Chemistry Unit 6
Primary reference: CHEMISTRY, Addison-Wesley

Topic Essential Knowledge Study Support
Atomic Electronegativity is the measure of an atom’s attraction for electrons in a bond. Electronegativity Ch 14: Read
Structure increases across a period toward the halogens and decreases down a group. The most electronegative p. 405
2.6 atom is fluorine. The least electronegative element (excluding noble gases) is Francium, Fr. :
SOL 2f
Nomencla | Exothermic reactions release heat whereas endothermic reactions absorb heat. Heat of reaction is [ Ch 11: Read
ture, the amount of energy absorbed or released during a chemical change. pp. 303-304
Formulas, | Exothermic reactions have a negative AHnn, whereas endothermic reactions have a positive AHp. '
and Y Examples of writing an exothermic reaction equation are: )
Reactions

CH4 + 20, » CO, + 2H5 + 890 kJ
3.6 or

Ch 16: Read

CH, + 20, -» CO, + 2H,0, AH,,,, = -890 ki/mol pp. 460-466
gg";d' Polar covalent bonds form between elements with very different electronegativities. The more
’ electronegative atom will attract the electrons more strongly and this will result in it having a slight negative
charge. The less electronegative atom then takes on a slight positive charge. A non-polar covalent bonds
form between atoms of similar electronegativities,
A polar molecule has unequally distributed electrons around the central atom. This is caused by
unsymmetrical polar bonds or a lone pair on the central atom. The positive end of the molecule has a
positive dipole and the negative end has a negative dipole. Polar molecules have dipole-dipole
intermolecular attractions as well as London dispersion intermolecular attractions. Non-polar molecules
only have London dispersion
intermolecular attractions. EXOTHERMIC activated Molecules
with O-H, N-H or F-H bonds have complex intermolecular Ch 19: Read
hydrogen bonding attractions. Pp. 533-538.
Kinetics is the study of reaction rates. Reaction rates
increase with increased temperature, increased
reactant concentration, increased surface area
and the use of a catalyst. Activation energy is the
minimum energy needed to initiate a products  reaction.
High activation energies correspond to slow reaction
rates. Catalysts speed up reactions reaction pathway rates by
decreasing the activation energy. Potential energy diagrams are used to analyze reaction energy changes.
Molar Stoichiometry can be combined with heat of reaction, AH, to calculate the amount of heat produced from
Relationsh | a known amount of reactant.
ips
4.6
Phases of | Forces of attraction (intermolecular forces) between molecules determine their state of matter at a given Ch 10: Read
Matter zempsratwe. 'Fcirfces of attraction include hydrogen bonding, dipole-dipole attraction, and London dispersion pp. 269-280
van der Waals) forces.
;:‘: etic Vapor pressure is the pressure of the vapor found directly above a liquid in a dosed container. When the | and Pp. 284-
vapor pressure equals the atmospheric pressure, a liquid boils. Volatile liquids have high vapor pressures, | 286.
Molecular weak intermolecular forces, and low boiling points. Nonvolatile liquids have low vapor pressures, strong
Theory intermolecular forces and high boiling points. Sublimation is the phase change from solid to gas without
5.6 passing through the liquid phase. A substance’s triple point, is the pressure and temperature conditions
where all three phases coexist in dynamic equilibrium.
SOL 5b, The following mathematical relationship between the pressure, volume and temperature of a
5¢, 5d gas is used to describe the behavior of gases:

E;‘?/; = BV,

that

[PV = nRT]

They are R = 8.314 L'kPa/molK and R = 0.0821 L'atm/mol'K

mixture equals the total pressure of the gas mixture.

Piota = Pa+ P + PJ and NA/Ntgta) = Pa/Protg) = Va/Vigeel
Graham'’s Law says gas molecules with the lightest mass travel fastest.

1
An Ideal Gas does not exist, but this concept is used to model gas behavior. A Real Gas exists,
has intermolecular forces and particle volume, and can change states. The Ideal Gas Law states

R is the ideal gas law constant and has two values depending on the pressure units.

Dalton'’s Law of Partial Pressures says the sum of the partial pressures of all the components in a gas

Ch 12: Read
pp. 350-353.
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Unit 6 Objectives
Chemistry, Addison-Wesley, 2002

Endothermic and Exothermic Reactions
A) Classifying Reactions
B) Stoichiometry and Calculating Heats of Reaction
Intermolecular Forces (IMFs)
A) Polar bonds
B) Polar molecules
C) Intermolecular Attractions and Physical Properties
1) Intermolecular forces
(a) London Dispersion forces
(b) Dipole-Dipole attractions
(c) Intermolecular Hydrogen bonding
2) Effect of Intermolecular Forces on Physical properties
3) Comparing molecular and ionic compounds
Phase Changes and Intermolecular Forces (IMFs)
A) Kinetic Energy, Particle Velocity, and Kelvins
B) Kinetic Energy and Liquids
1) Vapor pressure
2) Boiling points and atmospheric pressure
C) Kinetic Energy and Solids
D) Phase Changes and Phase Diagrams
Gas Laws: Combined, Ideal, Dalton’s Law and Graham's Law
Reaction Rates
A) Collision Theory
B) Potential Energy Diagrams
1) Activation Energy
2) Catalysts

(SOL) Learning Objective

1

2
3.
4.
5
6
7.

8.
9.

10.
11.
12.
13.

14.
15.
16.

17.
18.
19.
20.
21.
22.

23.
24.

(3e) Identify a reaction as endothermic or exothermic based on its thermochemical equation and/or sign of AH.

(4b) Calculate the heat change of a reaction using stoichiometry and heats of reaction.

(2f) Compare the electronegativity of two elements based on their position on the periodic table.
(3d)Compare relative bond polarity based on the two elements position on the periodic table.

(3d) Use VSEPR theory and electronegativity to identify polar and non-polar molecules.

(5d) Identify and compare the three types of intermolecular forces (dipole interaction, hydrogen bonding,
London dispersion (van der Waals) forces)

(5d) Predict the relative melting and boiling points of molecular and ionic substances based on intermolecular
forces.

(5d) Explain the relationship between kinetic energy and temperature

(5d) Interpret a graph of percent molecules vs kinetic energy

(5b) Explain why real gases condense whereas ideal gases do not condense using IMFs and kinetic energy.
(5b) interpret vapor pressure graphs.

(5d) Explain what happens as a solid melts using IMFs and kinetic energy.

(5d) Explain the relationship between a substance’s vapor pressure and boiling point and the strength of the
substance’s IMFs.

(5d)Interpret the effect of temperature and pressure on states of matter using a phase diagram.

(5d)ldentify the triple point on a phase diagram and identify which states of matter exist at the triple point.
(5d) Indentify phase changes on a phase diagram of water including fusion, solidification, vaporization,
condensation and sublimation.

(5b) Solve gas law problems using the Combined Gas Law and the Ideal Gas Law.

(5b) Explain the difference between a real gas and an ideal gas.

(5b) Predict when a gas will behave most ideally.

(5b)Use Dalton’s Law to calculate partial pressures

(5b) Use Graham's Law to compare rates of effusion and diffusion of two gases

(3f) Draw a reaction’s potential energy diagram with axes labeled, and AH, activation energy, product energy,
reactant energy, transition state, and catalyst shift clearly identified for exothermic and endothermic reactions.
(3f) Explain how a catalyst increases reaction rate.

(3f)ldentify and explain the effect the following factors have on the rate of a chemical reaction: (catalyst,
temperature, concentration, and reactant particle size).
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Chapter 11 Part 2: Endothermic and Exothermic Reactions

Classifying Reactions as Endothermic or Exothermic OV\)
[ 2]
Exothermic Reactions C ) . Z E
L/

Endothermic Reactions

Heat of Reaction, AHreaction is the heat absorbed or released by a reaction.
¥ w T-
+ AHon v Cnton XD ¥ =
Thermochemical Equations \ ﬂ& . éon . . bJ:‘" w /
hg ot A+ 300KF=s 2D + C

There are two general ways they’re written. Both are acceptable:

Heat as a Product (exo) or Reactant (endo): A— + 8 _; C -+ 20 K T

Heat shown as a change in Enthalpy (AH) . A + B —-) C AH =-20 KT

-AH means heat is lost (exothermlc)
+AH means heat was absorbed (endothermic)

Example one"CH, + 20, }C’Oz +—éH20-‘E 890.4 kJ soaH=__ —¥90.Y KT
e (hm/—dfcombms-/"on>

Olwyn

Potential Energy Diagram

€x0hemi
e
E AH= -Ca0.UkS
Reactants > Products
The system (. g& as¢ Aﬁr E«ﬁ’)ﬂf: AU CL heat so AH is negative/positive.

| ——c

The reaction is endotherml exothermic?” D)

SO R
Law of Conservation of Energy: /‘W ﬁ f |
E bf

——

2 /1
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 Energy =__ \NORK r by ‘HEA'T+ QO“W"\\O‘ Enmg
Gasoline = 1\9"0{'@ + Hea'\— + C()? .-u?_O

Example Two: -
@N‘é’ﬁ?@@) +129 m3(s) +Hy0(g) + COxg)” 50 AH= i\?ﬂ @
QQLG(“Q&

2 o0f4

Nva(63 , HaD,
g (02
AY

Joules

- NaH(03

5! 3 ﬁ . Reactants > Products

5/ L( C I he system) QbSOYb 94\ heat so AH is negative/positive.

C. Heat of Reaction Calculations (Thermal Stoichiometry)

Example 1:

R CH
How many kilojoules of ener§9 are produced by burning 821 grams of mechne with excess
oxygen?(Ans =45
CH4 + 20, > CO, + 2H,0 + 890.4 kJ

%2 y M ?40. . |
— beow f ,@MW:K

O\{’Q How manf oxygen would be consumed @ produce 122 kJ of heat in the below
/ reaction?(Ans = 6.14 L)

890.4 kJ + CHy + 202 - CO; + 2H.0

2207, L maler, ﬁi@




O\/ 0 3of4
Solving Heat of Reaction Problems —_

Treat heat (in J or kJ) the same as any reactant or product in a chemical equation

1. How much heat is produced by the reaction of 25.7.g. of Ca0 in the equation below? (Ans = 29.9 kJ)
Ca0 (s) + H,0 () - Ca(OH), (s) + 65.2kJ

2. How many grams of NaHCO; are needed to react completely when 980 kJ of heat are used in the
equation below? (Ans = 1300 g)

2NaHCO;3; + 129kJ — Na,CO; + H,0 + CO,

3. Using the same equation, how man

y kJ of heat must be used to produce 55.7 liters of CO, at STP?(Ans
= 321 kJ)

2NaHCO; — Na,CO; + H,0 + CO, AHp, = +129 kJ/mol
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Comparing Endothermic and Exothermic Reactions

Endothermic Reactions
The reaction Q a "/\ S heat

Example of endothermic reaction

Exothermic Reactions

The reaction \ 0666 heat

\]

Example of exothermic reaction

A+ 8-> A+ heat ¢D+heat>C + D

Potential Energy vs. Reaction Path for Endothermic

Potential Energy vs. Reaction Path for
Reactions

Exothermic Reactions

e
H
~

N

i

An endothermic reaction has a net

An exothermic reaction has a net
> B

AH e
In endothermic reactions, the product’s energy is

Enecgy (7)

In exothermic reactions, the product’s energy is

\
l S LA[:Q N thanthe reactant’s energy \I\ \ \a)\/\@( than the reactant’s energy

Word bank: positive, releases, negative, absorbs, lower, higher

EA = A—C%WJ(‘\CN\ Ew@vgj
AH = amt of e/n&rgj los‘Hﬂo«WJ



Chapter 16: Polar Bonds and Polar Molecules and Tntermolecular Forces
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Electronegativity: T@IC{Q}’}GM G’F an 0\7LZJI/V7 ’/Z) /fhc'\l?u

or akhack e -

A. Non-Polar and Polar Covalent Bonds
1) ovalent bonds: atoms share bonding electrons equally.

DeAw
Example: Cl,

e~

N S Example: HCl -

dipde Qve

3) Electron sharing based on electronegativit

- N\

- ( —>
8¥ less mowe
EN % £N

differences.

a) more electronegative atom attracts the electrons more closely and acquires a slight

negative charge.

b) less electronegative atom then acquires a slight positive charge.
c) unequal sharing creates “polarized” bonds with opposite charggs.

d) Two ways to show polarity in s

lower case greek deltas:

N

Uarpank
L}

s § [ A M
ral fo as. > “
C : g \ e %
)\ M ; ; Ye u’ E f 5 > o}‘.‘ '
[ AT VA Wi \/
0

slashed arrows :

The type of bond'depends on electronegativity differences between the atoms

Electronegativity Guideline: Type of M Example (electronegativity
Difference Bond 7~ N difference)

0.0-0.4 —pNon-polar Covalent C-HinCHs 7. G-2.| = /O L{
04-20 —pPolar Covalent HF [_'l O-— Z I = ? K
>2.0 ==lonic NaCl 20 - 09 =7

\m +Nm

Is the bond polar, non-polar or ionic?

C=0in CO,? & ,
"25-35[= 1.0

Si-H in SiH, ’|Q 2.1 j" =3 NPC

C-Fin CF,4

|2.5-uo|=15| PC

N-Clin NCI f,r -0 | NPC

KCI |2 ~ A c]

N rf, | - ) - )
J*OO1 - ( « & .I
A

| ".Y'A
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Answer this question without looking at the table on the previous page.

. g
Which bond is most polar; C-N o@;@

B: POLAR MOLECULES |

Polar Molecules: One end of the molecule is slightly-regative, and one end is slightly
positive. 6 Q ! + >

Dipole: a molecule with two poles (one negative, one positive or 8-, 0+)

| What makes a A molecule is polar if the electrons are pulled to one side of the

molecule polar? molecule. The molecule is lopsided (assymetrical).

