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Exercises #1 

Characteristics of Waves 

1. Consider a wave with a wavelength  = 2.5 cm traveling at a speed of 15 m/s. 

 (a) How long does it take for the wave to travel a distance of one wavelength? 

 

 (b) How many wavelengths (or cycles) are completed in 1 second? (The number of waves or cycles 

completed per second is referred to as the wave frequency.) 

 

 (c) If  = 3.0 cm but the speed remains the same, how many wavelengths (or cycles) are completed in 1 

second?  

 

 (d) If  =  1.5 cm and the speed remains the same, how many wavelengths (or cycles) are completed in 

1 second? 

 

 (e) What can you conclude regarding the relationship between wavelength and number of cycles 

traveled in one second, which is also known as frequency ()? 

 

 Answer: (a) 1.7 x 10–3 s; (b) 600/s;  (c) 500/s;  (d) 1000/s;  (e) ?) 

 

 

2. Consider a red light with  = 750 nm and a green light  = 550 nm  

 (a) Which light travels a greater distance in 1 second, red light or green light? Explain. 

 

 (b) Which light (red or green) has the greater frequency (that is, contains more waves completed in 1 

second)? Explain. 

 

 (c) What are the frequencies of the red and green light, respectively?  

 

 (d) If light energy is defined by the quantum formula, such that  Ep = h, which light carries more 

energy per photon? Explain. 

 

 (e) Assuming that the speed of light, c = 2.9979 x 108 m/s, Planck’s constant, h = 6.626 x 10-34 J.s., and 

Avogadro’s number, NA = 6.022 x 1023/mol, calculate the energy: (i) per photon;  (ii) per mole of 

photon for green and red light, respectively. 
 

 (Answer: (c) red light,  = 4.00 x 1014/s; green light,  = 5.45 x 1014/s; (d)  

   (e) Red light, Ep = 2.65 x 10–19 J/photon = 159 kJ/mol 

        Green light, Ep = 3.61 x 10–19 J/photon = 217 kJ/mol) 

 

 

3. The following process: Cl2(g)    2Cl(g) requires 239 kJ/mol. What is the maximum wavelength of 

light (in nm) that can be used to cause dissociation of Cl2 molecules into chlorine atoms? Identify the 

spectral region of this light. (h = 6.626 x 10-34 J.s; c = 2.998 x 108 m/s; 1 m = 109 nm) 

 (Answer: max = 501 nm; visible light = green) 
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Exercises #2: 

Photoelectric Effect 

1. The work function of an element is the minimum energy needed to eject an electron from the surface of 

the solid element. For example, the work function for rubidium is 208.4 kJ/mol; that is, an energy equal 

to 208.4 kJ is required to eject one mole of electrons from the surface of rubidium metal. 

(a) How much energy (in Joule) is needed to eject a single electron from rubidium metal?  

(NA = 6.022 x 1023/mol;  h = 6.626 x 10
-34 J.s.;  c = 2.998 x 108 m/s) 

(b) What is the maximum wavelength (, in nm) of light that is capable of ejecting electrons from 

rubidium metal and produce photoelectric effect?  

(c) Which light, green light with  = 550 nm, or red light with  = 750 nm, will be able to able to 

produce photoelectric effect from rubidium metal? 

 (d) If a beam of green light with wavelength  = 550 nm strikes the surface of rubidium metal, what is 

the kinetic energy and speed (in m/s) of the ejected electron? (me = 9.11 x 10–31 kg) 
 

Answer:  (a) 3.461 x 10–19 J;  (b) max = 574.0 nm;  (c) green light,  = 550 nm;   

  (d) Kinetic energy, eK = 1.5 x 10–20 J;  speed of electron, ve = 1.8 x 105 m/s) 

 

 

 

2. The photoelectric work function of potassium is 2.3 eV. If uv light having a wavelength of 250 nm falls 

on potassium, determine: 

 (a) KEmax, in units of eV, of the most energetic electrons ejected, and the speed of those electrons. 

 (b) What is the speed of these electrons if the intensity of the incident light is doubled? 

 (h = 6.626 x 10–34 J.s; c = 3.00 x 108 m/s; 1 eV = 1.602 x 10–19 J; me = 9.11 x 10–31 kg; J = kg.m2/s2)  

 (Answer: (a) KEmax = 2.7 eV; speed of e- = 9.7 x 105 m/s; (b) same speed) 

 

 

 

 

 

 

Bohr Model for Hydrogen Atom 

 According to the Bohr’s orbit model, the electron in hydrogen atom may take up any of the allowed 

orbits whose energy is defined by the expression: En = -2.179 x 10–18
 J(

2

2

n

Z
),  

Where Z is the atomic number, and n = 1, 2, 3, ..is called the quantum number. For hydrogen atom that 

has Z = 1, and the energy of the first four orbits are given below:  

 ————————————————————————————————————— 

 Quantum #      Energy values_______________________________________ 

  n = 1   -2.18 x 10–18 J  (lowest energy level or “ground state”) 

  n = 2   -5.45 x 10–19 J  (first excited state) 

  n = 3   -2.42 x 10–19 J  (second excited state) 

  n = 4   -1.36 x 10–19 J  (third excited state) 

 ————————————————————————————————————— 

(Speed of light, c = 2.998 x 108 m/s;  h = 6.626 x 10
-34 J.s.;  1 nm = 10–9 m;  1 m = 109 nm) 
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3. (a) Why are the energy values negative?    

