
The quantity of desired product actually obtained.

Percent yield

% yield =                                x 100%
Actual yield

Theoretical yield



Percent Yield
Few chemical reactions have 100% yield.

Possible reasons

Side reactions may produce undesired product(s).

Product loss during isolation and purification.

Incomplete reaction due to poor mixing or reaching 
equilibrium…



Percent Yield
2.50 g of copper heated with an excess of sulfur made 
2.53 g of copper(I) sulfide

16 Cu(s) + S8(s) → 8 Cu2S(s)
What was the percent yield for this reaction?

nCu used: = 0.03934 mol Cu 1 mol
63.55g2.50 g

Theoretical yield
16 Cu ≡ 8 Cu2S

0.03934 mol Cu = 0.01967 mol Cu2S
8 Cu2S
16 Cu



Percent Yield
2.50 g Cu + S8 (excesss) made 2.53 g Cu2S…   What was the %-yield?

Theoretical yield (0.01967 mol Cu2S)

159.2 g
1 mol

= 0.01967 mol Cu2S = 3.131 g Cu2S

Actual yield = 2.53 g Cu2S (in problem)

Percent yield =               x 100% = 80.8%2.53 g
3.131 g



Atom Economy
Examines the fate of all starting-material atoms.

Sum the mass of all reactant atoms (∑Mi,reactants) and the 
mass of useful product atom(s) (∑Mi,useful prods):

High atom economy = low waste production

Ideal reaction: high % yield & high % atom economy.

∑Mi,useful prods 
∑Mi,reactants

Atom economy =



Composition & Empirical Formulas
Combustion analysis can be used to determine the 
empirical formula for organic compounds:

C and H are converted to CO2 & H2O.
• Both are trapped and the weight gain measured.
• Other elements (e.g. O) can be found by mass difference.

H2O
absorber

Mg(ClO4)2

CO2
absorber

NaOH

O2
Sample in
a furnace

massO = masssample – massC – massH



massC = 0.658 g C
or

Composition & Empirical Formulas
Butyric acid contains C, H & O only. If 1.20 g is burned 
in O2, 2.41 g CO2 and 0.982 g H2O form.  Determine its 
empirical and molecular formulas. M = 88.10 g mol-1

1 mol C
1 mol CO2

2.41 g CO2
1 mol CO2

44.01 g CO2

12.01 g C
1 mol C

massC = 2.41 g CO2 = 0.658 g C
12.01 g C

44.01 g CO2

massH = 0.982 g H2O = 0.110 g H
2.016 g H

18.02 g H2O

2 H in H2O



Composition & Empirical Formulas
Combustion of 1.20 g butyric acid gave 2.41 g CO2 and 0.982 g H2O

massO = masssample – massC – massH

= 1.20 g – 0.658 g – 0.110 g 
= 0.432 g

= 0.109 mol H0.110 g H
1.008 g/mol

Convert to moles:
= 0.0548 mol C0.658 g C

12.01 g/mol

= 0.0270 mol O0. 432 g O
16.00 g/mol



Composition & Empirical Formulas
Find the mole ratio (divide by smallest…):

C 0.0548 / 0.0270   = 2.03
H 0.109 / 0.0270     = 4.03
O 0.0270 / 0.0270   = 1.00

Close to 2 : 4 : 1  (C : H : O)

Empirical formula is C2H4O



Composition & Empirical Formulas

Empirical mass = 2(12) + 4(1) + 1(16) g = 44 g

Molar mass = 88.10 g 

Molar mass ≈ 2 x (empirical mass)

Butyric acid has the molecular formula C4H8O2

…butyric acid contains C, H & O only…    … molar mass of butyric acid is 
88.10 g/mol, find its empirical and molecular formula.

Empirical formula = C2H4O



Solution Concentration

Relative amounts of solute and solvent.

There are several concentration units.
Most important to chemists: Molarity

 solute – substance dissolved.
 solvent – substance doing the dissolving.



Molarity = nsolute
Vsolution(in L)

• V of solution not solvent.

mol/L units

Brackets [ ] represent 
“molarity of ” 

• Shorthand:  IUPAC c(solute) = 5.12 M

commonly seen [solute] = 5.12 M

Molarity

M ≡ mol/L



Molarity
36.0 g of sodium sulfate are dissolved in enough water 
to make 750.0 mL of solution. Calculate the molarity of 
the Na2SO4.

nNa2SO4
=  36.0 g

142.0 g/mol
= 0.2534 mol

c(Na2SO4) =
0.2534 mol
0.7500 L

c(Na2SO4) = 0.338 mol/L = 0.338 M

Unit change!
mL → L



Molarity
6.37 g of Al(NO3)3 are dissolved to make a 250. mL 
aqueous solution.  Calculate (a) c(Al(NO3)3) (b) c(Al3+) 
and c(NO3

-).

(a) Al(NO3)3  molar mass = 26.98 + 3(14.00) + 9(16.00)

nAl(NO3)3
= = 2.991 x 10-2 mol6.37 g

213.0 g/mol

g
mol

= 213.0

c(Al(NO3)3) = = 0.120 M2.991 x 10-2 mol
0.250 L



Molarity
6.37 g of Al(NO3)3 in a 250. mL solution.  (a) c(Al(NO3)3)? (b) c(Al3+) and c(NO3

-)?

(b) Molarity of Al3+ , NO3
-?   