Determining if a molecule is polar.

1. Draw the Lewis structure
2. Determine the molecular geometry
3. Look for lone pairs on central atom (automatically polar)
4. Are there polar bonds?
5. If yes, are the polar bonds unsymmetrical in 3-D around the molecule’s center?
Molecule | Lewis Structure and Geometry Polar or Non Polar
CcoO

(o‘-\'

C=0: | Poee

CO,
@

SO;

e

* .

v R * Has 2 polar
- M,H,w-_§ v
o R

-lw,ﬁ'm op Fos(le.(eqval

Q‘%ﬁ.
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Moéec;:ule Polar or Non Polar
Qo\()f
4 7
WO N
R

Which molecule is most polar: HCI or HI?
+—>
H-Cl Vs H-T
Which molecule is most polar; CO, o
€O = lbve S0, =\fve

Nanpdar RO} 00\01

Vv
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. INTERMOLECULAR FORCES _ \N\r | |

Intermolecular Forces are attractions between moldcules due to three forces

+ London Dispersion Forces (weakest) temporary attractions between molecules due to
Qﬂ( 0\\ temporary dipoles caused by shifting electron clouds. Dispersion forces are reater in

\\‘Q more massive,molecules with larger electron clouds” and
W S larger atoms/molecules have stronger L DF because they have more
/“Yd/ ‘more e~
‘(“6\\
(Mg @c:>® @ i +ku£

) (\oued

4 Uneven distribution Instantaneous  Induced dipole
@C\l’l 3\M ofg_lectrons:n Bet t;i::Ie on neighbo':ing He ﬁ \_ADUF-HA l\ﬂ&s CQV\ Ao

;= = Yok BIGLER = STENGER

ole attraction: polar molecules are attracted to each other (like magnets).
W DV The positive dipole of one molecule is attracted to the negative dipole of another.

These occur when molecules have uneven distribution of electrons due to electronegative
elements (like N, O, CI, F, Br, etc.).

Example- HCI molebules
% S+H C 87 = @

« n\:\fé{—' h ave_ POl a( m O\QW(‘(.‘fa) Attraction (b) Attraction
—+>

A«S . Intermolecular Hydrogen bonding: hydrogen that is covalently bondedtoa very =~
\)\)w“ electronegative atom is also weakly bonded to the unshared pair of another

\)(7)( electronegative atom.
0»‘.0’ 3 Swg H-Bonding only occurs when an molecule ha4ﬂ F i H-O \o H- bonds.

Why these three atoms specifically? \ MQ$+_
5@ ,9? X =N
&+ O &+
: \“Y H/" ~ H =
. . . &
H'—F‘ -+ hydrogen /3" ,.«O\
. LAI- bond k.

,E\ % ocGurs. che,am H

AN Othr |




MO@(Shamger (IMF —> havdor 4o <ompr

0 M{\)o;wﬂ

As intermolecular forces (IMF)‘increaseg (meaning gets stronger), the melting and
boiling points increase because more kinetic energy is needed to overcome the IMFs
between molecules.

4. Intermolecular Forces and Molecular Physical Properties

An Analysis of the Halogens and their Physical States: \Ll Ve

The Halogens are Diatomic: L7
(Lewis diagram->) . v
R 1 G
-G X . :

SN U ; .
\ L
+ all pure X3 (halw ave NON-POLAR
Are pure diatomic halogen elements polar? Explain & draw dipole vectors & partial charges.
Nol 1
What is the only IMF that all non-polar things can do?

o\l non-pola”
Halogen (?)

MQL@LMaSi (X2) State at Room Temp.

......... 1 =22 ) ol na S
| B | Resogel QAo !i;“(
O~—> |

Y

Cl Cl, =704 31%'

Clo

s

6( Grz=\5q.59lmf \(5' |

b

1| T 2354 solid

K LDF nceases as size
T




Comparing lonic and Covalent Compounds
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Characteristic | lonic Compound Molecular Compound
bond formation TRA,NSFER o - 5HP€QE e~
Na N SARI =0
pesol | Metal (cohw) , ’
compound - N=metal (GM\'OWB NOV\ "VVLQJrO\ S
Physic(::al state : \
= SoLID | AN
i D()w‘d)‘(
Melting point
\0
H GH AF \(Q\ \\3 yonahl >
= nduck | Do, NoT Candoct
alecns elgctrici “Q@Ur iy (nsulghod)
- (Usvaly)y" ﬁ

> 1
N\ 2~ 1
e\ \ i le
{ AL \V{ O\AAN =
Bl

Sana oy, Somgnng - ca
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Chapter 10 Kinetic Theory, IMFs, and Phase Changes

Kinetic Molecular Theory: The tiny particles in all forms of matter are in constant YYIo‘h 6N

I Kinetic Energy and Kelvin temperature scale S—? L=> Q
A) Temperature measures average kinetic energy frH et
100
3 Intermediate Energy 3
3 .~ Molecules ]
@ 2
° / =}
g ,
o . g
O | Low Epergy ' sy 2
£ | Molegules \, High Energy 3
@ /a ./ Molecules ‘
5 |/ N :
i E \\
o , . »
0 Kinetic Energy more ~————$ Energy

Kﬁ"""'MV@’ energy

o=

e ——

B) Gas particle’ sﬁ;lnetlc energyulncreasesé{a\s \l 0 l(]CA “"ll\ (‘h Uféa SQA

| e S ——— |

C) Kelvin Temperature scale is _QMQ "QJ 0 ﬁ U P>

(jj-Q, 7.73? |<= O -« \/ ,\é O{E

Il.Kinetic Energy and Liquids
Intermolecular forces (between molecules) hold partlcles together in solid or liquid phases.

Kinetic energy keeps the molecules moving but not with enough energy to overcome the

IMFs. ~ @

Evaporation, Vapor Pressure and Temperature
vaporation: PW]% f \/I(J /\% ’@M @%m g
—

o+ Ho non — bm(ma OO\

PN

o




o Particles with enough kinetic energy to overcome intermolecular forces escape into
gas phase
« Evaporation rate increases as temperature increases

| o o cade’ s

(G’Q f é wat el s
s
Wk ‘ \‘ & :
> Energy

Evaporation in a closed container produces vapor pressure.

Increasing temperature increases vapor pressure over a liquid until a dynamic equilibrium
is reached.

Boiling Point of a Liquid (open container) (( ¢ é(\\\e’

Boiling Point: rgAm? @ &Aﬁ\/\l‘b‘n AL Damd,w 0’(“&55

M\Q\M/ suffivieat KMM\L ongnay to

leave. O-5G)
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A) Boiling point changes as external pressure changes/

Vapor Pressure of three liquids

A odm =700

B~ f/'\\l 7’ : i
V' G
A b
/ { "

/‘//
A

~1

A 4

20 40 60 80
Temperature (°C)

1oo

lll.Kinetic Energy and Solids
i

120

Ctowv)
tmm H (Novmal)

f W ,
® = nomal (€SSU R Narme
: ; 001 ,'hj "
What is the vapgl%;raegsdquo nqwd Aat omf
20°C?_
L

ip‘ A ! ,':. 1 i

LB i

Which liquid represents water?

What is the boiling point of B when the
external pressure is 400 mmHg?

Which liquid is most vola@ﬂ‘ M%@

Which liquid has the strongest intermolecular

forces? %

How hot does water need to be to boil at 11_)“

mmHg?
/'a; *\' 0

What will be the boiling point of water on
‘Pike’s Peak (elevation = 14,000 ft,
atmospheric pressure = 640 mmHg)?

“q3°C

o)

o

Mi melting point: T QMD 6)

Qan ea‘S\'(uv
D)

which — ALL (Padg(_@
310 Arom ()

sublimation: ‘H\Q. @ }_;@ plaa% (: prs Ll(i' )

Examples:

COx(s) — CQa(g)

e sSS
————

l2(s) — 12(g)

7
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IV. Phase Changes and Phase Diagrams
Phase Changes and terms

tells qom He,

O SHalé (phase)
24 of ANY Sulstance
. § @ MY g
N
\Aww\é —a CnHaal P T
SoN éﬂ:’ Ponn‘\'*
L& G are .,
o M‘A{smyts\mm [T
| )go\\l\i\/, W ‘r%é:’;ﬁ::peraturg%% el Lna g T et
@‘“ﬁQ (,i\ 0°C  oe°C
N:) ConsStant ‘\CNV\P = 1Sotermic
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Phase Diagrams

A phase diagram is a graphical way to depict the effects of pressure and temperature on the phase of a substance:

The CURVES indicate the conditions of temperature and pressure under which “equilibrium” between different
phases of a substance can exist. BOTH phases exist on these lines:

Frr S Melting/Freezing: Any boint on this line (pressure & temperature)
I Liqmd
L M the substance is both solid and liquid
®

\ critical ;Joiﬁt Sublimation/Deposition: Any point on this line (pressure &
temperature) the substance is both solid and gas

Vaporization/Condensation: Any point on this line (pressure &
sation temperature) the substance is both liquid and gas

Pressure
£
H%g‘

EIi ‘ ’«.._ﬁ_ triple pount NOTE: the vapor pressure curve ends at the critical point, the
S yhon temperature above which the gas cannot be liquefied no matter how
position Gas much pressure is applied (the kinetic energy simply is too great for
attractive forces to overcome). Any substance beyond this critical

point is called a superecritical fluid - indistinguishable between gas
Temperature or liquid (neither one)

\j

The TRIPLE POINT is the condition of temperature and pressure where ALL THREE phases exist in equilibrium (solid, liquid, gas)

Remember that pressure can be expressed in many units where: 1 atm = 101.3 kpa = 760 mmHg = 760 torr = 14.7 psi

Refer to the phase diagram below when answering the questions. |
NOTE: “Normal’ refers to STP — Standard Temperatyre and Pressure. A_ - B
— 'f\/\“’:l‘d\ﬂ 7 Solid .

>

2.00 e fus |, than Vap .
175 | . B%A

o L oo &
R e\ cond dhen Sdid.

]
125 (L } i ,9\ :

‘g‘ 2% | [~ .
=1.001. @ |3 - /}K e >’®
075 g+ ‘ "

Y.

LI

1.50

\

Pressure {(atmospheres)

(=]
N
(=]

N gl
0251 '
q /0.00KZ - H
cubl S8 .8%58/s88zszz8;¢
M ' Te;ntlaermllre“:;ieuf ees C)
1) What are the values for temperature and pressure at STP? T= , P=

2) What is the normal freezing point of this substance?

«

3) What is the normal boiling point of this substance?



4) What is the normal melting point of this substance?

5) What is the phase (s, |, g) of a substance at 2.0 atm and 100 °C? S

6) What is the phase (s, |, g) of a substance at 0.75 atm and 100 °C? L

7) What is the phase (s, |, g) of a substance at 0.5 atm and 100 °C?

8) What is the phase (s, |, g) of a substance at 1.5 atm and 50 °C?

9) What is the phase (s, |, g) of a substance at 1.5 atm and 200 °C?

10) What is the phase (s, |, g) of a substance at 1.5 atm and 800 °C?

11) What is the condition of the triple point of this substance? T= , P=

= P 1, SBK

12) If a quantity of this substance was at an initial pressure of 1.25 atm and a temperature of 300°C

\Wmﬁas lowered to a pressure of 0.25 azf'm, what phase transition(s) would occur? \ 1 O\D

13) If a quantity of this substance was at an initial pressure of 1.25 atm and a temperature o} o°c

was lowered to a pressure of 0.25 atm, what phase transition(s) would occur?

14) If a quantity of this substance was at an initial pressure of 1.0 atm and a temperature of 200°C
was lowered to a temperature of -200° C, what phase transition(s) would occur?

15) If a quantity of this substance was at an initial pressure of 0.5 atm and a temperature of 200° C

was lowered to a temperature of -200° C, what phase transition(s) would occur?

16) If this substance was at a pressure of 2.0 atm, at what temperature would it melt?

17) If this substance was at a pressure of 2.0 atm, at what temperature would it boil?

18) If this substance was at a pressure of 0.75 atm, at what temperature would it melt?
19) If this substance was at a pressure of 0.75 atm, at what temperature would it boil?

critical ﬁ'&‘{'
20) At what temperature do the gas and liquid phases become indistingui om each other?

21) At what pressure would it be possible to find this substance in the gas, liquid, and solid phase?

22) If | had a quantity of this substance at a pressure of 1.00 atm and a temperature of -100° C, what
phase change(s) would occur if | increased the temperature to 600° C? At what temperature(s)
would they occur? (NOTE: multiple answers needed for this question)

2)
%) If | had a quantity of this substance at a pressure of 2.00 atm and a temperature of -1 50° C, what
phase change(s) would occur if | decreased the pressure to 0.25 atm? At what pressure(s)
\\“ ~would they occur? (NOTE: multiple answers needed for this question)

>
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Chapter 12 Dalton’s Law and Graham’s Law
Mixtures of Gases: Dalton’s Law of Partial Pressure
Z the Suee, to 4 <inde 998
M A mixvre of qases.
2 Verbally: At constant pressure and temperature, the total pressure exerted by a mixture

Partial Pressure:

of gases is equal to the sum of the partial pressures of the component gases.