(b) An electron in hydrogen atom jumps from the first orbit (n = 1) to the 4th orbit (n = 4). What is the 

energy change (E) for the electron? Does the electron gain or lose energy? Explain. What are the 

frequency () and wavelength () of light that would provide just enough energy for the electron to 

make this jump? In what spectral region is this light found, uv, visible, or infra-red region? 

 

 (c) The same electron then jumps from the 4th orbit to the second orbit (n = 2). What is the energy 

change (E) for the electron in this jump? Does the electron gain or lose energy? Explain. Calculate the 

frequency () and wavelength () of light emitted from this energy change. In what spectral region is 

this light emitted, uv, visible, or infra-red region? 

 

 (d) A spectral line in the Balmer series for hydrogen is observed at  = 380 nm. If this is the result of an 

electron transition from a higher energy level n to energy level n = 2, what is the quantum number n for 

the higher energy level? [1/ = RH(1/22 -  1/n2);  RH = 1.097 x 107 m
-1 is the Rydberg constant] 

 

 (Answer:  (b) E = 2.044 x 10–18 J;   = 3.085 x 1015/s;   = 97.25 nm;  

(c) E = –4.09 x 10–19 J;   = 6.17 x 1014/s;   = 486 nm; visible;  (d) initial n = 10) 

 

 

 

 

 

Wave-Particle Duality 

4. An electron and a proton are accelerated to 25.0% the speed of light. What wavelengths are associated 

with each of them?  Express all wavelengths in picometers (1 m = 1012 pm) 

 (me = 9.11 x 10–31kg;  mp = 1.67 x 10–27 kg;  h = 6.63 x 10
-34 J.s.;  c = 3.00 x 108 m/s)   

 Answer:  e = 9.7 x 10–12 m = 9.70 pm;  pr = 5.29 x 10–15 m = 0.00529 pm) 

 

 

 

 

 

Uncertainty Principle 

5. An electron is traveling at a speed of 1.5 x 107 m/s, with an uncertainty of 1.0%. (a) What is the 

absolute value of the uncertainty in the electron’s speed (v)?  (b) If the location of the electron is 

simultaneously measured, what is the minimum uncertainty (x) in the determination of the electron’s 

location? (c) Assuming that an electron is about 10–17 m in diameter, how many times large is x 

relative to the size of an electron?  {(x).(p) > h/4; h = 6.63 x 10–34 J.s.; me = 9.11 x 10–31 kg} 
  

 (Answer: (a) v = 1.5 x 105 m/s; (b)x > 3.9 x 10–10 m; (c)x ~ 4 x 107 times the size of an electron) 
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Wave-Mechanic Concept 

 
The Schrodinger’s wavefunction is a mathematical function that describes the properties of a quantum 

mechanical system, like an electron in an atom or molecule 

 

The solution to this wavefunction is called an atomic orbital, which describe the probability of finding an 

electron in a small volume at some point in space inside the atom. 

 

Quantum numbers are numbers that identify the wavefunction, hence the orbital, the energy levels, and the 

angular momentum. (Angular momentum is the momentum of an object that moves in circular trajectory.) 

 

Each orbital is identified by a set of three quantum numbers – the principle quantum number n, the angular 

momentum number l, and the magnetic quantum number ml. 

 

1. The principal quantum number n describes the principle energy levels of the orbitals and hence the 

energy of the electron that will eventually occupy these orbital. The values for the principal quantum 

number n are restricted to positive integers (1, 2, 3, …); larger n means higher energy level. 

 

2. The angular momentum quantum number l describes the energy sublevels or subshell and the shape 

of the orbital within each subshell. Within each principal energy level or principal electronic shell, l is 

allowed values from 0 to (n – 1). All subshells with l = 0 and the orbitals within are designated the 

letter s; subshells with l = 1 are designated by letter p; subshells with l = 2 are designated letter d; 

subshells with l = 3 are designated letter f, and so on…To distinguish between subshells in different 

principal shells (or principal energy levels), the principal quantum number n is written in front of 

these letter designations, such as 1s, 2s, 3s; 2p, 3p, 4p, etc. 

 

3. The magnetic quantum number ml describes the orientation of the orbitals in space with respect to the 

x-, y-, and z- coordinates. Within each sublevel, ml is allowed values from -l through 0 to +l. For 

example, if l = 0, ml = 0; if l = 1, ml = -1, 0, or +1; if l = 2, ml = -2, -1, 0, +1, and +2, and so on…The 

possible allowed values for ml also indicate the number of degenerate orbitals within each sublevel. 