Al(NO3)3(aq)   →   Al3+(aq) +  3 NO3
-(aq)

c(Al3+) = 0.120 M Al(NO3)3 = 0.120 M Al3+1 Al3+

1 Al(NO3)3

c(NO3
-) = 0.120 M Al(NO3)3 = 0.360 M NO3

-3 NO3
-

1 Al(NO3)3

1 Al(NO3)3 ≡ 1 Al3+

1 Al(NO3)3 ≡ 3 NO3
-



Solution Preparation

Solutions are prepared either by:

1. Dissolving a measured amount of solute and 
diluting to a fixed volume.

or…

2. Diluting a more concentrated solution.



Solution Preparation from Pure Solute
Prepare a 0.5000 M solution of KMNO4 (potassium 
permanganate) in a 250.0 mL volumetric flask.

Mass of KMnO4 required
nKMnO4

= c(KMnO4) x V
= 0.5000 M  x 0.2500 L   (M ≡ mol/L)
= 0.1250 mol

massKMnO4
= 0.1250 mol x 158.03 g/mol
= 19.75 g



Solution Preparation from Pure Solute

1. Weigh exactly 19.75 g of pure KMnO4. Transfer to a 
volumetric flask.

2. Rinse all solid from the weighing dish into the flask.
3. Fill the flask ≈ ⅓ full
4. Swirl to dissolve the solid
5. Fill the flask to the mark on the neck.
6. Shake to thoroughly mix



Solution Preparation by Dilution

cconcVconc = amount of solute = cdilVdil

Example
Commercial concentrated sulfuric acid is 17.8 M.  If 
75.0 mL of this acid is diluted to 1.00 L, what is the 
final concentration of the acid?

cconc = 17.8 M Vconc = 75.0 mL
cdil = ? Vdil = 1000. mL

cdil = =cconcVconc
Vdil

17.8 M x 75.0 mL
1000. mL

= 1.34 M



nA = c(A) x V

c(product) = nproduct / (total volume).

Stoichiometry in Aqueous Solution

Mass
A

Mass
B

Amount
A

Amount
B

Volume
B solutionVolume

A solution

Use molar 
mass of A

Use molar 
mass of B

Use solution 
molarity of A

Use solution 
molarity of B

Use mole ratio



FeCl3(aq) + 3 NaOH(aq) → 3 NaCl (aq) + Fe(OH)3(s)

Stoichiometry in Aqueous Solution

nNaOH = 0.0500 L x 0.453 mol/L = 0.02265 mol

25.0 mL of 0.234 M FeCl3 and 50.0 mL of 0.453 M 
NaOH are mixed. Which reactant is limiting? How many 
moles of Fe(OH)3 will form?

nFeCl3 = 0.0250 L x 0.234 mol/L = 0.005850 mol



0.00585 mol FeCl3 = 0.00585 mol Fe(OH)3
1 Fe(OH)3

1 FeCl3

Molarity & Reactions in Aqueous Solution

0.02265 mol NaOH = 0.00755 mol Fe(OH)3
1 Fe(OH)3
3 NaOH

FeCl3 is limiting;  0.00585 mol Fe(OH)3 produced.

FeCl3(aq) + 3 NaOH(aq) → 3 NaCl (aq) + Fe(OH)3(s)
0.005850 mol 0.01925 mol nFe(OH)3 ?



Stoichiometry in Aqueous Solution
A 4.554 g mixture of oxalic acid, H2C2O4 and NaCl was 
neutralized by 29.58 mL of 0.550M NaOH. What was 
the weight % of oxalic acid in the mixture?

H2C2O4(aq) + 2 NaOH(aq)  →  Na2C2O4(aq) + 2 H2O(ℓ)

nNaOH = 0.02958 L x 0.550 mol/L = 0.01627 mol

nacid = 0.01627 mol NaOH 

= 8.135 x10-3 mol

1 H2C2O4
2 NaOH

1 H2C2O4 ≡ 2 NaOH



Mass of acid consumed, massacid

= 8.135 x10-3 mol x (90.04 g/mol acid)
= 0.7324 g

= 16.08%

Stoichiometry in Aqueous Solution
A 4.554 g H2C2O4 / NaCl mixture … Wt % of oxalic acid in the mixture?

Weight % = x 100%
massacid

sample mass

Weight %  = x 100%0.7324 g
4.554 g



Titrations in Aqueous Solution
Titration = volume-based method used to determine an 
unknown concentration.

Standard solution (known concentration) is added to a 
solution of unknown concentration.
 Monitor the volume added.

 Add until equivalence is reached – stoichiometrically 
equal moles of reactants added.

 A color change (an indicator may be necessary) monitors 
the end point.

Often used to determine acid or base concentrations.



Buret = volumetric glassware used for titrations.

Slowly add standard solution until the end point is 
seen. Vtitrant and the known c(titrant) and Vunknown allow 
calculation of c(unknown).

Titrations in Aqueous Solution



Titrations in Aqueous Solution
29.5 mL of 0.100 M H2SO4 was required to neutralize 
25.0 mL NaOH. What was the NaOH concentration?

H2SO4(aq)  +  2 NaOH(aq)  →  Na2SO4(aq) + 2 H2O(ℓ)

nNaOH = 2.95 x 10-3 mol 2 NaOH
1 H2SO4

= 5.90 x 10-3 mol

= 2.95 x 10-3 molnH2SO4
= 0.0295 L 0.100 mol

L

5.90 x 10-3 mol
0.0250Lc(NaOH) = = 0.236 M