Math Equation: ?" = PA + PB + PC oo &
Porhul yresiwn

bial P
Example 1: What is the-partial pressure of oxygen in air at STPA101.3 kPa) if Py, = 79.1

kPa, Pco, = 0.040 kPa and P = 0.94 kPa?
T =

03 =71+ +0.000 + 0.9Y

o Bz 21.22 KPa

Example 2: A sample of oxygen gas is collected over water at 20.°C. The vapor pressure

vater at 20.°C is 15 mm Hg.) If thedtotal pressure is 420 mm Hg; what is the partial

Variants of Dalton’s Law 1 , e . POz =40 5 e [
Twi»..m . —--;. —

moIeA = Pa | = %VA
rno'eTotaI \ PTotal = 100 %VTotal

Ny
e

"Ndw,ﬂr: 1:.-»—“"" m— - k:..‘« = e ST . — .
Example 1] A tank contains 6.0 moles of a mixture of hydrogen, helium, and nitrogen at 102 )
kPa.  If there are 2.0 moles of hydrogen in the tank;what is the partial pressure of hydrogen?>

Bl WL B 20ml_Ba /%
24 N2 ol Total D 6.6 Mol 102
e ——

(o,ow\

Example 2: A gas cylinder contains 8.0 moles of argon, 2.0 moles of nitrogen, and 2.0 moles
of oxygen at 600. mmHg. What is the partial pressure of nitrogerg in the cylinder?(Ans = 1.0 x

102 H V 4 .
m;m " D ‘/ — Py
~— v- o v
Ar& '

sz.f‘ .
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Example 3: A mixture of gases with a pressure of 950 mm Hg contains 20% hydrogen and
80% neon by volume. What is the partial pressure of neon gas in the mixture?(Ans = 760
mmHg)

0% Ne _ Pue
297 | 100% 50

Pe = 760 mmilg

Example 4: In a mixture of oxygen and nitrogen gas, 70.0 percent of the total gas pressure is

exerted by the nitrogen. If the total pressure is 150 kPa, what pressure does oxygen
exert‘7 Ans = 45 kPa)

‘ —«(v-m'}\oo% Q“EO\}O SO> = Hﬁ KPO\?’

0% C/— (@)
/ \ /

Graham’s Law of Effusion (") L 2\ M

Diffusion G\GS 'D(A/ ‘h s Mave, ’ﬁU\lV) Paig |

WGH  to LOw  canemhabiglf | = (o7
/alusmn Gas m/’\\‘CU.A Mmoo .‘.Pa e - s
“\N ‘: Effusion ‘.'/ el
Yo o Wdw Z<LIGHT gases (]l = [ 4%

move. YASTEST - T

olowr mass
ﬁ f( Graham'’s Law Verbally: Gas molecules with thellightest massitravel fastest.

Graham'’s Law Equation:

N KE=Zmy™ (=

5

2 N [m | | T ?//ﬁ

F \ mass \>-

£ M

o e R TS v Cly
Speed v FAS'\’ {’AST SLOW

Which gas will escg;&slowest from a tiny hole in a balloon; He C3H8 o( 3(@_?

e O] R
A‘( ' \’?P‘;\// L\\,\g\wb' ‘£> O)V‘!Q"
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Partial Pressures Practice (Lee) NDB->

kv

1) Argon, oxygen, and nitrogen are mixed together and pressurized in a tank. Po; is 155
kPa, Pnz is 415 kPa, and Py, is 285 kPa.
a. What is the total pressure of the gas mixture?

P—r = PO‘L+ 'FNQ "'PN"

b. Whatis the % 02?7

0, B9 02 — _ 1554 -
100 “o BSOS Kba
L\ L c. What is the % N2?

et BN (03

2) The total pressure in a tank is 1200.0 mmHg. Krypton has a partial pressure (Pkr) of
680.0 m , and methane has a partial pressure that is half that of krypton. The third
gas in the container is chlorine. _
a. Calculate the partial pressures of each gas with units: 200 = Pg( R 'lz'_PK v -+ Pq

Pcha g L( O mm Hg
Pk b% O mmi o
Pai, m

b. Determine the % volume of each gas:
%o, LS Y
% Kr
% CHa

3) A highly pressurized (46.2.atm) mixture of gases contains a total of 330. moles of gases.
The technologist who created the mixture added fluorine, chlorine, helium, and
hydrogen. Twice as many moles of helium were present than fluoriné: [hree times as_
many moles of ‘ichlo‘cine:were added than fluorine, and the half as many moles of
hydrogen were added as fluorine.

a. Set up an algebraic equation using variables that expresses the situation above.

230 =2% + 5B + 0.5x + X
W | wd

D% Cl _ 15O mmHy
lOOQc .= 200 Mh-llj

He C'\z. F
. 330 = 6.5x
b. Determine the number of moles of each gas. _
oxX = mol F = 50.77 mol o [01.54 = mol He

® 523 md > U~

c. Determine the partial pressures of each gas. Use proper notation. (Example: To

express the partial pressure of X, write Py) 4
o 2 1\
Mol Fo _ Pn 5617 _ Pn * Vg7
m————————— P L s

total mo P 330 Ypz



[100.3 KPa | (:Zozb Pq |

Earth

4) A certain planet was discovered whose atmospherlfc':“gomposmon was 70% CO2, 20% O,

O+

(02

and 7% Ha, and 3% He. The atmospheric air pressure on the planet was determined to

be twice that of normal atmospheric pressure on Earth. Calculate the partial pressure of
each gas‘

lin
-\l 0
e

10% C02 _ P.-
\0 0 202.6 KPe

5) 15.0 g of nitrogen gas, and 15.0 grams of chlorine gas were added to a container that

exists at STP..
1) o\)ﬁm (39 N2} 153611
rooti U 3P

a. What is the number of moles of nitrogen in the container? O 636 (7 Oi N 8

\sa N | mol
_—é’TM?: A 7%-0 j Nz +

- " r
b. What is the number of moles of chlorine in the container? O e ‘ éi’} W?{) | ’L( 2

15 QU’LK ol

/ ”3@“93(,

- ¢. How many total moles of gas are in the container

| mol N2 Pne S 0.5%¢_ Puz
d. Whatis the Py inkPa? _tofalmiol —  dotal @~ 7 0147 o3

Yaz= 1277 Po

mol (Lo _ e, Cory
e. Whatisthe PopinkPa?  dobwl L P

@, =2Lb.b K
/
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Graham’s Law of Effusion (Applied Quantitative Practice)

Graham’s Law can be derived from thf equation for kinetic energy K9 =MV )
eaause

b
Derivation:@EE_A: KEE % —Mﬂie the, Same "@W\P(“
TV tyZ=am
OKEN= 2ma Bl KEqr tMevi

® JiY“AVAZ =

7
© Va__ Mg

Vet My Vs M A FNALN\ YOt g
Graham’s Law (final equation) starts that lighter gases move more quickly i ses in an
inverse square proportion. (According to kinetic theory, when the same amount of energy is available
to different bodies with different masses, they will move at inverse square velocities relative to each
other.) A fundamental assumption when using Graham'’s Law of Effusion is that the gases have the
same amount of energy... so they're at the same temperature on the Kelvin scale. Their difference
in average velocity (aka: rate, speed...) is due to mass difference.
Analogy: A 60-kg girl eats 2 eggs and 3 slices of bacon. A 150 kg sumo wrestler eats the same thing.
The girl will run faster because she’s smaller, even though they had the same breakfast (energy).

Myerse - Squire  rélahomsh.p

Graham's Law of Effusion

Mo _ | MM,

(e MM,

!

Tips for Use:

Hoavver gas as “B (or “2")

Worked Example 1: The average velocity of oxygen olecules will be faster than the average
velocity of chlorine olecules because oxygen has a smaller molar mass. What is the relative
rate (speed) of oxygen molecules to chlorine molecules if they are at the same temperature? (i.e.,
how many times faster will molecules of oxygen move?) /)

Qle D [ MMs | _ 03

D4 s | .49 e
fasles




Part 1: Determine which ,gas will effuse or move fastest, and determine how many times faster it
T qwo .
moves. v 2.0%)

u.o
1) Hzvs. HeK.

220 g/Wd’
2) O vs. Ne &— 20-0 glmal

0 3|M°'

3) CH4vs. NCl;

4) Ammonia vs. Hydrogen Sulfide (H2S)

' 0\(/0 Xenon vs. Argon

V2D guo-0

Part 2: Determine which gas effuse or move slowest, and determine how many times slower it moves.

6) Oxygen vs. chlorine

7) Sulfur dioxide vs. methane

8) Laughing gas (dinitrogen monoxide) vs. carbon monoxide
9) Sulfur Hexafluoride vs. carbon tetrafluoride

10)Silane (SiH4) vs. hydrogen

Part 3 (Advanced): Determining the molar mass of an unknown gas; or identifying the gas by
calculating the molar mass from relative rates.

11) A sample ofIhydrogen gageffuse through a porous containeA 9 times fastea than an unknown

gas. Estimate the molar mass of the unknown gas. Would is reasonable to assume this gas is
<silicon. tetraﬂu@ Explain and justify your answer using mathematics and complete

sentences.
A _ | MM,
| 2.0 A

A, 0
MMB:\Q)Z.g/Mo\




oND g0 wls fate 4V

12)At a certairrﬁpérature, hydrogen molecules move at an average velocity of{1.84 x 10° m/s.
Estimate thefmolar mass of a ga® whose molecules have an average velocity of 311 m/s v

(ot ’*‘W—ﬁ} MMt (540 mls l
e rarwa o = - = MMg
fode B N Mmyy 20 /s 2.0

e ——

0 13)Nitrogen gas (N,) effuses at a rate 2:17 faster than an-unknown no

Oy gas

14)A sample of Bry(g) take 10.0 min to effuse from one side of a room that is 86 feet long. How

Y % long would it take the same amount of Ar(g) to effuse the same distance?
Dl
7~ I>(/

(©  19) Explain why carbon monoxide and nitrogen effuse at néarly the same rate. Use complete
\\‘ - sentences and justify your answer.

~/

)




- _ —

———

Chapter 19 Part 1: Reaction Rates
http://www.wwnorton.com/college/chemistry/gilbert/index/site_map.htm

Reactlon rates are measured as mol/time units.

©A. Collision Theory: A’"\’()Mﬁ 9( M(\U,(M(R,S Wlﬂ V€a<”/

on\y Whaaw ’H/\LU\ hawe. ey\wa\nTmau\ L Correc

r—\

Reaction Coordinate Diagram for Exothermlc Process (forward dlrectlon) [ oY (‘2 f l
| (]
Collision Theory —

Chapter 11: Thermochemistry

——
& g
3 oy 3
- )
—— [
A Lndotherm WSHES
nE
Reactants - Products Reactants > Products
ivati E = A iv M\ MmO %4 I '?‘ /7 1, r,,; 7‘;
Activation/Energy: A= pCnvanvn ’_ Y\V A é’ w st | Y\ U7
=N\ 5 LA J
reeded TACT XV
72 Activation Complex: \ N DL 1 N1

B. Factérs Influencing Reaction Rate

»

fo
1. Temperature /“ IY\O(@OSQ T@N‘? SPQQ(LS up XN (W\QU"

2. Concentration ¢ NOreoL COﬂCQV\MhOW (@{H\I/( MOL ARITY
o PRESSURE)
3. Particle Size

Srallyr parhtles ceat Laster .

4. Catalysts

SPQ@&S up XN bfﬁ LOWEEING act.en.

A (En)
Page 1 0of 4 &




Catalyst Effect on Reaction Path Why do catalysts increase reaction rate?

Examples: Catalytic Convertors Q_

@

Joules

Reactants > Products

Interpret the following potential energy diagrams

| Reaction 1 Reaction 2
400
2 300
50
; ok >
Time Reaction coordinate
A->B
y A+B->c
1. Which reaction is endothermic? !
—>2. What s the activation energy of Reaction 121250 KT
3. Whatis the AHpq of reaction 12+ -0 |
4. What is the activation energy of reaction 2? A ( 00 K3J
P :
5. What is the AHx, of reaction 2? L.
/ -
6. Sketch the effect of a catalyst on both reactions O Vixe "t

7. Does a catalyst effect the AH,?

Page 2 of 4



Biologically (in terms of biochemistry), U/\ ZU\ I/V\,,w are catalysts.

How are they usually used? ?BEEA'K giﬁAF( déj/\“n oV
B\}\ LD o Uup )

is the process by which life is

me-Aabdlisyn
! |

onaboligm Catoloolism

ﬂ-‘-‘———« (meaning “to build up”) (meaning “to break down”)
S\

Anabolic (“constructive”) processes Catabolic (“destructive”) processes

are when larger, more complex are when la&%& , COWp licalad

biomolecules are created from molecules are broken down into smaller
A 32/ ones. o C\; O || ones biomolecules.

G-0-O
Example #1: When your body is building || Example #1: RESPIRATION &
m;as(,&g __ proteins using GLYCOLYSIS: Your body breaks down
g arids : ) |_Svaacs

to produce energy, _C0, & 0.
Example #2: PHOTOSYNTHESIS

Plantsuse _H20 &_COz to Example #2: When you exercise, fats
create __ O\wo¢ — CoHi204|| are_lprokon me :
which is a |ar§er molecule.

Anabolism = Energy _ REQWIRED|| Catabolism = Energy _KELEASED
Enzymes (which are biological g%! CQ’('US\ “‘j’ ’{’
speed up reactions, but they are NOT %
LOShS tor
own MU Mg& in the reaction. U vcsctini L ons eirenens) f Actation enersy
They are 1 , which means ¢ b s

Energy

they’re made of amino acids.

————————t

- praducts

Enzymes usually end in the suffix —QSe. .

Carbohydrates often end in __— Q3§¢ :

Page 3 of 4

- Progress of eeaction ——=



Lactose Intolerance:
Lactose is a %\[ S CX,( that is found naturally in ('\ Q lV-(JA products.

People are who lactose intolerant have a difficult time breaking down the lactose molecule.

What suffix do carbohydrates often have?

—OS

If you see dextrose, maltose, or sucrose on a food
label, would you call them fat? Sugar? Or protein?