(Degenerate orbitals are orbitals having the same energy). For example, each subshell s has only one 

orbital; subshell p has three orbitals; subshell d has five orbitals; subshell f has seven (7) orbitals, and 

so on… 

 

The Pauli exclusion principle states that any two electrons must have different values for at least one of their 

quantum numbers.  

 

Since each orbital can accommodate only two electrons, a fourth quantum number is needed to identify an 

electron in any given orbital – that is, a set of three quantum numbers identify the orbital in which an electron 

occurs, but four quantum numbers are necessary to identify the electron in that orbital. This fourth quantum 

number is called the spin quantum number ms that describe the direction of electron spin, where ms is 

assigned a value of +1/2 or –1/2.  

 

For example, if one electron in 1s subshell is identified by the set of quantum numbers n = 1, l = 0, ml = 0, 

and ms = +1/2, the second electron in that orbital will be identified by the set of quantum numbers n = 1, l = 0, 

ml = 0, and ms = -1/2. This is the consequence of the Pauli Exclusion Principle. 
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Exercises #3: 

 

1. (a) For n = 3, identify all possible values of l. 
 

 (b) For l = 3, identify all possible values of ml. 

 

 (c) What are the letter designations for the angular momentum quantum number l = 1, 2, 3, and 4, 

respectively?  
 

 
2. (a) What sets of quantum numbers identify orbitals in sub-shells 2p, 3d, and 4f, respectively? 

 

 

 

 (b) What sets of quantum numbers identify three electrons having the same spin in subshell 2p?  

 

 

 

3. For n = 4, specify the number of orbitals with l = 3. Specify the maximum number of electrons that can 

occupy this subshell. 

 

 

 

4. How many electrons in an atom may have the following sets of quantum numbers?  

(a) n = 4 and l = 2?  

(b) n = 4, l = 2, and ml = 2?  

(c) n = 4, l = 2, ml = 2, and ms = +1/2?   

(d) n = 4 and ml = 2 ? 

(e) n = 4 and ms = +1/2 ? 

 

 

5. Which sets of quantum numbers are NOT allowed in the wave-mechanic model? Explain. 

 (a) n = 3, l = 2, ml = 1;  (d) n = 3, l = 0, ml = 1; 

 (b) n = 2, l = 2, ml = 1;  (e) n = 2, l = 1, ml = 1; 

 (c) n = 1, l = 0, ml = 0;  (f) n = 0, l = 0, ml = 0. 

 

6. Which of the following sets of quantum numbers, n, l, ml, and ms, correctly describes an electron 

occupying a spherical orbital in the fourth energy level in the hydrogen atom? 

 

 (a) 4, 3, 3, -1/2;  (b) 4, 2, 0, +1/2;  (c) 4, 1, 1, +1/2;   

(d) 4, 3, -3, -1/2;   (e) 4, 0, 0, +1/2. 
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7. Write the electron configuration for each of the following atoms. Draw the orbital “box” diagrams for 

the outer-most shell electrons, and use the Hund’s rule to determine the number of unpaired electrons in 

each atom. 

 

 (a)  C 

 

 

 (b)  O 

 

 

 (c)  Mg 

 

 

 (d)  P 

 

 

 (e)  Cl 

 

 

 (f)  Ar 

 

 

 (g)  Cr 

 

 

 (h)  Fe 

 

 

 (i)  Zn 

 

 

 (j)  Se 

 

 

 (k)  Sr 

 

 

 (l)  Pb 
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8. Identify an element with the following electron configuration:  [Xe]6s2 4f14 5d10. 

 

 

 

9. (a) Define ionization energy. 

(b) How does ionization energy generally vary going down a group of elements in the Periodic Table? 

Explain why. (c) How does the ionization energy generally vary going across a period (left-to-right) in 

the Periodic Table? Explain why. 

 

 

 

 

 

 

10. (a) Explain what are electron affinity and electronegativity of an atom? 

(b) How do the electron affinity and electronegativity generally vary going down a group in the 

Periodic Table? Explain why. (c) How do they vary going across (left-to-right) in the periodic table? 

 

 

 

 

 

 

11. Which element in each pair has the higher ionization energy?  Explain why. 

 

 (a)  Ba or Cs 

 

 (b)  Br or Kr 

 

 (c)  S or Se 

 

 (d)  C or Si 

 

 (e)  Mg or Al 

 

 

12. For each set, list the elements in order of increasing ionization energy (lowest to highest). 

 

 (a)  Be, Sr, Ra; 

 

 (b)  Li, C, Ne; 

 

 (c)  Be, B, N; 

 

 (d)  P, S, Ar; 

 

 (e)  Li, Be, Na; 

 