Suga(

Lactose is a 2-ring sugar. It must be b (O k.Q,Y\ by the enzyme __ | (A( 4 ase .
This will turn it into Z St Mp\l/ §vga( , Which the body can then use.

Won epithelial

(,030 O cell surface

/- Absorptmn

10 /‘;‘1——'0\ o
People who are /actose intolerant don’t have enough Iactase H :’" ! O N
H On
enzymes in their OM.{" to break down the lactose sugar. Galactose Glucose
j Lactose
‘ {Lactase
THINK: What kinds of problems result from consuming lactose with - €108
insufficient or non-existent gut lactase? N
7B
K én 5 >1 *
B 1 ' on
Other Enzymes - Research their bodily functions on your own: Hooon -
Galacloss Glucose
DNA Helicase
DNA Polymerase
Amylase

Protease (‘PRO-tee-ase”)

Lipase

Page 4 of 4
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Chemistry Unit 6
Primary reference: CHEMISTRY, Addison-Wesley

Topic Essential Knowledge Study Support
Atomic Electronegativity is the measure of an atom's attraction for electrons in a bond. Electronegativity Ch 14: Read
Structure increases across a period toward the halogens and decreases down a group. The most electronegative p. 405
2.6 atom is fluorine. The least electronegative element (excluding noble gases) is Francium, Fr. .

SOL 2f
Nomencla | Exothermic reactions release heat whereas endothermic reactions absorb heat. Heat of reaction is | Ch11: Read
ture, the amount of energy absorbed or released during a chemical change. pp. 303-304
Formulas, Exothermic reactions have a negative AHnn, whereas endothermic reactions have a positive AHpq. '
and Examples of writing an exothermic reaction‘;equatioq, are: i pe
Reactions CHy + 20|~/ CO,| 4 2Ha +890 k7 f =
3.6 2 B L o St — 7). Ch 16: Read
CHy 4 20, - |COy/+/2H,0;) AH # =890 KI/molh pp. 460-466
\e= o - p—— oo -l
ggl';d' Polar covalent bonds form between elements with very different electronegativities. The more
’ electronegative atom will attract the electrons more strongly and this will result in it having a slight negative
charge. The less electronegative atom then takes on a slight positive charge. A non-polar covalent bonds
form between atoms of similar electronegativities.
A polar molecule has unequally distributed electrons around the central atom. This is caused by
unsymmetrical polar bonds or a lone pair on the central atom. The positive end of the molecule has a
positive dipole and the negative end has a negative dipole. Polar molecules have dipole-dipole
intermolecular attractions as well as London dispersion intermolecular attractions. Non-polar molecules
only have London dispersion
intermolecular attractions. EXOTHERMIC activated Molecules
with O-H, N-H or F-H bonds have complex intermolecular .
hydrogen bonding attractions. Vactivation Ch 19: Read
potensit | | veras pp. 533-538.
Kinetics is the study of reaction rates. energy | reactants Reaction rates
increase with increased temperature, (k) increased
reactant concentration, increased surface area
and the use of a catalyst. Activation |\ energy is the
minimum energy needed to initiate a products  raaction,
High activation energies correspond to slow reaction
rates. Catalysts speed up reactions reaction pathway rates by
decreasing the activation energy. Potential energy diagrams are used to analyze reaction energy changes.
Molar Stoichiometry can be combined with heat of reaction, AHp, to calculate the amount of heat produced from
Relationsh | a known amount of reactant.
ips
4.6
Phases of | Forces of attraction (intermolecular forces) between molecules determine their state of matter at a given Ch 10: Read
Matter temperature. Forces of attraction include hydrogen bonding, dipole-dipole attraction, and London dispersion pp. 269-280
and (van der Waals) forces. d 284
Kinetic Vapor pressure is the pressure of the vapor found directly above a liquid in a closed container. When the | and pp. 284-
vapor pressure equals the atmospheric pressure, a liquid boils. Volatile liquids have high vapor pressures, | 286.
Molecular weak intermolecular forces, and low boiling points. Nonvolatile liquids have low vapor pressures, strong
Theory intermolecular forces and high boiling points. Sublimation is the phase change from solid to gas without
5.6 passing through the liquid phase. A substance’s triple point, is the pressure and temperature conditions
where all three phases coexist in dynamic equilibrium.
SOL 5b, The following mathematical relationship between the pressure, volume and temperature of a
5¢, 5d gas is used to describe the behavior of gases:

By = BV,
T, T,

An Ideal Gas does not exist, but this concept is used to model gas behavior. A Real Gas exists,
has intermolecular forces and particle volume, and can change states. The Ideal Gas Law states

that

R is the ideal gas law constant and has two values depending on the pressure units.

They are R = 8.314 L'kPa/mol'K and R = 0.0821 L'atm/mol'K

Dalton’s Law of Partial Pressures says the sum of the partial pressures of all the components in a gas

mixture equals the total pressure of the gas mixture.

IPml =Py +Ps + PH and lna[nm, = Pp/Piot = Ve[V;;I
Graham'’s Law says gas molecules with the lightest mass travel fastest.

Ch 12: Read
pp. 350-353.




Unit 6 Objectives
Chemistry, Addison-Wesley, 2002

I) Endothermic and Exothermic Reactions
A) Classifying Reactions
B) Stoichiometry and Calculating Heats of Reaction
I1) Intermolecular Forces (IMFs)
A) Polar bonds
B) Polar molecules
C) Intermolecular Attractions and Physical Properties
1) Intermolecular forces
(a) London Dispersion forces
(b) Dipole-Dipole attractions
(c) Intermolecular Hydrogen bonding
2) Effect of Intermolecular Forces on Physical properties
3) Comparing molecular and jonic compounds
Ill) Phase Changes and Intermolecular Forces (IMFs)
A) Kinetic Energy, Particle Velocity, and Kelvins
B) Kinetic Energy and Liquids
1) Vapor pressure
2) Boiling points and atmospheric pressure
C) Kinetic Energy and Solids
D) Phase Changes and Phase Diagrams
IV) Gas Laws: Combined, Ideal, Dalton’s Law and Graham’s Law
V) Reaction Rates
A) Collision Theory
B) Potential Energy Diagrams
1) Activation Energy
2) Catalysts

(SOL) Learning Objective

1. (3e) Identify a reaction as endothermic or exothermic based on its thermochemical equation and/or sign of AH.

2. (4b) Calculate the heat change of a reaction using stoichiometry and heats of reaction.

3. (2f) Compare the electronegativity of two elements based on their position on the periodic table.

4. (3d)Compare relative bond polarity based on the two elements position on the periodic table.

5. (3d) Use VSEPR theory and electronegativity to identify polar and non-polar molecules.

6. (5d) Identify and compare the three types of intermolecular forces (dipole interaction, hydrogen bonding,
London dispersion (van der Waals) forces)

7. (5d) Predict the relative melting and boiling points of molecular and ionic substances based on intermolecular
forces.

8. (5d) Explain the relationship between kinetic energy and temperature

9. (5d) Interpret a graph of percent molecules vs kinetic energy

10. (5b) Explain why real gases condense whereas ideal gases do not condense using IMFs and kinetic energy.

11. (5b) interpret vapor pressure graphs.

12. (5d) Explain what happens as a solid melts using IMFs and kinetic energy.

13. (5d) Explain the relationship between a substance’s vapor pressure and boiling point and the strength of the
substance’s IMFs.

14. (5d)Interpret the effect of temperature and pressure on states of matter using a phase diagram.

15. (5d)ldentify the triple point on a phase diagram and identify which states of matter exist at the triple point.

16. (5d) Indentify phase changes on a phase diagram of water including fusion, solidification, vaporization,
condensation and sublimation.

17. (5b) Solve gas law problems using the Combined Gas Law and the Ideal Gas Law.

18. (5b) Explain the difference between a real gas and an ideal gas.

19. (5b) Predict when a gas will behave most ideally.

20. (5b)Use Dalton’s Law to calculate partial pressures

21. (5b) Use Graham's Law to compare rates of effusion and diffusion of two gases

22. (3f) Draw a reaction’s potential energy diagram with axes labeled, and AH, activation energy, product energy,
reactant energy, transition state, and catalyst shift clearly identified for exothermic and endothermic reactions.

23. (3f) Explain how a catalyst increases reaction rate.

24. (3f)ldentify and explain the effect the following factors have on the rate of a chemical reaction: (catalyst,
temperature, concentration, and reactant particle size).
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Chapter 11 Part 2: Endothermic and Exothermic Reactions

Classifying Reactions as Endothermic or Exothermic

« [ ]

Exothermic Reactions %

Endothermic Reactions

Heat of Reaction, AHeaction is the heat absorbed or released by a reaction.

+ AHpen @(\An B -AHm € X0 [

Thermochemical Equations \\m mam,ﬁl( eans | bVl'f'
neluds. Yook ™ Flow (F2H o —OH)

There are two general ways they’re written. Both are acceptable:

Heat as a Product (exo) or Reactant (endo): A —+ 6 D 4 C + 100 K T

Heat shown as a change in Enthalpy (AH) @ A’ + 6 S C AH e 'OO )
-AH means heat is lost (exothermic) ¢ | A + B _9 C . H = 100 Lf-—

+AH means heat was absorbed (endothermic)
- R90.4 k3

o

Example one:|CH, fF 20; > CO; + 2H,0 + 890.4 kJ s0 AH=

Potential Energy Diagram

N
+
\ 2

nE—

Joules

C.OZ, “'Hzo

Reactants > Products

The system (@WQA ! P(D({WA heat so AH is negative/positive.

The reaction is endothermic/exothermic?

Law of Conservation of Energy: O \7/ O
E——

—




n a §3314/V" e
@AL WORK _, MEAT . POENTIAL ENERGY

Energy =

| QGasohne = AA%OW%/ M"“ + Nﬂ'\' COZ + H‘L
(ol + PE, stored
E leT S
XamgNeaHvéoO;;(s) + 129 kJ = NayCOj4(s) + H20(g) + COz(g) so AH= +( z ' ii_y

20f4

Na2(0z2+ H20+ CO,
g +hH = @
- —._—_
‘NaHco,,
Reactants > Products
The system a bgd\/b' n q : // / heat so AH, is negative/positive.

C. Heat of Reaction Calculatlon\T{‘hermal St0|ch|ometry)

Example 1: 3 CH
p ]
How manyKilojoules of enﬁre produced by burnin@gms of methane with excess

oxygen?(Ans = 45600 J)
| €H4 + 20, > CO; + 2H,0 (890.4 kJ )

39"

%Zl CH ol CHy
o s e T 8 = 4500 k7]

How many liters of oxygen would be consumed at STP to produce 122 kJ of heat in the below

gg, reaction?(Ans = 6.14 L)
/ 890.4 kJ + CH4 + 20, > CO, + 2H,0
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Solving Heat of Reaction Problems

Treat heat (in J or kJ) the same as any reactant or product in a chemical equation

1. How much heat is produced by the reaction of 25.7 g of Ca0 in the equation below? (Ans = 29.9 kJ)
CaO (s) + H,O () - Ca(OH),(s) + 65.2 kJ

2. How many grams of NaHCOj; are needed to react completely when 980 kJ of heat are used in the
equation below? (Ans = 1300 g)

2NaHCO;3; + 129kJ — Na,CO; + H,0 + CO,

3. Using the same equation, how many kJ of heat must be used to produce 55.7 liters of CO; at STP?(Ans
= 321 kJ)

2NaHCO; — Na,CO; + H,0 + CO, AHpy, = +129 kd/mol




Comparing Endothermic and Exothermic Reactions

4 of 4

Exothermic Reactions

Endothermic Reactions

The reaction E )1 ML&A « S heat

Example of exothermic reaction

The reaction Q béaz b S heat

Example of endothermic reaction

N

Potential Energy vs. Reaction Path for
Exothermic Reactions

¥a= Advahon Engmay

Potential Energy vs. Reaction Path for Endothermic
Reactions

\

b

An exothermic reaction has anet > ./

)

An endothermic reaction has a net

A)

In exothermic reactions, the product’s energy is

‘ (MA than the reactant’s energy

In endothermic reactions, the product’s energy is

'i'\ [ G W than the reactant’s energy

AV

—
Word bank: positiveiéf@negative, absorbs, lower, higher



Chapter 16: Polar Bonds and Polar Molecules and Intermolecular Force

10f6
S

Electronegativity: T@V)Cb/ﬂ o O“F ay 07%4 7Lb

“hoa" de gkt € (F°)

A. Non-Polar and Polar Covalent Bonds 7\ / E/\/

1) non-polar covalent bonds: atoms share bonding electrons equally. m

NSW‘/ Examp%:ugz < ¢lochom
_P/Q\ﬁ clowd

2 I lent bond lar bonds): bondin trons shared unequally. —>
) polar covale s (po J) i c\ ns shared unequally _,‘k,p

— 233
)

N

3) Electron sharing based on electronegativity-di nces. ,
a) more electronegative atom attracts the electrons more closely and acquires a s
negative charge.
b) less electronegative atom then acquires a slight positive charge.
c) unequal sharing creates “polarized” bonds with opposite charges.

Mare
EN

light

d) Two ways to show polarity in strugtural for(mwa>> Pa rha /L : @ y\p@q'ﬁb@
lower case greek deltas: 8 ) ?) Dd”’ Zi ﬁ(l @ posihie
N—— LS NS—— T - ', 7

slashed arrows :

The type of bond depends on electronegativity differences’between the atoms

Electronegativity Guideline: Type of M{ Example (electronegativity
| Difference Bond NM+N difference)

0.0-04 ] Non-polar Covalent C-Hin CH4

T0.4-2.0] PolarEoziZEt k‘\—N“A HF

>2.0] [lonic/&, M k- | NaC

N

Sel:cted Electronegativity Values P cl; g?nbggd ;)olar, non-polar or iQnic? [
Hl L .L—W P 2 (2.5 - 2.5 ;(:1_0>
ol 5% Ia [0 TTE) (| we [ [T -2 [ = 5
N.ag '1\/13 ?.Is 18.'8 2.1 g.s glo pc| T |9 5 - "{Qf fgéf\
5|70 |75 | 16 oo |24 |za )| hee | VN [2.0-30 :S‘ggff )

0 sl |
| R Tso-ozl oAb
YY\Q/‘M\S . N%_\_ﬁ\g . [hente {5 0—0.8 LQ‘ 2 )

\\()\IJ EN V\\QV\ E\\x
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Answer this question without looking at the table on the previous page.

Which bond is most polar; C-N or C-F?

B: POLAR MOLECULES

Polar Molecules: One end of the molecule is slightly negative, and one end is slightly
positive.

Dipole: a molecule with two poles (dne negative, one positive or &-, 8+)

What makes a A molecule is polar if the electrons are pulled to one side of the

molecule polar? molecule. The molecule is lopsided (assymetrical).

Determining if a molecule is polar.

Draw the Lewis structure

Determine the molecular geometry

Look for lone pairs on central atom (automatically polar)

Are there polar bonds?

If yes, are the polar bonds unsymmetrical in 3-D around the molecule’s center?

O RN

Molecule | Lewis Structure and Geometry Polar or Non Polar
Cco

:C=0:

CO;

L2
- »
» .-

SO;
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Molecule | Lewis Structure and Geometry Polar or Non Polar
SO,
S
[ 1] e ae W "’ \
0—S—0 -9 To.
CF,
F
A |
F=C-F:
i
F:
CH,F,
|
: F'-——?——F
H
NH3
H— l\ld —H
H
H,0O

Which molecule is most polar: HCI or HI?

Which molecule is most polar; CO, or SO,?
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C: INTERMOLECUL -~

Intermolecular Forces are attractions between molecules due to three forces

sw Uneven distribution Instantaneous  Induced dipole g J&f n
( of electrans in He dipole on neighboring He b W
ttractlonolecules are attracted to eac%‘ other (/like magnets).

. The posmve dlpole of one molecule is attracted to the negative dipole of another.
: / These occur when molecules have uneven distribution of electrons due to electronegative
elements (like N, O, Cl, F, Br, etc.).

Example HCI molecules

ﬁs H Cl %cu

@/ — 4

« MOMCU\M VV\ \/\S(” b-e/ {a) Attraction (b) Attraction
Pd or [ 4—>
| AR s
e < e 3. Intermolecular Hydrogen bonding: hydrogen that is covalently bonded to a very -
‘ﬁ& ‘\&N\ 0} electronegative atom is also weakly bonded to the unghared pair of another

%x( ) electronegative atom. @
5 A

% H-Bonding only occurs when an molecule h
. S\J\ Why these three atoms specifically?

hydrogen /3’* ,J-d;ff

bond H




MM{%WM (IMF — l/W&/ +> S‘eP

~~
14 h‘
4. Intermolecular Forces and Molecular Physical Properties

As intermolecular forces (IMF) increases (meaning gets stronger), the ‘melting and

boiling points increase because more __lnj_tm_euﬂgy Is needed to overcome the IMFs

between molecules. le '

| £ ~ X repmsewb
An Analysis of the Halogens and their Physical States:

The Halogens are Diatomic:
(Lewis diagram->)

—Ngn-pd
Are pure diatomic halogen elements polar? Explain & draw dipole vectors & partial charges.

No. &+ 44—y

What is the only IMF that all non- -polar things can do?

Halogen (X) Molar Mass (X;) State at Room Temp.

F2= 38.009/mel A0S
Fe - I S= oo

...........

Cl | ¢t =104 gl éﬂs

Bry = 1598 glwme hq@_A“ {

T | =153 gﬁlw/ SO('AL%_
LDF
b\%@( > o
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Comparing lonic and Covalent Compounds C Q/\j
Characteristic | lonic Compound Mole€ular Compound

bond formation

NRANSFER of e
Noar e = Nat:¢l:

O=C=0:

SWME ofe”

Types of
elements in
compound

METALS
NON-ME +AL

Non-medols

Physical state
at 25°C

i = Show (MELIt

S0,

Mﬂ‘,

Melting point |
‘V\lC/)‘H A 1—[: fﬂ@ﬁ“}}§ low
E;.?tlty T Zondutts & doesvt,

D\QU\)\@( ‘
" et



\(4\8“ K bF7 oﬁ‘*ﬂ l
/ Chapter 10 Kinetic Theory, IMFs, and Phase Changes

Kinetic Molecular Theory: The tiny particles in all forms of matter are in constant Md ')\(/V\

I Kinetic Energy and Kelvin temperature scale
A) Temperature measures average kinetic energy

100

Intermediate Energy
/—.\1‘11 clecules

/X

Low Ep*ergy

Molegules A\ High Energy
¢ Molecules
| >

v

0 Kinetic Energy — Energy

Number of molecuies

Percentage of Molecules

as particle’s kinetic energy increases as \/Q[OUL\)\ IVI(/NGSIA
C) Kelvin Temperature scale is - 67 bSd[M»k/ ‘J O '_$ U P
o\ K= °C

ll.Kinetic Energy and Liquids
Intermolecular forces (between molecules) hold particles together in solid or liquid phases.

Kinetic energy keeps the molecules moving but not with enough energy to overcome the
IMFs.

Evaporation, Vapor Pressure and Temperature
Evaporation: Ph (A% { J/)aﬂ '%2 ’FYWVY) @ E (\3
@J W non—hal %@ﬁmﬁc‘wfﬁ
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« Particles with enough kinetic energy to overcome intermolecular forces escape into
gas phase

o Evaporation rate increases as temperature increases

e i4 ’\Zk LW HIGH » Energ \\/

Evaporation in a closed container produces vapor pressure.

ader 5

e
e’ =

Number of molecuies

Increasing temperature increases vapor pressure over a liquid until a dynamic equilibrium
is reached. .

Pt kn\-/ LHAR

it
Lol

e

Volatile liquids : (MF\}ISQY‘M‘MIA H ammade
. | Nonvolatile liquids DGV(\' &mp Al Hig\wf [WF >

St
IS
.
. _ J ,

© o O " 9 0
\\0 :
% i L \SQ\O‘)“‘”???'"’ .

W 6 © \é/i:{;«/;;\\ ? 88%%
LG (easa\\ \[5 L=>G (dfbent ¥

Boiling Point of a Liquid (open container)

Boiling Point: TQA/V\ ) @ \A‘\(\\\(/b _@_ﬁ 1 dl‘ew(-w
a0 “ligud have emnujh _owoigy
= e g e e
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O= bo{uvij point (O Seo level)

A) Boiling point changes as external pressure changes/

Vapor Pressure of three liquids What is the vapor pressure of liquid A at
o 800 5 ¢ 20°C7
mH /a /1 H50 mm# 9
JI=\ - e
7:,2:’ 600 i Which liquid represents water?
)| "G
) Cc
| 5} ; .
@ l‘; 400 /f { , What is the boiling point of B when the
g | / : / ' external pressure is 400 mmHg?
P | . : (V]
| & |200 Y7y : 3°C
b 1 // /1/ : . — Which liquid is most volatile? | —> G
7 O-M | L

0 20 40 60 80 (10;) 120  Which liquid has the strongest intermolecular
Temperature (°C) forces? C

\\
(‘N@’W‘ﬂ al u> How hot does water need to be to boil at 100

CS’\O‘ N d R, mmHg? SOOC

- ) Cl'{’YV\ :E —} é O IV%MMM? What will be the boiling point of water on
Ej—am) e — ":gj . (Pike's Peak (elevation = 14,000 ft,

atmospheric pressure = 64 )?

wq2°C
T @ iy Sl
7~ (same as a@eezmj; Pt ")

sublimation: \S —— (}) ( Sb'DS ( /'IOW.CI>

Examples:

Eo@‘;co@ Di\j lce

l2(s) — I2(g)

3of4



IV. Phase Changes and Phase Diagrams
Phase Changes and terms

a0

1216 |
(2 ' |9 Phase Diagram and Triple Point €~ _,

« Phoge Dt'ajnwvxsr

Wg"h‘(o\ Teu OWn ‘H,\e/
PLML S‘}%fﬁé’a% CS;‘}\@
of a Swostance

Sy Rer T

Pressure (atm

0:006 = 2:x o]

2730% 3IBUOC . .
Temperature (K)

W&
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Phase Diagrams

A phase diagram is a graphical way to depict the effects of pressure and temperature on the phase of a substance:

The CURVES indicate the conditions of temperature and pressure under which “equilibrium” between different
phases of a substance can exist. BOTH phases exist on these lines:

Melting/Freezing: Any point on this line (pressure & temperature)
the substance is both solid and liquid

" critical point | Sublimation/Deposition: Any paint on this line (pressure &
temperature) the substance is both solid and gas

copeknsation

Pressure

Vaporization/Condensation: Any point on this line (pressure &
temperature) the substance is both liquid and gas

o P e triple point NOTE: the vapor pressure curve ends at the critical point, the
iimon temperature above which the gas cannot be liquefied no matter how
fosition Gag much pressure is applied (the kinetic energy simply is too great for
attractive forces to overcome). Any substance beyond this critical

point is called a supercritical fluid - indistinguishable between gas
Temperature or liquid (neither one)

Y

The TRIPLE POINT is the condition of temperature and pressure where ALL THREE phases exist in equilibrium (solid, liquid, gas)'

Remember that pressure can be expressed in many units where: [1 atm = 101.3 kpa = 760 mmHg = 760 torr = 14.7 psil

"Nevmal

Refer to the phase diagram below when answering the questions.
NOTE: “Normaf’ refers to STP — Standard Temperature and Pressure.

2.00 /
175 - /

1.50

Pressure (atmospheres)

™~ " -+

Temperature {degrees C)

)
1) What are the values for temperature and pressure at STP? T= O C , P= l a‘hv\
2) What is the normal freezing point of this substance? l O( Zoc
Cy
3) What is the normal boiling point of this substance? 550 C




4) What is the normal melting point of this substance? l ( N)oc
5) What is the phase (s, |, g) of a substance at 2.0 atm and 100 °C? \6 NG
6) What is the phase (s, |, g) of a substance at 0.75 atm and 100 °C? ‘
7) What is the phase (s, |, g) of a substance at 0.5 atm and l(&_"_C?
What is the phase (s, |, g) of a substance at 1.5 atm and 50 °C?
@ What is the phase (s, |, g) of a substance at 1.5 atm and 200 °C?
@ What is the phase (s, |, g) of a substance at 1.5 atm and 800 °C?
11) What is the condition of the triple point of this substance? T= , P=

A !
@' a quantity of this substance was at an initial pressure of 1.25 atm and a temperature of 300°C
—" \as lowered to a pressure of 0.25 atrhi, what phase transition(s) would occur? _\ ! Ogl( IZJ_(l \/me\ .

f a quantity of this substance was at an initial pressure of 1.25 atm and a temperature of o°c

was lowered to a pressure of 0.25 atm, what phase transition(s) would occur? f A

@lf a quantity of this substance was at an initial pressure of 1.0 atm and a temperature of 200° C

V4

was lowered to a temperature of -200° C, what phase transition(s) would occur? Sglid .

15) If a quantity of this substance was at an initial pressure of 0.5 atm and a temperature of 200°C
was lowered to a temperature of -200° C, what phase transition(s) would occur?

16) If this substance was at a pressure of 2.0 atm, at what temperature would it melt?

17) If this substance was at a pressure of 2.0 atm, at what temperature would it boil?

18) If this substance was at a pressure of 0.75 atm, at what temperature would it melt?

19) If this substance was at a pressure of 0.75 atm, at what temperature would it boil?

20) At what temperature do the gas and liquid phases become indistinguishable from each other?

21) At what pressure would it be possible to find this substance in the gas, liquid, and solid phase?

22) If | had a quantity of this substance at a pressure of 1.00 atm and a temperature of -1 00° C, what
phase change(s) would occur if | increased the temperature to 600° C? At what temperature(s)
would they occur? (NOTE: multiple answers needed for this question)

22) If | had a quantity of this substance at a pressure of 2.00 atm and a temperature of -1 50° C, what
phase change(s) would occur if | decreased the pressure to 0.25 atm? At what pressure(s)
~ would they occur? (NOTE: multiple answers needed for this question)



Chapter 12 Dalton’s Law and Graham’s Law
Mixtures of Gases: Dalton’s Law of Partial Pressure -
Partial Pressure: D(‘QSQA o e h  a glﬂsg aws
Mo mixdwre  of 3.196 S v
|

¥
z Q.M Verbally: At constant pressure and temperature, the tofa pressure exerted by a mixture
ns!

of gases is equal to the sum of the partial pressures of the component gases.

Math Equation: @ = P S
T 0 ity +
Example 1: What is the pafifal pressure of oxygemsn air at STPQT01.3 kPa)if Py, = 79.1
B

kPa, Pggp = 0.040 kPa and Poper = 0.94 KPa?
101.3 KPa= T19.| KPo + 0.040 KPa ¥ O.9Y P +

Example 2: A sample of oxygen gas is collected over water at 20 °C—Fhe-vaporores
of water at 20.°C is 15 mm Hg. If the total pressure is 420 mm Hg, what is the partial
pressure of the oxygen? P _ P

1T = U +

.

-

¥

0, > ‘ L(ZO = Eo\} + l5 Y qu}YWMy%

-y

Variants of Dalton’s La
20 2L e Fachw ~
/Q - 6 mole, = P{ [= %Va
S0 molerser  Prow | 100 %Vrom
Example 1: A tank contains 6.0 moles of a mixture of hydrogen, helium, and nitrogen at 102 _
kPa. If there are 2.0 moles of hydrogen in the tank, what is the Partial pressure of hydrogen?] — 3"'{
' K@

mol H 2 PH 5

A ) tFotol wo :PT tal - £fa
Pr =102 KPo . 5
Example 2: A gas cylinder contains 8.0 moles of argon, 2. S of nitrogen, and 2.0 moles

of oxygen at 600. mmHg. What is the partial pressure of nitrogen in the cylinder?(Ans = 1.0 x

10% mmHg) _
Bl — 600 mmHq = Pr Mol N, _ Pz
, g J tolal ol PT 0
»._2_!!'1' — 12 ol , 'f‘o’}a( PN‘L: (ou
2wl Z mol Nz =__?M7- mm j
- 1Z mel Ne (oOOmw“j
o\




Example 3: A mixture of gases with a pressure of 950 mm Hg contains 20% hydrogen and
80% neon by volume. What is the partial pressure of neon pas in the mixture?(Ans = 760

mmHg)
—y %0O% Ne PNe
Newfte  [00% +edol A5 romHy

.....

"'PNe: 160

MW\H j

Example 4: In a mixture of oxygen and nitrogen gas, 70.0 percent of the total gas pressure is
exerted by the nitrogen. If the total pressure is 150 kPa, what pressure does oxygen
exert?(Ans = 45 kPa)

Graham'’s Law of Effusion

Diffusion &05 ?ﬂ/ helos  vagve. «ﬁg\m partition D\F(MS»'OV)

\{ ' C/\,.B. ‘LD LGW °.°°.°,‘.;;:t{i — . ...f .o.

~ Conumbration Al NP
Effusion MO 4 s :

- A Effusion ALY e

o hde # [iht el (= [ A

_gase move /tare! "féféks% i A

Wdar—mass
Graham'’s Law Verbally: Gas molecules with the lightest masSs travel fastest. ' '
Graham’s Law Equation: mMas Mo a/)
E _l 2 wass
ad = ~ VeloCiHtu ,jf” < need
: ' - "‘?i% ﬁ? =4

Number of Molecules N

4@ ¥ h HoS v )
Afr vs (O~ Jower

Which gas will escape sﬁ_vy_ggt from a tiny hole in a balloon; He, C3Hs, o

Slowest

20f2
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rtial Pressures Practice (Lee) NDB->

1) Argon, oxygen, and nitrogen are mixed together and pressurized in a tank. Po; is 155
kPa, Pn2 is 415 kPa, and Py, is 285 kPa.

a. What is the total pressure of the gas mixture?

b. What is the % 027

c. What is the % N2?

/
2) The total pressure in a tank is 1200.0 mmHg. Krypton has a partial pressure (Px:) of

680.0 mmHg, and methane has a partial pressure that is half that of krypton. The third
gas in the container is chlorine. -
a. Calculate the partial pressures of each gas with units:

Pcha 3"'{0 mmHg 1200 = 680 “'SL'O =+
' 650 mmil e < _
1£0 mmﬂa [
b. Determine the % volume of each gas:
%Cl _TamXoo = |5 Y,
BKr L xl6) = 569,
%CHs T 1% = 299,

3) A highly pressurized (46.2 atm) mixture of gases contains a total of 330. moles of ' gases.
The technologlst who created the mixture addechluorme, chlorme, hellum, and
hydrogen Twice as many moles of helium were present than fluorine. Three times as
~many moles of chlorine were added than fluorine, and the half as many moles of
hydrogen were added as fluorme

a. Set up an algebraic equation using variables that expresses the situation above.

330mol= X + 7% +3x + 0.5%
(Fz) (MO (a)  (Ha)

b. D)e(termm :ﬁt;e numberof ;Ile:(:fzaT gam . = (9L g’ M(g/

Jetermine the partial pr Ssure: of each-gas: Use‘p'ro'p‘éT notation. (Example To
express the partial pressure of X, write Px)

50.77 mal Fz N :P&
330 mol, bfal = Ub.2 atm

= S .-“_




Eoi's presswe = )lOl 3@
Plopet Xms = 2026 Lpa

4) A certain planet was discovered whose atmospheric composition was 70% CO,, 20% O,,
and 7% Ha, and 3% He. The atmospheric air pressure on the planet was determined to
be twice that of normal atmospheric pressure on Earth. Calculate the partial pressure of

each ga

P 10% C0p __ Py
: 1009% lal =~ 202.6 KkPa
- >

5) 15.0 g of nitrogen gas, and 15.0 grams of chlorine gas were added to a container that
NZ——/ exists at S

Ch 10(.3 EPa S —

e a. Whati |s the number of moles of nitrogen in the container? | O 5357 Mo ’ N 2

‘U’ 2 \ MO N?/ ‘
\j_,__ ’LS{@/N

b. What is the number of moles of chlorine in the contamer" O {8 “ (o Wks( S -

e

7oq 3((; Y

O ’7 mv?; .ﬁf‘“ J;J
~¢. How many total moles of gas are in the container? /.| L’é 10 mMd8s, 1o

d WhatisthePoinkpaz  12.6 o
0.5357mol Noe _ R
07"(75 Mo‘,‘fﬁal T 10(.3 Ky

e. What is the Pcp in kPa?

Nl

/




N
/

N A
Py L 4 \( ( /)
{f‘x —r f! v AN -

aQ
(W)

Graham’s Law of Effusion (Applied Quantitative Practice)
Graham’s Law can be derived from the equation for kinetic energy é '7{: MV Z‘ )
Derivation: (D i A = K E @ “«‘,.. -@i\&“ He ame G 'y
@ KEalr TmuvE  ana tﬁ;f Lmgeve
@@l erdrgy Hc same Homp. get velacil (roke) rortio:
& %\MA\/AZ =Xm gVe (constants canals) @ MV,

I ~ = Mg
@V e 0 Y, [tk MM;”’\
Ve ma Ve [mg % i MM, F

Graham'’s Law (final equation) starts that lighter gases move more-quickly than heavier gases in an
inverse square proportion. (According to kinetic theory, when the same amount of energy is available
to different bodies with different masses, they will move at inverse square velocities relative to each
other.) A fundamental assumption when using Graham’s Law of Effusion is that the gases have the
same amount of energy... so they're at the same temperature on the Kelvin scale. Their difference
in average velocity (aka: rate, speed...) is due to mass difference.

Analogy: A 60-kg girl eat‘% 2 eggs and 3 slices of bEEcﬂ A 150 kg sumo wrestler eats the same thing.
The girl will run faster because she’s smaller, even though they had the same breakfast (energy).

Graham’s Law of Effusion /\ G

ft/ﬁ,,. '-r;A; .— Wj \ v/}
s Mg, —

Tips for Usei

0 o\ ¢ A
Heavrer gas as "B (/h‘@l/\l&r = 1/ )
Worked Example 1: The average velocity of oxygen (O2) molecules will be faster than the average
velocity of chlorine (Cl,) molecules because What is the relative

rate (speed) of oxygen molecules to chlorine molecules if they are at the same temperature? (i.e.,
how many times faster will molecules of oxygen move?)

(e _ | MMg '—__% rode o, _ ﬁo.qj/_ml/
o ‘\MMA LQ(_C(L 32.0 glme/

Clz Was a Va(ac,\?j of | .49 O+ Maves
310. ms | t-ijw fws

-4



Part 1: Determine which gas will effuse or move fastest, and determine how many times faster it
moves. — 2 glmel -

1)L 2)VS. F— NS T S

2) Oy vs. Ne

3) CH4vs. NCl3

4) Ammonia vs. Hydrogen Sulfide (H2S)

5) Xenon vs. Argon

6) Oxygen vs. chlorine

@Sulfu%%xide VS. mqu;ﬁe

Laughing gas (dinitrogen monoxide) vs. carbon monoxide

9) Sulfur Hexafluoride vs. carbon tetrafluoride

10)Silane (SiH4) vs. hydrogen

Part 3 (Advanced): Determining the molar mass of an unknown gas; or identifying the gas by
calculating the molar mass from relative rates.

11) A sample of hydrogen gas effusgthrough a porous containeL giimes faster than an unknown
gas. Estimate the molar mass of the unknown gas. Would4g reasonable to assume this gas is

silicon tetrafluoride? Explain and justify your answer using mathematics and complete
sentences.



12)At a certain temperature, hydrogen molecules move at an average velocity of 1.84 x 10% m/s.
Estimate the molar mass of a gas whose molecules have an average velocity of 311 m/s

13)Nitrogen gas (N;) effuses at a rate 2.17 faster than an unknown noble gas. ldentify the noble
gas

14)A sample of Bry(g) take 10.0 min to effuse from one side of a room that is 86 feet long. How
long would it take the same amount of Ar(g) to effuse the same distance?

15) Explain why carbon monoxide and nitrogen effuse at néarly the same rate. Use complete
sentences and justify your answer.

”



Chapter 19 Part 1: Reaction Rates
http://www.wwnorton.com/college/chemistry/gilbert/index/site map.htm

| Reactlon rétés are measured as mol/time units.
Nalhe @onl‘i

A. Collision Theory: Ar{m\s‘/ oedcued ) ‘
M NS Wﬂwﬁh %

Reaction Coordinate Diagram for Exothermic Process (forward direction) A( +
(Ot vy,

Collision Theory

Chapter 11: Thermochemistry

()2 - 2]

9 R 9

3 3

3 3

AH=endo (P
R
ASHE S
Reactants > Products Reactants 2> Products

roded b <ot

Activation Energy: !M\ L) @V\fjﬂ% @’\F

) \J )}
a(hon :

.
/8 3%

Activation Complex: b\!‘ \l\’ W\A u h "“ '}Z)P“
(/u\n%‘nw «'-@yy\ am\ /)
A\ \)/

\

B. Factors Influencing Reaction Rate

"_—'Temperature \V\Ueaswlﬁ TMP ('T/]\) 5@&15 OP XN .

2. Concentration \hma% Ccmmr\’a'h(y\ (M dar b {\» /

i 3. Particle Size ﬁ!PlS Yp oa.
. , (
L“ Iallr partices reack move rapcd&ﬂ J

. Catalysts

\OW‘% Yo achvation 60039;..-(.,‘;(({7?) =

b LR D SR



Joules

Reactants -> Products

Interpret the following potential energy diagrams

Reaction 1 Reaction 2
?'mo
SUEI

Energ} k?}

[
—
et

Tiune Reaction coordinnte

A->B
A+B->c

1. Which reaction is endothermic? m

P ——

2. What s the activation energy of Reaction 1? m - 350 KT
3. What is the AHx, of reaction 1? @ 25 O tT

4. What is the activation energy of reaction 2? l ( iO \J!

5. What is the AHx, of reaction 2? @ _2 5 KT

6. Sketch the effect of a catalyst on both reactions

7. Does a catalyst effect the AH,?

A ¢ “

Page 2 of 4



Biologically (in terms of biochemistry),

ENZUMNLS

are catalysts.

How are they usually used?

Wolp  build  nouw

LS:(AMPH'_MA\NQf
|

is the process by which life is

Meta ol

]
AMabolism

(meaning “to build up”)

!
Cahbo \ism

(meaning “to break down”)

Anabolic (“constructive”) processes
are when larger, more complex
biomolecules are created from

3‘m‘)&ﬂ ones.

Example #1: When your body is building
5¢ proteins using

ammo aud
> @ephus
Example #2: PHOTOSYNTHESIS
Plants use & (Z )2 to

create @luaﬁ& - CeHp0O,,
which is a'farger molecule.

Anabolism = Energy_mm_ﬂ_

Catabolic (“destructive”) processes
are when ,_ampltale
molecules are broken down into smaller
ones biomolecules.

Example #1: RESPIRATION &
GLYCOLYSIS: Your body breaks down

/%.

to produce energy, _CO 2 &

Example #2: When yoy exercise, fats
are cham Aci_o_uﬂ_;
Catabolism = Energy_[zM

Enzymes (which are biological __ (O ’(’0\ W:};"S )

speed up reactions, but they are NOT \J
¢ onsumd
They are

in the reaction.
%k ('A)F‘j" 4 tf 1

they're made %f amino acids.

Enzymes usually end in the suffix _—— a Q;

, which means

— 5@

Carbohydrates often end in

Page 3 of 4

Aztivation energy
wiihout enzyme

. Activation energy
§ wnith enzyme

o

44444
uuuuu

Energy

Praducts

Progress of (Raction ———w



Lactose Intolerance:

Lactose is a Cﬁ\jf@@ C

that is found naturally in

A

Ao l products.

People are who Iactose intolerant have a difficult time breaking down the Iactose molecule.

Lactese— Galactose & Glu.
gck ot N\ @ Qgge\ What suffix do carbohydrates often have?
Q. O\
CHOH | ' ’ - O SQ_
QMg --------) ‘%"
H If you see dext@, malt% or suczo_sgpn a food
9 °A‘L:ac’case \0A| label, would you call them fat? Sugar? Or protein?
%\5 — ‘.f “on epithelial s
| cell surface S (1
\ I Absorption V\' r
I 1 = .,
([3 Lactose is a 2-ring sugar. ltmustbe (U by the enzyme ___| (1 (1. A5
(M This will tumnitinto _ &SmO S\4AFS, which the body can then use.
! \J i:rrpu *CHOH
HO /;”{""'0 n G un
People who are /actose /ntolerant don’t have enough Iactase wﬂ A A
iii (e IH DH
enzymes in their C‘\\ AT to break down the lactose sugar. Galactose Glucose
% {; Lactose
. l Lactase
| THINK: What kinds of problems result from consuming lactose with _— CILOH
— insufficient or non-existent gut lactase? wo b—o_u PR ——
Ko o * ot H\
1y oK HO Luil |
Other Enzymes - Research their bodily functions on your own: Hoooi oW oH
Galactose Glucose

DNA Helicase

DNA Polymerase

Amylase

;Proteg,se (“PRO-tee-ase”)

Lipase
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Block

Chemistry Unit 6 p
Primary reference: CHEMISTRY, Addison-Wesley

A
b

Topic Essential Knowledge Study Support
Atomic Electronegativity is the measure of an atom'’s attraction for electrons in a bond. Electronegativity Ch 14: Read
Structure increases across a period toward the halogens and decreases down a group. The most electronegative p. 405
2.6 atom is fluorine. The least electronegative element (excluding noble gases) is Francium, Fr. '

SOL 2f

Nomencla | Exothermic reactions release heat whereas endothermic reactions absorb heat. Heat of reaction is Ch 11: Read

ture, the amount of energy absorbed or released during a chemical change. pp. 303-304

Formulas, Exothermic reagtions have a neqative E}H,,,., whgreas endothermic reactions have a positive ClHy,.

and Examples of writing an exothermic reaction equation are:

Reactions CHs + 20, > CO, + 2Hy + 890 K]

3.6 or Ch 16: Read
CHs + 20, - CO, + 2H,0, OHoy = -890 k)/mol pp. 460-466

§8L33fd' Polar covalent bonds form between elements with very different electronegativities. The more

' electronegative atom will attract the electrons more strongly and this will result in it having a slight negative

charge. The less electronegative atom then takes on a slight positive charge. A non-polar covalent bonds
form between atoms of similar electronegativities.
A polar molecule has unequally distributed electrons around the central atom. This is caused by
unsymmetrical polar bonds or a lone pair on the central atom. The positive end of the molecule has a
positive dipole and the negative end has a negative dipole. Polar molecules have dipole-dipole
intermolecular attractions as well as London dispersion intermolecular attractions. Non-polar molecules
only have London dispersion
intermolecular attractions, EXOTHERMIC activated Molecules
with O-H, N-H or F-H bonds have complex intermolecular Ch 19: Read
hydrogen bonding attractions. Yactivation ] SN T
N | e pp. 533-538.
Kinetics is the study of reaction rates. energy | reactants Reaction rates
increase with increased temperature, (k) increased
reactant concentration, increased surface area
and the use of a catalyst. Activation e e N energy is the
minimum energy needed to initiate a products  ragction,
High activation energies correspond to slow reaction
rates. Catalysts speed up reactions reaction pathway rates by
decreasing the activation energy. Potential energy diagrams are used to analyze reaction energy changes.
Molar Stoichiometry can be combined with heat of reaction, [JH,yn, to calculate the amount of heat produced
Relationsh | from a known amount of reactant.
ips
4.6
Phases of | Forces of attraction (intermolecular forces) between molecules determine their state of matter at a given Ch 10: Read
Matter temperature. Forces of attraction include hydrogen bonding, dipole-dipole attraction, and London dispersion pp. 269-280
and (van der Waals) forces, i d 284-
Kinetic Vapor pressure is the pressure of the vapor found directly above a liquid in a closed container. When the | @nd pp.
vapor pressure equals the atmospheric pressure, a liquid boils. Volatile liquids have high vapor pressures, | 286.
Molecular weak intermolecular forces, and low boiling points. Nonvolatile liquids have low vapor pressures, strong
Theory intermolecular forces and high boiling points. Sublimation is the phase change from solid to gas without
5.6 passing through the liquid phase. A substance’s triple point, is the pressure and temperature conditions
where all three phases coexist in dynamic equilibrium.
SOL 5b, The following mathematical relationship between the pressure, volume and temperature of a
5¢c, 5d gas is used to describe the beRavior-of gases:
PiVy = PV,
\ T T Ch 12: Read
An Ideal Gas does not exist, but this concept is used to model gas behavior. A Real Gas exists, pp. 350-353.

has intermolecular forces and particle volume,-and-can-change states. The Ideal Gas Law states

that

R is the ideal gas law constant and|has two values depending.on the pressure units.

They are R = 8.314 L’ kPa/mol’K and R = 0.0821 L-atm/molK

Dalton’s Law of Partial Pressures says the sum of the partial pressures of all the components in a gas

mixture-equals the total pressure of the gas mixture, >

Protai = Pa + Pg + Pd and molesy/moleSira = Pa/Proga = Va/Vita]

Graham'’s Law says gas molecules with the lightest mass travel fastest,




)]

)]

\)]

Unit 6 Objectives
Chemistry, Addison-Wesley, 2002

Endothermic and Exothermic Reactions
A) Classifying Reactions
B) Stoichiometry and Calculating Heats of Reaction
Intermolecular Forces (IMFs)
A) Polar bonds
B) Polar molecules
C) Intermolecular Attractions and Physical Properties
1) Intermolecular forces
(a) London Dispersion forces
(b) Dipole-Dipole attractions
(c) Intermolecular Hydrogen bonding
2) Effect of Intermolecular Forces on Physical properties
3) Comparing molecular and ionic compounds
Phase Changes and Intermolecular Forces (IMFs)
A) Kinetic Energy, Particle Velocity, and Kelvins
B) Kinetic Energy and Liquids
1) Vapor pressure
2) Boiling points and atmospheric pressure
C) Kinetic Energy and Solids
D) Phase Changes and Phase Diagrams
Gas Laws: Combined, Ideal, Dalton’s Law and Graham'’s Law
Reaction Rates
A) Collision Theory
B) Potential Energy Diagrams
1) Activation Energy
2) Catalysts

(SOL) Learning Objective

1.
2.
3.
4.
5

6

7.

8.
9.

10.
11.
12.

13.
14.
15.

16.
17.
18.

19.
20.

(3e) Identify a reaction as endothermic or exothermic based on its thermochemical equation and/or sign of AH.

(4b) Calculate the heat change of a reaction using stoichiometry and heats of reaction.

(2f) Compare the electronegativity of two elements based on their position on the periodic table.
(3d)Compare relative bond polarity based on the two elements position on the periodic table.

(3d) Use VSEPR theory and electronegativity to identify polar and non-polar molecules.

(5d) Identify and compare the three types of intermolecular forces (dipole interaction, hydrogen bonding,
London dispersion (van der Waals) forces)

(5d) Predict the relative melting and boiling points of molecular and ionic substances based on intermolecular
forces.

(5d) Explain the relationship between kinetic energy and temperature

(5b) Explain why real gases condense whereas ideal gases do not condense using IMFs and kinetic energy.
(5b) interpret vapor pressure graphs.

(5d) Explain what happens as a solid melts using IMFs and kinetic energy.

(5d) Explain the relationship between a substance’s vapor pressure and boiling point and the strength of the
substance’s IMFs.

(5d)Interpret the effect of temperature and pressure on states of matter using a phase diagram.

(5d)Identify the triple point on a phase diagram and identify which states of matter exist at the triple point.

(5d) Indentify phase changes on a phase diagram of water including fusion, solidification, vaporization,
condensation and sublimation.

(5b)Use Dalton’s Law to calculate partial pressures

(5b) Use Graham’s Law to compare rates of effusion and diffusion of two gases

(3f) Draw a reaction’s potential energy diagram with axes labeled, and AH, activation energy, product energy,
reactant energy, transition state, and catalyst shift clearly identified for exothermic and endothermic reactions.
(3f) Explain how a catalyst increases reaction rate.

(3f)ldentify and explain the effect the following factors have on the rate of a chemical reaction: (catalyst,
temperature, concentration, and reactant particle size).

st
it
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Chapter 11 Part 2: Endothermic and Exothermic Reactions \ ‘ﬁ

Classifying Reactions as Endothermic or Exothermic

Exothermic Reactions DF(I{(L(ID { f&(&aS a8 Nﬁ'l’ (— /A H)
Endothermic Reactions a bS()YbS kﬁ@’{' ( + AH)
Heat of Reaction, AHreaction is the heat absorbed or released by a reaction.

+ AHog exndo C- BHun_E/X0
Thermochemical Equations are balanced stoichiometrié equations showing the heat change.

Example one(. i.‘:H4 +20; > CO; + 2H,0 + 8904 kJ )V sopH= — %QO Y (CJ /W’O'

Potential Energy Diagram T
CHy

I
|

f

§ 0‘(‘4 ) O‘L ~‘~‘

$
g

Joules

Co Z) H 20
Reactants > Products
The system f@QOS\\L\Q_L heat so AH is negative/positive.

The reaction is endothermL@

Law of Conservation of Energy: @ S nover ¢ 2aied / dﬁ‘ﬁ‘h’%{d
.. anly tansfonmmed

Energf= WK+ hegdt aolential ey

Gasoline = YY\{\QS + ‘Ma* +_ 002 + H20 &

C.9h% (work) 7' ¢o, S0y ) Nox




xample Two: (\) o
A o so AH= +\.’LC( KT

2NaHCOz3(s) + 129 kJ > NayCOs(s) + H20(g) + CO4(g)
©

(4.5 tj(mdj

/b - Na 2003, H <0,

‘cl (OZ ' I&é

+129 KI

Joules

ZNaHC03

Reactants > Products

The system ___ {S Gb&wbl‘nﬂ heat 0 Ay is negativefBositive

C. Heat of Reaction Calculations (Thermal Stoichiometry)

wo«*
Example 1; ;
How many kilojoules of energy are produced by burning 821 grams of methane with excess

oxygen?(Ans = 45600 J)

/CH, + 20, > CO, + 2H,0 +890.4 kJ

o

%Zl/j% o | _rolChig o 904K T haat )

b /%/CH%/ \ ety

=

\/ How many liters of oxygen would be consumed at STP to produce 122 kJ of heat in the below
reaction?(Ans =6.14 L)

890.4 kJ + CH4 + 20, » CO, + 2H,0




| o Xk
(O\Q\AM XN M 3o0l4
Solving Heat of Reaction Problems / M
Treat heat (in J or kJ) the same as any reactant gzlaroduct in a chemical equation

O 1. How much heat is produced b&zﬁion of 25.7 g of CaO in the eq
C

o ZakasrCaoln e w? (Ans = 29.9 kJ)
2571 0O o — Lol GV, _6S2KT _
5.0 3 1 mol GO

2. How many grams of NaHCO; are needed to react completely when 980 kJ of heat are used in the | I
equation below? (Ans = 1300 g) W
: |

2 NaHCO; + 129kJ — Na,CO; + H,0 + CO, |

O

3. Using the same equation, how many kJ of heat must be used to produce 55.7 liters of CO, at STP?(Ans
= 321 kJ)

2NaHCO3; — Na,CO; + H,0 + CO,  AH,, = +129 kJ/mol



Comparing Endothermic and Exothermic Reactions

Exothermic Reactions

Endothermic Reactions

The reaction heat

Example of exothermic reaction

The reaction heat

Example of endothermic reaction

Potential Energy vs. Reaction Path for
Exothermic Reactions

Potential Energy vs. Reaction Path for Endothermic
Reactions

An exothermic reaction has a net

AH

An endothermic reaction has a net

AH

In exothermic reactions, the product’s energy is

than the reactant’s energy

In endothermic reactions, the product’s energy is

than the reactant’s energy

Word bank: positive, releases, negative, absorbs, lower, higher
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Chapter 16: Polar Bonds and Polar Molecules and Intermolecular Forces

Electronegativity: +€(‘A.QMCU O’( an (‘)’\nm 4‘0
attiad clooghan =
v

A. Non-Polar and Polar Covalent Bonds ' ‘
1) non-polar covalent bonds: atoms share bonding electrons equally. |

——— 1
7o fod
’ H
|
L }

Example: Cl, f\(%\\--u—r= C l .

2) polar covalent bonds (polar bonds): bonding electrons shared unequally.

v e SN

N’

Example: HCI

3) Electron sharing based on electronegativity differences. i
r_a) more electronegative atom attracts the electrons more closely and acquires a slight 6

| negative charge. +
b) less electronegative atom then acquires a slight positive charge. g

c) unequal sharing creates “polarized” bonds with opposite charges.
d) Two ways to show polarity in structural formulas. —+>

* lower case greek deltas: % xS r (Dd/‘h'd‘% Ch W)
‘ > . | v
slashed arrows : > 5 690/ nds o MmMare e(@q‘mmﬁ; afmv\)

The type of bond depends on electronegativity differences between the atoms

Electronegativity Guideline: Type of o Example (electme/gativity | |
Difference Bond el ,d!%erengg)\_,\m ' I
0.0-04 | | Non-polar Covalent &~ YWC-H'in CH, 2.5-72| ) oY &

04-20

NN,

Forgornt N % (A0 2.1) = 1.9

A

&) V] lonic WV NaCl _3_0__0_6]\, = 2.|

L] b, tagd

Selected Electronegativity Values \t“ ‘i’p\,\) Is the bond polar, non-polar or ionic?

TZFI‘1 - C=Oin002?%‘5_2’5__,(,/1—DPC
10 o 50 5_§_ gl.o(\’ g).s/ ap] SlorSHMSH @ 2. ';@@ NF
08|13 15 |18 2 1 _gs 30 oringhe .5 P

05]70 |18 |18 |50 |53 |0 e (30 -3.0) =) NP

K2 _nrg (7:_‘2)
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Answer this question without looking }t the table on the previous page.

Which bond is most polar; C-N or
C—N
+—

B: POLAR MOLECULES

_9 Polar Molecules: One end of the molecule is slightly negative, and one end is slightly

@“o% (—F
—+—

positive.
—

)(\4\\“‘% Dipole: a molecule with two poles (one negative, one positive or 5-, 5+)

é\"éo D, | What makes a

A molecule is polar if the electrons are pulled to one side of the

Are there polar bonds?

N o
molecule polar? molecule. The moIecuIe is IopS|ded (assymetrical).
AE\A7 ,

(st,b\“g\ Determining if a molecule is polar. ‘\\0‘(\ \'*“HA Hl % M

1. Draw the Lewis structure ] ol ,
— ot n'call
\)L 2. Determine the molecular geometry — Qw h E

3. Look for lone pairs on central atom (automatically polar) & a M%m G h (al
4.
5.

jw
If yes, are the polar bonds unsymmetrical in 3-D around the molecule’s center’? @

Molecule | Lewis Structure and Geometry

Polar or Non Polar

+ \S0°
o NES?

END = 1.0 (PC)

O +—

\j:wf ’.O’rng%’ Non-22%

\ &+ 4+—>

g \ .08 0\\ 6@,(90@) oo\
k(\%(:;& .b/g@ o C@“(Q)\ ' o v

or & thoves LP on comhal
be polas &5 on

Pa\a( ﬁ
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O Mc:éz;-::—le Polar or Non Polar
X C)\ G
o §
CF4 M(}‘(\ ,()O\O
CH,F, 0\0 ‘/
¢
. NH;
p e
\6{'

Which molecule is most polar; HCl-or-HI?
@Ccl) &1

@ a Which molecule is most polar; CO, orksoz?



g oA

C: INTERMOLECULAR FORCES

~

U TN

Intermolecular Forces are attractions between molecules due to three forces

\/D? 1.| London!Dispersion Forces (weakest) temporary attractions between molecules due to
temporary dipoles caused by shifting electron clouds. Dispersion forces are greater in
more massive molecules with larger electron “clouds”. All molecules have LDFs.

Peesont M@W‘Vﬁ @ Move electans
= DF
. B%M —H\W\AA = S%Yangz/ g\m/wg-@r L
\/DF Uneven distribution Instantaneous  Induced dipole (@W-"—'fl\ l/D":>

of electrons in He dipole on neighboring He
2. Dipole —dipole attraction: pola are attracted to each other. The positive dipole,

of one moleeule is attracted to the@?ﬁﬂdipole of another.

Example: HCI molecules

3. Intermolecular Hydrogen bonding: hydrogen that is covalently bonded to a very

electronegative atom is also weakly bonded to the unshared pair of another
: electronegative atom.
\\\ lect tive at

20“(" H-N ,  H-A) H-F 5
LN  J t\ L - \w‘/,

K The W oin o mn
s atfacted 4o g
N, O,ow & on

Mdoces )

4. Intermolecular Forces and Molecular Physical Properties e

S

deom

As intermolecular forces increases, the melting and boiling points increase because @
more kinetic energy is needed to overcome the IMFs between molecules.
g o o0
o
006, Show o0 (MF
9 = =
> L A mp P ARP
=—

MF oden 8



Comparing lonic and Covalent Compounds

o\/aWM/

KC

Characteristic

lonic Compound

Molecular Compound

bond formation

e\echoStahe
ottvochon  biw

Slnanvl(j af
Valente, ¢~

Types of
elements in
compound

DO

M+NM

NM +NM

Physical state
at 25°C

@R

VUDE

most: Qoses
\%\‘qwls
- Solids

Melting point

LIPS S \ At
{ f\ ‘é‘ (;{,‘-I ,J J}g "g \ ’.,J\A
il
Electrical
. Conductivity in "
aqueous ~
_Arsolution F,; '
fonic

bo\e W

/ ' /' A A i |
'?“‘ h\ /N 'ﬁ\" f A " 3&{4
fons, 2Ny E0

N\“\u+ — < Cl

NHC|

Non-ele C*('ro\f}-(es



Chapter 10 Kinetic Theory, IMFs, and Phase Changes | ‘

Kinetic Molecular Theory: The tiny particles in all forms of matter are in constant motion. l

| Kinetic Energy and Kelvin temperature scale (ﬂ( —_—>
A) Temperature measures average kinetic energy gt gv = Oﬁ?
N — (o 1) %

100

intermediate Energy

\wloiecuies

LY G

Number of moiecuies

High Energy
Molecules

|

Percentage of Molecules

0 Kinetic Energb >
poteEnerd =

. |
B) Gas particle’s kinetic energy increases as '|’ e ()(/(Z{\'\/(‘(’/ C K) Nsed
|
C) Kelvin Temperature scale is (A ‘()6()\/(/\1(, 2( C(A\Im Pfo‘p(/‘/{\%q/{
213 «-__ O« .

Il.Kinetic Energy and Liquids
Intermolecular forces (between molecules) hold particles together in solid or liquid phases.

S’mngw IMF ta\e move HEAT
(MP & BP are Wigher

%ﬁ}%iwy w| Shonger UMF)

Kinetic energy keeps the molecules moving but not with enough energy to overcome the
IMFs.

Evaporation, Vapor Pressure and Temperature ’

Evaporation: TNJ & L——’)Cg MMS(S’H(N\ ’“/’OI‘}’ ‘
\/\a()pw BELOW  th.  BRP.
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e Particles with enough kinetic energy to overcome intermolecular forces escape into
gas phase
. e Evaporation rate increases as temperature increases

‘e
corde’ sar®

e
\Na\'“‘et Saw | { ’

Number of molecules

! %‘w:;:’ g‘@ TT—T
\
\

e o e ey

Evaporation in a closed container produces

N
ressure. |

Increasing temperature increases vapor pressure over a liquid until a dynamic equilibrium
is reached.

”‘; ) igJ
g \ :1‘-\&‘“ N ’(\ v \ J\g
J 4 ga
eV & — %%

\‘::j//ugz V17 §§__§‘@ o
L

( O 1\ latie liquiE_QLQPgmh quu‘cz(, [ Ca

| Nonvolatile liqu@e\/apm-'-@ gPUWhA ~ ot aJ( all.

low (P — Volahe __"'J 3 .mm_;&lgl\we
( M ‘:'\“a ’ o o0l T - ©

o L, {(/
a\ . ﬂ\@g‘w Wy | S o VN( \f\ lMF
X J i o 0 o !@\J (MF, 5 6

4)

6 %
14 NP ™ \ W UP
m V\‘Oh t\l\gwl ] v
== ' ~

Boiling Point of a Liquid (open container)
o

Boiling Point: T(/W\() @ \Lich Qﬂam\ﬁ (/@é
1S fpwseer b bresk ML (M

L= G | ;
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nigh IMF —> \ow VP—>h\gh BP -

A) Boiling point changes as external pressure changes/

Yapor Pressure of three liquids What is the vapor pressure of liquid A at e
: ; 20°C?
% | otm Mf; - L(50mmHg
(novmal @) Lo r % Jove
D go0 What is the boiling point when the
Jg: external pressure is 400 mmHg?
£
o 63°C.
Z' 400 Which liquid is most volatile? A
@
@ 4
§ 200 / Which liquid has the strongest
= M/ intermolecular forces? < ,
B P== ==l | NN Shang| higl \/P
0 B§7 40 80 80 100 120 How hot does wat need to be to b0|l at
Temperature (°C) 100 mmH

mHg? 5006

What Will be the boiling point of water on
Pike’'s Peak (elevation = 14,000 ft,
atmospheric pressure = 640 mmHg)?

lll.Kinetic Energy and Solids

melting point: '{'(’/N\P of S—=>L tmasthon € NOWYM'
QM&DW

S\ - Beeak  mest (ME ot holcll\& o :
o
sublimation: S"?G\ C5l(/1 pP5 \(¢ U'J\

Examples: /"ﬂ —>
CO2(s) > CO(g) Q_lz_\_(_ \CE (%‘ O

— 1

) >k | T (3)
| Cl, CS\)
bel (@)

3of 4 1 1
R S




IV. Phase Changes and Phase Diagrams |

Phase Changes and terms

T —
/Sublimatiot_l )
— -

/A
/ Melting ~Boiling/Evaporation B
I -
¥ ER
Solid Liquid Gas
A t )
”\
<Freezing o __(Condensation

@)sition ,)

Phase Diagram and Triple Point W "'e/f i } f

fatm))

% = tnge pont S, L % (G, |

| éw\-lﬂnj I f\AS"OV: ;
@)~ 1
B op|baiting

7 ’
?Ca{ﬂwlv«g -ty

Sulohmjrbvn A “
273 7 \O\/

as Coaa‘sh‘ng

4+ = intial PownL - LVYG ae

®
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\Cg %fo\" Chapter 19 Part 1: Reaction Rates
6 / http:/iwww.wwnorton.com/college/chemistry/gilbert/index/site_map.htm
{A\\(}) Reaction rates are measured as mol/time units. l[- CGW‘IOIMé
&

7 Colision Theory M[M%{%UA vaik wl aaen  ofher GHB
& Herds  onaan (E X( Covvect avientoon |

Exothermic Pﬁcesﬂ(forward direction)

Reaction Coordinate D|agram fo

. A Ayrxee X
Collision Theory M_;}( raaen0

" achvation

Chapter 11: Thermochemistry

___@__ - @M{Jﬂ
\wodp —AH n ,,, :
L e~ o |
E E
N @
Reactants > Products Reactants > Products

Activation Energy: ( Ea\\ TW (JYV\’\’ rr( (/3 YLQ.Z(L@A ‘l’b

St o ceaction. (amt o eutegy_to araple)
vation Complex: —“I‘Q GY\LO_MW O& adons b VY?C}LZCM@

ad ! V\m\r\w— evw,raﬂ | SJraM

.P&)(NOMLACH

B. Factors Influencmg Reactlon Rate |\(1C/r¢0$

/fﬁ 1. Temperature /1\ 'FOQ‘{'@( moleanles = move llisions = mc‘sﬁ H
R |
o 2. Concentration 4\ — mma% “{F (ff (\ﬁdﬁ&/\(QA-——\fﬂm{, cdlli3ims

a\&\/w‘ Y
3. Part$$uze W,O(ea% &AV‘&CQ/ area <= nove_ CCJ“\S\M
(Swalwr e ons)

4. Catalyst
R cpabe e ceadion (e cothts
A
L\ W4

Page 1 of 2



Catalyst Effect on Reaction Path Why do ég_tglysté ;increase reaction rate?

{ f\A €A ALY \
W \
| s

{ ~ ,1"; { il %‘ié}

LY

Examples: Catalytic Convertors

LATER

Joules

Reactants > Products

Interpret the following potential energy diagrams

Reaction 1 Reaction 2

250} - - - - -

Energy (kJ)
g

Time Reaction coordinate
A->B
A+B->c¢

1.1 Which reaction is endothermic? 1”

2. | What is the activation energy of Reaction 1? %50 LJ/

3. | What is the AH,, of reaction 1? 25(9 m—

4. What is the activation energy of reaction 2? | 00 K/T
—
5. What is the AHy, of reaction 2? % 7 5 L )

6. 'Sketch the effect of a catalyst on both reactions

7. Does a catalyst effect the AH,? NO (

Page 2 of 2
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Chapter 12 Dalton’s Law and Graham’s Law

Mixtures of Gases: Dalton’s Law of Partial Pressure

Partial Pressure: P( eSQNe, c(/be, 4 ONE 3&5 M .
- . ' |
0 confird  mixtwe  of goces
(W o cavtaver) . , k.
Verbally: At constant pressure and temperature, the total pressure exerted by a mixture

of gases is equal to the sum of the partial pressures of the component gases. \

Math Equation: p P = PA + PB + P(,
I —

q‘ CAM A
Example 1: What is the partial pressure of oxygen in air at STP (101.3 kPa Pn2 = 79.1-]
kPa,[Pcoz = 0.040 kPg and Pothers = 0.94 kPa? J
Pr=0aePe«b +bp--

015K =9 | {Da + (0,040 kP +QAY £P + e
Pz = 2. 22 K

Example 2: A sample of oxygen gas is collected over water at 20.°C. The vapor pressure

of water at 20.°C is 15 mm Hg. If the total pressure is 420 mm Hg, what is the partial
pressure of the oxygen? \ D,

| Pr=ba « C¢
- H20) = 15mmM ESIr 3
o]0 =L ooy | Pr= P+ Bon @

\ N o

a T v (T
. i‘h‘z'E -’ &
" W

20C

Al
q/@w‘ Variants of Dalton’s Law

O ?mk“‘xﬁrﬂﬁrm e \ ' POZ - L(O 5 mm H j
%c, molex) = Ra = P\m
%0‘,\ 0 Qo No\ | m0|e’|_:(_,t_al | p-i‘-_’,t_a_.“_, 100 %VM
G 2N e =0

72%‘;;‘33& Example 1: A tank contains 6.0 toles'of a mixture offhydrogen, helium, and Initrogen) At 102

’7%0'.«:5\ kPa._If there are 2,0 moles of hydrogen in the tank, what is the partial pressure of hydrogen?
Moi Ho — PHL N 72 wol H2 B

w | Molme P msl ftel [0

‘(—QO . . - 3 3-q -7
'\/_Eiample 2: A gas cylinder contains 8.0 moles of argon, 2.0 moles of nitrogen; and 2.0 moles

ofzoxygen at 600. mmHg) What is the partial pressure of nitrogen in the cylinder?(Ans = 1.0 x
10° mmHg) -
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> - Example 3: AIr'nixture of gas;s‘ with a pressure of:contains 20% hydrogen and
80% neon by volume. \Vhat is the partial pressure of neon gas in the mixture?(Ans = 760
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Example 4: In a mixture of oxygen and nitrogen gas, 70.0 percent of the total gas pressure
exerted by the nitrogen. If the total pressure is 150 kPa, what pressure does oxygen

exert?(Ans = 45 kPa) 2 ‘ 1
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Graham'’s Law Verbally: Gag’%g}igurleg%v{th the ightggt mass travel.fa(aéest.
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Which gas yvill escape slowest from a tiny hole in a balloon;lie‘, CsHs, or Xe?
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